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The reactions of photolytically produced hot hydrogen and deuterium atoms with hydrogen halides and halo­
gens have been studied in both moderated and unmoderated gas-phase systems. The ratios of the rates of 
the reactions H +  H X  -»■ H2 +  X  (2) and H +  X 2 -*• H X  +  X  (3) have been determined when H X  is HBr, 
DBr, and HC1, and the results have been compared with similar data available in the literature for HC1, 
DC1, and HI. In the absence of inert gas moderators the ratios ki*/k* for the reactions of hot atoms are
5.6 ±  0.25 for HBr, 6.7 ±  0.13 for DBr, and 8 ±  4 for HC1. The data for D atoms from the photolysis 
of DBr in the presence of D 2 moderator ([D2]/[D B r] >  70) give ki/k2 =  (12 ±  2.8) exp(0.9 ±  0.\6)/RT.

Introduction
The photodissociation of hydrogen halides leads to 

the production of “ hot”  hydrogen atoms, i.e., hydrogen 
atoms with excess translation energies with respect to 
the threshold energies of some possible reactions. These 
hot hydrogen atoms may react while they are hot (H*) 
or may be moderated by collision with other molecules 
or the walls of the reaction vessel, after which they 
react like thermal hydrogen atoms. The reactions of 
hot hydrogen atoms with molecular hydrogen (or the 
isotopic variations of these reactions),2-5 with hydro­
carbons,1'6-11 and with hydrogen halides and halo­
gens12-17 have been the subject of considerable study. 
The reactions with hydrogen halides and halogens are 
of interest not only for the intrinsic information they 
yield about the reactivity of hot hydrogen atoms, but 
also for their implications in one of the more convenient 
methods of gas-phas& ultraviolet actinometry. This 
paper presents additional data on the reactions of hot 
and thermal D atoms with DBr and Br2, and on the 
reaction of hot H atoms with HC1 and Cl2. The 
effects of inert moderators are discussed and the rela­
tive Arrhenius parameters for the reaction of D atoms 
with DBr and Br2 are calculated.

For the system consisting of H X (X  =  Br, I, and 
Cl), X 2, and inert moderator (M), the mechanism of 
photodecomposition of the hydrogen halide is as follows.
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G ardner C ottre ll grant from  R esearch  C orp oration , (b ) N S F  
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Table I : Quantum Yields of Br2 from Photolysis of Unmoderated HBr-Br2 Mixtures

([B ra]/ ([B ra]/
[HBrbavg [HBr])avg

H B r - B r 2 -PHBr or H B r —B r 2 PHBr or
or x, T, Or PDBr, ( [ B n , ] / o r x, T, o r  PDBr, ( [ B r , ] /

D B r —B r 2 A ° C T o r r » [D B r ] )a v g l/0 B r2 D B r -B r 2 A ° C T o r r “ [ D B r ] ) avg l/^B rj

HBr-Br2 2139 25 9.04 0.0401 1.13 HBr-Br2 1850 25 15.8 0.105 1.48
(2 .0- 0.0549 1.12 (ref 15, 0.139 1.71
2.3 eV) 0.0684 1.28 2.9 eV) 0.193 1.93

0.0846 1.14 0.223 2.23
0.0995 1.35 0.267 2.36
0.1115 1.67 0.339 2.64
0.1235 1.71 HBr-Br2 2482 25 15.8 0 .1 00 1.52
0.1395 1.64 (ref 15, 0.121 1.56
0.1647 1.80 1.2 eV) 0 .2 10 2.01
0.1924 2.15 0.244 2.42
0.2166 2 .0 0 0.340 2.99

HBr-Br2 2139 25 16.06 0.0457 1.17 DBr-Br2 2139 25 11.05 0.075 1.29
(2 .0- 0.0565 1.16 (1.9- 0.102 1.57
2.3 eV) 0.0667 1.15 2.2 eV) 0.209 2.71

0.0748 1.43 0.358 3.37
0.0832 1.56 0.415 3.56
0.0970 1.56 0.576 5.30
0.1150 1.61 0.850 6.50
0.1319 2.14 0.104 1.64
0.1483 1.96 0.226 1.78

HBr-Br2 2139 25 16.23 0.0459 1.32 0.323 3.26
(2 .0- 0.0652 1.28 0.381 3.35
2.3 eV) 0.0735 1.57 0.550 5.00

0.0824 1.34 0.829 6.85
0.0961 1.69 DBr-Br2 2139 120 0.113 1.79
0.1130 1.68 (1 .9 - 0.240 2.50
0.1297 2.13 2.2 eV) 0.382 3.43
0.1452 2.11 0.551 4.63
0.1631 2.14 0.118 1.91
0.2211 2.11 0.233 2.67
0.2530 2.08 0.366 3.47
0.3331 3.09 0.546 4.67

DBr-Br2 2139 200 10.93 0.468 4.08
(1 .9- 0.546 4.37
2.2 eV)

“ Pressures reported here are initial pressures, i.e., HBr or DBr pressures initially added to each cell. As the photolysis pro­
ceeds, [HBr] or [DBr] of course decrease as Br2 is produced.

H X  — >- H* +  X (2P3/2 or 2P 1/2) (1)

H* +  H X  — *- H2 +  X  (2*)

H* +  X 2 — *■ H X  +  X  (3*)

H* +  M — > H (4)

H +  H X  — >  H2 +  X  (2)

H +  X 2 — > H X +  X  (3)

2X -f- M  — *■ X 2 +  M (5)

When D X  is photolyzed instead of H X  the mechanism 
is the same, except D atoms are involved instead of H 
atoms. In the subsequent discussions of the mech­
anism it is implied that the reactions and equations 
apply to D atoms as well as H atoms, with the appro­
priate substitution of D for H in the formulas.

In pure H X, the H atoms must form H2 by reaction

2* and/or 2, leading to a quantum yield of 2.0 for H X  
consumption and 1.0 for X 2 formation. In the limit 
where [X2]/[H X ] »  1, inhibition from reactions 3* 
and 3 results in a quantum yield of 0.0 for both H X  
decomposition and X 2 formation. Measurement of 
quantum yields as a function of [X2]/[H X ] leads to 
values of k3*/ k2*, as discussed below. When the photol­
ysis is done in the presence of an excess of inert moder­
ator, it is only k3/ k2, the thermal rate constant ratio, 
that is observed. «

In the absence of added inert moderator k3*/ k 2*, 
a ratio corresponding to an average H atom energy 
derived from a non-Boltzmann distribution, is the

(15) R . A . Fass, J. Phys. Chem., 74 , 984 (1 970 ).
(16) R .  J. L etelier, H .  L . S an d ova l, and  R . D . P en zh orn , ibid., 75, 
835 (1971).

(17) G . O . W o o d  and  J. M . W h ite , J. Chem. Phys., 52 , 2613 (1 970 ).
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measured quantity. All that is known about the energy 
distribution in these systems is that the maximum 
energy of H relative to H X  and X 2 (ignoring the effects 
of thermal motion of the H X  and X 2) is equal to the 
difference between the energy of the exciting photon 
and the H X  bond energy, calculated from the center 
of mass of H X .18 Because of the large mass of X  com­
pared to H or D, practically all of the photon energy 
in excess of the bond energy ends up as kinetic energy 
of the H or D atom, assuming no electronic excitation 
of the halogen atom.19 Calculated values of the ini­
tial energy for each wavelength and halide used are 
given with the data in Tables I and II. This is some­
times a gross approximation because of the effects of 
thermal motion; Kuppermann, et al.,20 and Gann and 
Dubrin21 have shown how to determine the initial 
(i.e., before any collisions) energy distribution of the 
H atoms taking this motion into account. Since w'e 
find no wavelength effect (i.e., no energy effect) for 
fa*/k2* in unmoderated systems (see below) it is suffi­
cient in this work to separate our discussion into that 
applying to “ thermal”  atoms and to “ hot” atoms with­
out specifying the details of the hot atom energy and 
distribution.

There is now a substantial body of data on the rela­
tive rates of reactions of hydrogen atoms in H X -X 2

Table II: Quantum Yields of Br2 from the 2139-A Photolysis
of DBr-Brs. Mixtures Moderated with 700 Torr D2

T, PDBr, ( [ B n ] /
°c T o r r [D B r ] ,  avg l/4>Brs

25 9.90 0.065 4.17
0.102 6.38
0.138 7.25
0.194 12.5
0.250 16.3

25 8.04 0.065 5.00
0.109 7.46
0.178 9.40
0.227 13.8
0.298 19.8

25 8 .0 0 0.105 5.62
0.128 6.50
0.405 25.7

60 8.27 0 .1 20 5.62
0.149 7.30
0.295 15.6
0.350 15.6

120 8 .0 0 0.014 1.24
0.072 3.03
0.147 5.38
0.338 13.3

155 8 .21 0.014 1.42
0.094 3.75
0.205 8 .2 0
0.328 13.1

200 8.33 0.085 2.39
0.186 5.43
0.314 10.3
0.468 15.4

systems and several patterns have begun to emerge. 
The original data of Schwarz, et al.,12 on the reactions 
of hot H atoms in the HBr-Br2 and H I-I2 systems have 
been shown to be in error,12-14'16 and corrected values 
of k3*/k2* for these systems have been given. The 
ratios of thermal rate constants and the relative Arrhen­
ius parameters for these reactions have also been mea­
sured in some of these systems.14-16 Data on the hot 
and thermal reactions of D atoms in DC1-C12 systems 
have been provided by Wood and White,17 and the 
present paper provides similar data for D atoms in 
the DBr-Br2 system and for the reactions of hot H 
atoms in the HC1-C12 systems. These data are com­
pared in the last section of this paper and the implica­
tions of this comparison are discussed.

Experimental Section
Matheson HBr was used as received (99.8% min­

imum purity) except for degassing and distillation 
under vacuum. It was stored in a Pyrex flask on a 
vacuum line and showed no appreciable decomposition 
over a period of several months. DBr was purchased 
from International Chemical and Nuclear Corp. (iso­
topic purity 99 atom % ) and was similarly stored in a 
Pyrex flask. HC1 (electronic grade) and Cl2 (high- 
purity grade) were purchased in lecture bottles from 
Air Products and Chemicals, Inc., and were used in 
the same way as the HBr. Br2 was Matheson Cole­
man and Bell ACS Reagent grade, and was stored in an 
evacuated Pyrex tube. All of these chemicals were 
stored behind Teflon stopcocks. Matheson D2 (CP 
grade, 99.5 atom % ) was used as received.

The light sources used in this work were a Phillips 
No. 93106 zinc vapor arc and a Hanovia low-pressure 
mercury arc. The zinc arc emits only three strong lines 
in the absorption region of HBr and DBr, 2026, 2062, 
and 2139 A. Actinometry performed with and without 
a cis-2-butene filter to cut out the lines below 2100 A 
(approximately 200 Torr cfs-2-butene in a 1-cm quartz 
cell) indicated that roughly half of the output of the 
lamp is below 2100 A, half at 2139 A. In most of 
the work described below, this distribution was not a 
problem and the as-2-butene filter was not used for 
the photolyses. A typical intensity available from 
the zinc lamp is 5 X 1014 photons/sec. It was neces­
sary, however, to make small corrections for the chang­
ing rate of photon absorption due to the changing 
concentration of HBr or DBr in the cells during a 
photolysis, and for this purpose it was necessary to 
know the wavelength distribution approximately. 
The low-pressure mercury arc had a Suprasil window

(18) R . A . Fass, P h .D . Thesis, U n iversity  o f W iscon sin , 1969.
(19) R . M . M artin  and J. E . W illa rd , J. Chem. Phys., 40 , 2999 
(1964).
(20) A . K u pperm an n, J. S tevenson, and P . O ’K eefe , Discuss. 
Faraday Soc., 44 , 46 (1967).
(21) R . G . G ann and J. D ubrin , J. Amer. Chem. Soc., 92, 450 (1970).
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o
and therefore emitted both the 1850- and the 2537-A

o
lines. Only the 1850-A line is absorbed significantly 
by HBr, DBr, or HC1 so filters were not necessary for 
these photolyses.

In several of the experiments it was useful to have a 
very intense, but not necessarily monochromatic, 
ultraviolet source so that HBr or DBr could be decom­
posed rapidly in order to change the ratio of Br2 to 
HBr or DBr in the cell. A Hanovia Model 673A-36, 
high-pressure mercury lamp was used for this purpose; 
it provided enough uv radiation to decompose HBr 
more than 100 times faster than the zinc source used 
for quantum yield measurements.

All cells were filled on a mercury-free vacuum line; 
contamination from stopcock grease was avoided by 
using Teflon stopcocks and Viton-A O-ring seals on 
all standard taper connections. Pressures were me­
tered on a Wallace and Tiernan FA-141 low-pressure 
gauge (0-37 Torr) or an FA-145 gauge (0-800 Torr). 
The accuracy of the FA-141 gauge is given by the man­
ufacturer as approximately 0.1 Torr, and that of the 
FA-145 gauge as approximately 1 Torr. These were 
verified by comparing the pressure reading on the gauge 
with the corresponding concentration of HBr in a 
photolysis cell as measured with a Cary Model 14

o
spectrophotometer at 2100 A. The molar extinction 
coefficient of HBr used in this calculation is 154.5 ±  
0.8 M ~l cm-1, as measured by Huebert and Martin.22

The photolysis cells were Suprasil, 22-mm cylindrical 
cells with 100 mm path length. They were fitted with 
graded seals and greaseless stopcocks. When DBr 
was used, the vacuum line and cells were always treated 
with DBr prior to filling the cells in order to assure 
the isotopic purity of the DBr in the photolysis cell. 
DBr (approximately 20 Torr) was metered into the 
line, allowed to remain for about 0.5 hr, and then pumped 
out. This procedure was used because of the tendency 
of DBr to exchange rapidly with the walls of a Pyrex 
system.2

When unmoderated HBr-Br2 or DBr-Br2 systems 
were being examined, the H2 or D2 produced during 
photolysis was periodically pumped out of the cells 
to prevent it from builidng up to a point where it 
might have a significant moderating effect on the hot 
atoms.

Extinction coefficients for HBr and DBr used in 
this work were those given by Huebert and Martin22 
and those of Gordus and Caughey.18'23 Interpolation 
of these data gave values at 2139 A of 115.6 and 82.5 
M ~l cm-1 for HBr and DBr, respectively. A value 
of 170 M -1 cm-1 at 4160 A was used for the extinction 
coefficient of Br2 at 4160 A .24 Quantum yields were 
determined by measuring the rate of formation of Br2 
spectrophotometrically at 4160 Â in the HBr and DBr 
systems,^and the rate of formation of Cl2 as measured 
at 3300 A in the HC1 systems. Actinometry was based 
on the fact that the quantum yield of decomposition

2804 R. A. Fass, J. W. Hoover, and L. M. Simpson

Figure 1. Reciprocal Br2 quantum yields vs. [Br2]/[HBr] for 
unmoderated systems (fc3*/fe* = 5.6 ±  0.25).

of H X  (X  = Br or Cl) is 2.0 in the absence of X 2, and 
the quantum yield of formation of X 2 is therefore 1.0. 
The small amount of X 2 formed in a typical actinometric 
measurement usually had a very small effect on the 
quantum yield of decomposition of HX, but this in­
hibitory effect was corrected for when necessary. Ac­
curate extinction coefficients for Cl2 were not available, 
so in the HC1-C12 systems the relative concentrations 
were calculated solely from the readings on the Wallace 
and Tiernan pressure gauges when the gases were 
metered into the photolysis cells. In the HBr and 
DBr systems the concentrations were also checked 
spectrophotometrically.

Most of the experiments with DBr were done at 
initial DBr or HBr pressures between 8 and 16 Torr. 
Experiments with the HBr-Br2 system (see Figure 1 
and discussion below) verified that the rate constants 
were, as expected, independent of pressure in this range. 
As each sample was photolyzed, giving successively 
higher [Br2]/[H Br] or [Br2]/[D Br] ratios, the total 
HBr or DBr pressure decreased accordingly. At the 
pressures used in these experiments the optical densities 
of HBr and DBr in the photolysis cells at 2139 A were 
such that there was incomplete absorption of the radia­
tion from the zinc lamp, and it was necessary to correct 
for this incomplete absorption in the calculations as 
the HBr or DBr concentration changed. The HC1 
pressure used in the HC1-C12 systems was 200 Torr, 
and there was virtually complete absorption of all of 
the 1850-A radiation from the mercury lamp. Under

(22) B . J. H u eb ert and  R . M . M artin , J. Phys. Chem., 72, 3046 
(1968).
(23) A . A . G ord u s  and  D . A . C au gh ey , A bstracts , 150th  N a tion a l 
M eetin g  o f the  A m erican  C hem ica l S ociety , A tla n tic  C ity , N . J., 
S ept, 1965.
(24) A . A . Passchier, J. D . C hristian, and  N . W . G regory , J. Phys. 
Chem., 71 , 937 (1967).
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these conditions, the quantum yield of Cl2 formation 
in a particular HC1-C12 mixture could be calculated 
as thê  ratio of the rate of optical density change at 
3300 A in the mixture to the same rate in 200 Torr 
of pure HC1. This procedure obviated the need to 
obtain accurate extinction coefficients for HC1 and Cl2.

The photolysis train consisted of the zinc or mercury 
lamp, a biconvex f / 1.0 fused silica lens, and a thermo­
statically-controlled aluminum block housing for the 
photolysis cell. The temperature for 25° studies was 
controlled by passing water from a Haake Series F 
temperature-regulated circulator through coils in the 
aluminum block. For the higher temperature studies 
a different block was used, heated electrically and con­
trolled by a Fenwal thermoswitch. The temperature 
control in this housing was ± 1° as measured with a 
thermocouple inserted into the center of the block.

Results
The mechanism described by reactions 1 through 5 

leads, through the usual steady-state considerations, 
to the expression

1 = kt'[X t] 
0x+  /c2'[H X ] ' (I)

In this equation, k3' and k2 are the rate constants char­
acteristic of the particular hydrogen atom energy dis­
tribution in each experiment. Thus, in experiments 
with an excess of inert moderator k3'/k2 =  k3/k2,
the ratio of thermal rate constants. In “ unmoderated” 
systems (containing H X  or D X, and X 2, but no inert 
moderator) k3'/k2 represents an average ratio for all 
of the H or D atoms in the system. As discussed below 
there is evidence which indicates that in unmoderated 
systems of HBr and Br2 all of the hydrogen atoms react 
before reaching thermal energies, so that k3'/k2 =
k3*/k2*, the ratio for some unspecified distribution of 
hot atoms. It has been assumed here that the same 
is true for the DBr-Br2 system.

In their discussion of the reactions of D atoms with 
DC1 and Cl2, Wood and White17 found it necessary 
to consider the effect of moderation of the hot D atoms 
by DC1 and Cl2. If this effect is significant, then there 
is, of course, no such thing as an unmoderated system. 
They found that their data for systems in which no 
inert moderator was added were described by the equa­
tion

1/ 0 = 1  +  (fc4D(W )  +  {(h*/k2*) +

(kicu/k2*)){ [C12]/[DC1]} (II)

where the rate constants refer to the reactions as given 
in this paper, with DC1 and Cl2 substituted for H X  and 
X 2, respectively. The rate constants fc4DC1 and fc4Ch 
refer to the moderation of hot D atoms by DC1 and 
Cl2, respectively. Wood and White17 find that fc4DC1/fc2 
=  0.65 and k,pu/k2* =  1 for D atoms of approximately

2 eV initial energy. If a similar mechanism were oper­
ative in the DBr-Br2 system we would expect that (a) 
plots of 1/0 vs. [HBr]/[Br2] would have intercepts 
differing from unity by an amount equal to the ratio 
kAHBT/k2* and (b) the slopes of these plots would vary 
with initial H atom energy since one would expect 
that fc4Br! would increase and k2* would decrease as 
the initial H atom energy is decreased. None of the 
plots from the earlier work16 on the HBr-Br2 system 
or the present work on the DBr-Br2 system deviated 
significantly from linearity or gave intercepts signifi­
cantly different from unity, and variation of the initial 
energy of H atoms from approximately 1 to 3 eV (by 
photolyzing at three different wavelengths) resulted 
in no significant change in the slopes (see results below). 
It is therefore concluded that within the limits of de­
tection in these studies, eq I is an adequate description 
of the reaction mechanism for the HBr-Br2 and D Br- 
Br2 systems, i.e., kAHBr/k2* «  1, fc4DBr/fc2* «  1, and 
k4B” /k2* « k 3*/k2*.

Data for the HBr-Br2 system are shown in Figure 1, 
where earlier data15 on the photolysis of unmoderated 
systems of HBr and Br2 photolyzed at 1850 and at 
2482 A are combined with recent measurements for

o o
the same mixtures photolyzed at 2139 A. The 2139-A 
data include measurements at several initial HBr pres­
sures from 9 to 15 Torr. The slope of this plot is 
0.97 ±  0.05 when all points are used. Since this is, 
within experimental error, in agreement with I, the 
line drawn in Figure 1 is the least-squares line forced 
through an intercept of 1.0. The linear correlation 
coefficient is 0.93, and the lines calculated individually 
for each initial HBr pressure and wavelength are in 
agreement with each other within their uncertainty 
ranges. All uncertainties reported in this paper are 
standard deviations unless otherwise specified. The 
data for Figure 1 are also summarized in Table I, and 
the slope of the line forced through an intercept of 1.0 
is k3*/k2* = 5.6 ±  0.25. The value reported pre­
viously,16 based on fewer points, was 5.3 ±  0.4.24a

Quantum yields were measured for unmoderated 
DBr-Br2 systems photolyzed at 2139 A, with the re­
sults shown in Figure 2 and given in Table I. In­
cluded on this plot are several measurements made 
at 120 and 200° as well as 25°. The intercept calcu­
lated from these points is 0.9 ±  0.10. The slopes of 
the lines drawn through an intercept of unity in I1 igure 
2, in accordance with eq I, are 6.78 ±  0.19 at 25° and 
6.65 ±  0.09 at 120°, verifying that in these unmod­
erated systems we are seeing only hot, and therefore 
temperature-independent reactions. The correspond-

(24a) N o te  A d de d  in  P r o o f . J. M . W h ite  and  H . A . Su gen erously  
p ro v id e d  a p rep u b lica tion  c o p y  o f  a p ap er in  w h ich  th e y  rep ort a 
sm all w avelen gth  effect fo r  h */h *  in H B r -B r 2 system s. T h e y  find 
k3*/h*  =  4.11 ±  0 .16  fo r  1850-A  p h oto lys is , and  fe* /fe i*  =  5.48 
±  0.22  fo r  2290-Â  p h oto lys is . A lth ou g h  these d ata  disagree som e­
w h at w ith  those  in  re f 15 and  th is  paper, th e  d isagreem en t d oes  n ot 
a ffect a n y  o f  th e  qu a lita tiv e  con clu sion s o f  th is  paper.
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Figure 2. Reciprocal Br2 quantum yields vs. [Br2]/[DBr] for 
unmoderated systems photolyzed with zinc resonance lamp. 
Initial D atom energy «  2 eV (k3*/k3* = 6.7 ±  0.13).

Figure 3. Effect of inert moderators on k3 /k3 for HBr. 
Photolysis with zinc resonance lamp at 25°; initial HBr 
pressures = 15 Torr.

ing slopes for thermalized D atoms are (see below) 
58 ±  1.7 at 25° and 35 ±  1.5 at 120°. The linear 
correlation coefficient of the data in Figure 2, using 
all points, is 0.99 and the slope of the line shown in the 
figure is k3*/k2*  =  6.7 ±  0.13.

Earlier^work with the HBr-Br2 system photolyzed 
at 1850 A 15 indicated that a ratio of at least 40/1 of 
[He]/[HBr] is necessary to thermalize essentially all 
of the H* atoms before they react with HBr or Br2. 
Furthermore, these studies16 showed that the same ratio 
of C 02 to HBr was clearly insufficient to thermalize 
all of the 3-eV H* atoms despite the appearance of an 
apparent plateau in plots of h'/ki vs. moderator con­
centration. Despite this, several reports have ap­
peared of studies of reactions of “ thermal”  hydrogen 
atoms from photolysis of HI,14 HBr,16 or H2S.25'26 In 
order to provide a check on the possibility that the 
relatively inefficient moderation by C 02 was unique to

R. A. Fass, J. W. Hoover, and L. M. Simpson

Figure 4. Reciprocal Br2 quantum yields vs. [Br2]/[DBr] for 
systems moderated with 700 Torr of D2 and photolyzed with 
zinc resonance lamp.

the experiments with 3-eV hydrogen atoms, similar 
studies were undertaken with 2-eV hydrogen atoms 
produced from the 2139-A photolysis of HBr. The 
results are shown in Figure 3. It is clear that in this 
case also, C 02 is less efficient than He, and that a ratio 
of 40/1 of [C02]/[H Br] is insufficient to completely 
thermalize all of the hot hydrogen atoms. Compared 
to the earlier data,16 the moderating efficiencies of both 
C 02 and He seem to have increased slightly, probably 
due to the lower initial H atom energy in the present 
work. Complete thermalization would have given 
a value of kj/k2' of approximately 25, the value for 
thermalized H atoms calculated from the Arrhenius 
equation reported previously.16 In the present studies 
on reactions of D atoms with DBr and Br2, a ratio of >  
70/1 of D2 to DBr was used to thermalize the D atoms. 
Since D2 can remove energy from D atoms by the ex­
change reaction D* +  D2 = D2* +  D as well as by 
elastic collisions, it was assumed that this concentration 
of D2 was sufficient to thermalize all of the 2-eV D 
atoms.

Data on the quantum yields of Br2 formation in 
thermalized systems photolyzed at five temperatures 
from 25 to 200° are given in Figure 4 and included in

(25) G . R . W o o lle y  and R . J. C v eta n ov ic, J. Chem. Phys., 50 , 4697 
(1969).
(26) R . D . P enzhorn  and B . deB . D arw ent, ibid,., 55 , 1508 (1 971).
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Figure 5. Temperature dependence of k3/k2 for DBr-Br2 
system: A3/A2 = 12 ±  2.8 and E2 — E3 = 0.9 ±
0.16 kcal mol-1.

Table II. The least-squares slopes of the straight 
lines (drawn through an intercept of 1.0) are k3'/k2' = 
58 ±  1.7, 44 ±  2.2, 35 ±  1.5, 36 ±  1.5, and 32 +  0.6 
at 25, 60, 120, 155, and 200°, respectively. An Arrhen­
ius plot of these data is shown in Figure 5, and it yields 
values of E2 — E3 = 0.9 ±  0.16 kcal mol-1, and A3/A2 
=  12 ±  2.8.

In order to provide some data on reaction of hot H 
atoms with HC1 and Cl2 for comparison with data on 
the other hydrogen halide-halogen systems now avail­
able in the literature, several quantum yield measure­
ments were made of Cl2 formation in unmoderated HC1- 
Cl2 systems photolyzed at 1850 A. The energetics 
of this system indicate that the initial energy of the 
hydrogen atom is approximately 2 eV. Because of 
the extremely long photolysis times required for these 
measurements it was not practical to obtain a very 
precise value of k3*/k2*. The best estimate, based on 
four quantum yield measurements, is k3*/k2* (for 
HC1-C12) = 8 ±  4.

Discussion

Energy Distribution of H Atoms in Unmoderated 
Systems. The data presented in this paper, taken to­
gether with earlier data on the HBr-Br2 system, pro­
vide strong evidence that thermalization of H* atoms 
by HBr, Br2, or the walls of the reaction vessel is unde­
tectable relative to reactive collisions of the hot hydro­
gen atoms with HBr and Br2, i.e., fc4HBr/fc2* <<C 1 and 
fc4Bn/fc2* <5C k3*/k2*. In summary, the evidence is 
that (a) plots of 1 /<j> vs. [Br2]/[HBr] are linear and, 
within experimental error, have intercepts of 1.0 ; (b) 
the slopes of these plots were identical, within exper­
imental error, for H atoms produced by HBr photolysis 
at 1850, 2139, and 2480 A; and (c) the quantum yields 
in the unmoderated systems give no detectable temper­
ature dependence. It is clear, then, that all hydrogen 
atoms react while hot in this system, contrary to the 
conclusions of Wood and White17 for the DC1-C12 
system. A possible explanation for this discrepancy 
is that absolute reactive cross sections for H atoms with 
DC1 and Cl2 are considerably lower than those for H 
atoms with HBr and Br2, a fact which is expected from 
the higher activation energies of the former compared 
to the latter. In the DC1-C12 system, therefore, ther­

malization processes compete more favorably for hot 
H atoms than they do in the HBr-Br2 system.

The fact that k3*/k2* is independent of H atom energy 
from about 1 to 3 eV suggests that the reaction cross 
sections for reactions 2 and 3 are relatively constant 
over this energy range. These studies provide no 
means of measuring absolute reaction cross sections.

Effect of Inert Moderator on Br2 Quantum Yields. 
The results shown in Figure 3 indicate clearly that He 
and H2 are both much more efficient than C 02 for 
moderating hot H atoms with initial energies from 1 to 
2 eV. This casts some doubt on the quantitative re­
sults obtained for the rate constants of some of the 
reactions of these thermal hydrogen atoms produced 
by photochemical means.14,16'25'26 In agreement with 
Wood and White for the DC1-C12 system,17 we find 
that very small amounts of moderator have a very 
marked effect on the quantum yields and thus on the 
relative reaction rates. An apparent “ plateau”  is 
soon reached, however, beyond which the approach 
to complete thermalization is very slow but not insig­
nificant. This apparent plateau is what led several 
workers to assume that complete thermalization has 
been achieved. The results of Figure 3, in which the 
efficiency of moderation by He is seen clearly, suggest 
that this conclusion is in error.

There is some disagreement in the literature about 
the mechanism of moderation of hot hydrogen atoms 
by inert gases. Penzhorn and Darwent14 concluded 
that moderation of 2.0- and 0.8-eV hot H atoms by 
C 02 proceeded via elastic “ hard-sphere”  collisions. 
Wood and White17 disagree, citing their results as 
evidence for a substantial amount of inelasticity in 
the collisions of D with C 02. They suggest that the 
relative moderating efficiencies of three moderators, 
DC1, C 02, and Xe, are very sensitive to the number of 
internal energy levels which are available in the moder­
ator. The moderation data given in Figure 3 are not 
sufficiently accurate to draw any quantitative conclu­
sions about relative moderating efficiencies, but they 
do suggest that H2 and He are much more efficient 
than C 02 for moderating hot H atoms. Only elastic 
collisions are possible with He, and the low mass of 
this atom would tend to make it relatively efficient as 
an H atom moderator. C 02 has many accessible in­
ternal energy levels, so it could be an efficient moder­
ator if collisions are inelastic, whereas the high mass 
of C 02 compared to H would make C 02 an inefficient 
moderator via elastic collisions. It is therefore not 
too surprising that He turns out to be a more efficient 
moderator than C 02. Conclusions regarding the elas­
ticity of collisions are made much more difficult, how­
ever, by the fact that even if all moderating collisions 
were elastic it is known that a hard-sphere potential 
can be a very poor approximation. For example, 
Estrup27 has shown that in reactions of hot recoil 
tritium atoms with methane in helium-moderated
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systems, the tritium-helium potential is considerably 
“ softer”  than a hard-sphere potential and considerable 
errors will be encountered if a more realistic potential 
is not used. It is clear that more accurate data on the 
relative moderating efficiencies for H and D atoms in 
these H X -X 2 and D X -X 2 systems are needed, and 
such studies are now underway in this laboratory. 
Without such data it is premature to speculate about 
the reasons for the behavior of the moderator curves 
in Figure 3.

Comparison of D +  DBr and Br2 Data with other 
Data. The data of Table III present all of the avail­
able information on the relative rate constants for H +  
H X and H +  X 2, both hot and thermal. Uncertain­
ties have been included in this table only for data from 
this work and ref 15 because it is difficult to obtain 
estimates which have the same significance from each 
of the references used. It should be noted that in many 
cases differences which appear on Table III may not 
be significant because of experimental error.
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Table III : R a te  P a ra m e te rs  fo r  R e a c t io n s  o f  H y d r o g e n  A to m s

H° +  HX — h 2 +  X

(3) „ TTV 1 Vil -f- Yl * 1 I A  A

Ez -  Ei.
HX- keal mol“1 A 3 /A 2 k3*/kz*

DC1 1.9“ 12.9“ 6 .5 d
HC1 1.5“ 6.9“ 8/
DBr 0.9 ±  0.16/ 12 ±  2.8/ 6.7 ±  0.13/
HBr 0.8 ±  0.3“ 6.8 ±  2» 5.6 ±  0.25/ ■"
HI 0.6* 5.0* 4.2*

° T h e  sa m e  e q u a t io n s  a p p ly  t o  D X - X .  sy s te m s  w ith  H  re­
p la ce d  b y  D . * T h is  is th e  r a t io  o f  r e a c t io n  p ro b a b ilit ie s  fo r  
h o t  H  o r  D  a to m s . See  t e x t . “ A  c a lc u la te d  v a lu e  b a se d  o n  
th e  H C 1 d a ta  in  re f 28 (s e e  re f 17). d R e fe r e n c e  17. “ R e fe r e n c e  
28. f  T h is  w o rk . “ R e fe r e n c e  15. * R e fe r e n c e  14.

There are clear trends from X  = I to Br to Cl, both 
for the H atom systems and the D atom systems, and

few of the features are very surprising. It has been 
suggested14-16 that there might be a direct correspon­
dence between the ratios of Arrhenius preexponential 
factors and the ratios of rate constants for correspond­
ing hot reactions. This would be predicted from the 
very simple collision theory interpretation of the Ar­
rhenius equation which attributes the preexponential 
factor to a collision frequency and a steric factor. The 
data of Table III indicate that this correlation is at 
best only an approximation, and it may, in fact, be 
that the ratio of preexponential factors is always slightly 
higher than the ratio of hot reaction probabilities. In 
the deuterated systems the difference between ther­
mal and hot ratios appear to be beyond the limits of 
experimental error. The significance of this fact is 
not yet clear.

It should be noted that this comparison between 
thermal and hot atom rate constants is based on the 
assumption that for the thermal studies in H I-I2, 
HBr-Br2, and DBr-Br2 systems the hot atoms have 
been completely thermalized by the added inert moder­
ator. As discussed above, there is some doubt about 
this29 and it is certainly not known to what extent a 
small deviation of the steady-state hydrogen atom energy 
distribution from a Boltzmann distribution will affect 
the relative rate constants. It is conceivable, because 
of the relatively low thresholds for these reactions, that 
the effect might be considerable. Since the ratios of 
preexponential factors appear to be slightly larger 
than the corresponding ratios of hot reaction prob­
abilities, the former should be considered lower limits 
to the values for completely thermal atoms. Likewise, 
the activation energy differences might also be con­
sidered lower limits.

(27) P . J . E strup, J. Chem. Phys., 41 , 164 (1964).
(28) F . S. K lein  and M . W olfsberg , ibid., 34, 1494 (1961).
(29) O ne review er reports that extensive ca lcu lations have show n 
that the m oderator  to  reactant ratios used here result in energy  
d istribu tions w h ich  are sign ificantly  different from  the B oltzm an n  
d istribu tion . T h is  is due to  the  effect o f  “ a ct iva tin g ”  co llisions in 
w h ich  H  (or  D ) atom s gain energy from  the therm al m oderator 
m olecu les.

R. A. Fass, J. W. Hoover, and L. M. Simpson
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A shock tube coupled to a time-of-flight mass spectrometer was used to study the exchange reaction, CD4 -f- 
HC1 ;=± CD3H +  DC1, over a density range 1.7-4.1 X 10-6 mol cm-3 in the temperature region 1600-2500°K. 
In the lower temperature range (1600-1900°K) DC1 exhibits a quadratic time-dependent growth rate while 
at higher temperatures (2200-2500°K) increase of DC1 is a linear function of time. The only chlorine-con­
taining product is deuterium chloride. Rate constants extracted from the quadratic and linear regions yielded 
activation energies of 51 and 30 kcal mol-1, respectively. An atomic mechanism for the exchange predicts 
both time dependencies and the transition between them. Pyrolysis of methane occurred along with the 
exchange but the growth rate of the products ethane, acetylene, and diacetylene was shown not to be catalyzed 
by the presence of HC1. Acetylene was the major product of the pyrolysis. Exchange was observed in both 
major and minor products. The ratio CH3: CBu was less than one when pyrolysis products were not detected 
and greater than one when they were present. This finding suggests the presence of methyl radical in the 
reaction mixture. The results are discussed in terms of an atomic mechanism.

Introduction
Exchange reactions of diatomic and simple poly­

atomic molecules have been studied by two shock tube 
techniques: one, the single pulse method (SPST) 
which utilizes static samplings, and the other, a com­
plementary facility composed of two shock tubes 
equipped to monitor infrared emission and time-of- 
flight (TOF) mass spectrometry, both tubes employing 
dynamic sampling of reacting gases. The reactions of 
HCl2a and HCN2b exchanging with D2 have been 
studied by the complementary techniques. Reaction 
of H2 +  D2 and the self-exchange of HD were followed 
by TOF2o'd and single-pulse3 techniques and agreement 
between the two methods has been demonstrated.2c'd

These exchange reactions are characterized by low 
activation energies when comparison is made to molec­
ular or atomic mechanisms, inert gas dependencies, a 
variety of orders for reactants, and, as revealed by the 
dynamic sampling experiments, a nonlinear time de­
pendence for product formation.

In exchange reactions involving diatomic molecules, 
the only species detected are diatomic exchange prod­
ucts. However, the products from HCN +  D2 in­
clude C2N2 in small amounts.213 It has not been estab­
lished whether the mechanism for production of C2N2 
involves radicals, but it is known that the formation in­
volves more than a single reaction step.4 Notwith­
standing the presence of cyanogen, the rate of exchange 
is well described by the quadratic growth of DCN. 
Whether or not a more complicated system with re­
spect to abundance of pyrolysis products follows a 
pattern exhibited by simpler exchange systems is the 
subject of this investigation.

Professor Bauer and his coworkers studied the CH4 +  
D2 reaction in the temperature range 1440-1755°K

(SPST) under conditions of negligible 0 2 impurities.5 
Samples extracted from the reflected zone were ana­
lyzed with a mass spectrometer for CH4, D2, CH3D, 
and HD. Evidence for methane pyrolysis was not 
found. The reaction is reported to proceed through a 
four-center complex in accordance with the vibrational 
excitation mechanism proposed by Bauer.3a

Burcat and Lifshitz (BL)6 studied the exchange 
system CH4 +  CD4 in the temperature region 1340- 
I745°K (SPST). They report a zero-order depen­
dence with respect to inert gas although Bauer found 
an order of 0.6 for the inert diluent. BL interpreted 
their results in terms of a methyl radical chain mech­
anism resulting from the pyrolytic initiation step 
CH4 —► CH3 +  H, followed by the exchange reaction 
CH3 +  CD4-* C H 3D +  CD3.

Several questions are apparent from a comparison of 
these two methane exchange reactions. Both studies 
are in the same temperature range, yet Bauer argues 
against the importance of pyrolysis in the exchange

(1) (a ) S u p p ort o f  this w ork  b y  th e  N a tion a l Science  F ou n d ation  
under G rant N o . G P -23137  and also funds fo r  equ ipm en t from  N S F  
D ep artm en ta l Science  D ev e lop m en t P rogram  G U -2 632  are grate­
fu lly  a ck now ledged , (b ) P ap er presented  in p art at th e  S outhw est 
R eg ion a l M eetin g  o f the  A m erican  C hem ica l S ociety , San A n ton io , 
T e x ., D e c  1971.
(2) (a) R . D . K ern  and  G . G . N ika, J. Phys. Chem., 75 , 171 (1 971 );
(b ) J. M . B ru p bach er and  R . D . K ern , ibid., 76, 285 (1 9 7 2 ); (c)
R . D . K ern  and  G . G . N ika, ibid., 75 , 1615 (1 9 7 1 ); (d ) R . D . K ern  
and G . G . N ika, ibid., 75, 2541 (1971).
(3) H 2 +  D 2: (a) S . H . B auer and  E . Ossa, J. Chem. Phys., 45,
434 (1 9 6 6 ); (b) A . B u rca t and  A . L ifsh itz , ibid., 47, 3079 (1 9 6 7 );
H D  +  H D : (c) D . Lew is and S. H . B auer, J. Amer. Chem. Soc., 90, 
5390 (1968).
(4) J. M . B ru p bach er and R . D . K ern , w ork  in progress.
(5) W . S. W a tt, P . B orrell, D . Lew is, and S. H . B auer, J. Chem. 
Phys., 45 , 444 (1966).
(6) A . B u rca t and A . L ifsh itz, ibid., 52 , 3613 (1970).
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sequence while BL rely entirely on methane decom­
position to furnish a supply of methyl radicals in order 
to explain their results. The neglect of pyrolytic 
pathways in the Bauer study might be reconciled by 
the proposal that hydrogen, a major product of the 
pyrolysis, may have an inhibitory effect on the decom­
position. The following two shock tube investigations 
reported no such effect.

Skinner and Ruehrwein7 studied the thermal decom­
position of methane (SPST). Their data did not sup­
port an inhibitory function for H2 and led to a proposed 
mechanism

CH4 CH3 +  H 

H +  CH4 — >- CH3 +  H2 

2CH3 — >  C2H6*

where kd =  1014-71e-101,000/Br sec-1. A later study 
(SPST) by Heath and coworkers8 substantiated a non­
inhibition role for H2. However, these workers inter­
preted their data in terms of a pyrolysis sequence that 
involved methylene radical

CH4 - X  CH2 +  H2 

CH2 +  CH4 2CH3 

2CHs — > C2H6*

where kd' =  1014-12e-93'000/flr sec-1. According to 
these investigators, an activation energy of 93 kcal 
mol-1 is indicative of decomposition to CH2 but does 
not rule out an initiation step yielding CH3. An 
overall reaction rate expression is derived which ac­
counts for homogeneous shock tube results and flow- 
reactor studies where H2 was observed to inhibit the 
pyrolysis (see ref 8).

A clear decision as to whether the initiation step 
yields methyl or methylene radical cannot be found in 
the literature. A review of shock tube studies9 and a 
recent summary of paraffin pyrolysis10 concluded that 
the question of initiation remains unanswered. This 
problem is not limited to thermal decomposition. 
Ausloos and Lias11 in their reviewr of methane photo­
chemistry point out the perplexing nature in choosing 
an initiating step. They also discuss several theoret­
ical studies which have not yielded a definite judgment.

The present investigation has a twofold purpose:
(1) to study the time dependence of the exchange prod­
ucts, and (2) to probe the methane pyrolysis w-ith the 
CD4 +  HC1 reaction. The dynamic aspect of a shock 
tube-TOF mass spectrometer permits testing of the 
time dependence for product formation. Earlier 
papers from this laboratory have demonstrated that a 
nonlinear time-dependent grow'th for exchange prod­
ucts is a manifestation of a complex mechanism. 
Growth of DC1 as a nonlinear function of time wrould 
provide a measure of support to an atomic mechanism

for HC1 exchanging with CD4. Proposal of an atomic 
process for the exchange would be strengthened by the 
observation of mixed acetylene, C2HD, along with the 
pyrolysis products. Furthermore, the TOF-shock 
tube facility permits almost continuous observation of 
the cracking ratio of methane, CH3: CH4. By compari­
son with static tests and experiments exhibiting negligi­
ble pyrolysis, an increase in this ratio during observable 
decomposition w-ould suggest the presence of methyl 
radical in the reaction sequence.

Experimental Section
Three equimolar mixtures of CD4 and HC1 were 

blended with inert gases. The mole percentages for 
each reactant gas in the mixtures were 3, 2, and 1.5%, 
respectively. Similar mixtures of CH4 with and 
without an equal amount of HC1 were also prepared. 
CD4 was obtained from Merck Sharp and Dohme and 
HC1 (99%) and CH4 (99%) from Matheson. The 
diluent for all nine mixtures was N e-1%  Ar research 
grade gases from Matheson. It was used without fur­
ther purification.

Hydrogen chloride wras purified prior to use by two 
liquid nitrogen bulb-to-bulb distillations. The middle 
fraction was accepted at each stage. Methane and the 
fully deuterated compound were purified as follows. 
A liquid nitrogen trap w-as filled with Matheson 
Coleman and Bell activated Linde Type 4A(4-8 mesh) 
molecular sieve. A thermocouple gauge was used for a
12-hr test to ensure that the baked trap exhibited an 
immeasurable amount of outgassing at room tempera­
ture. After cooling the trap with liquid nitrogen, the 
hydrocarbon wras introduced at an initial room tem­
perature pressure of 100 Torr. With the exception of 
about 2 Torr, all of the gas was collected on the trap. 
Removal of the liquid nitrogen for periods of 1-5 min 
permitted withdrawal of successive fractions for anal­
ysis by the TOF analog units. Fractions containing 
0 2 impurity levels less than 21 ppm were subsequently 
used for mixture preparation.

Mass spectrometric analysis of each gas indicated an 
impurity level for oxygen and chlorine (in HC1) in­
distinguishable from background. Mixtures were al- 
low-ed to stand at least 24 hr prior to use. A reference 
mixture of 21 ppm 0 2 dilute in N e-1%  Ar was used to 
establish the impurity levels of the test mixtures. 
Background levels of 0 2 wTere determined to be 17 ppm. 
All test mixtures exhibited signals indicating 0 2 con­
tents belowr background. Oxygen w-as the only de­
tected impurity.

(7) G . B. Skinner and R . A . R uehrw ein , J. Phys. Chem., 63, 1736
(1 9 5 9 ) .
(8) V . K evork ian , C . E . H eath , and M . B oudart, ibid., 64, 964
(1 9 6 0 ) .

(9) S. H . Bauer, Annu. Rev. Phys. Chem., 16, 282 (1965).
(10) D . A . L eathard  and J. H . Purnell, ibid., 21, 221 (1970).
(11) P . J. A usloos and S. G . Lias, ibid., 22 , 94 (1971).
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Most of the experiments were carried out at an in­
itial pressure of 5 Torr, the exception being runs with 
the 2%  mixtures which were also shocked at 10 Torr. 
The test gas for each run was allowed to reside in the 
shock tube no longer than 20 sec prior to diaphragm 
rupture. During this time static analysis of the test 
gas for 0 2 content was performed with the TOF. In 
all experiments the impurity level was <21 ppm of 0 2. 
Incident shock wave velocities and physical properties 
were treated as described previously.23 Polaroid 
Type 410 film was used to record the mass spectra for 
each run. Four oscilloscopes were used to display the 
mass spectra generated at 20-iisec intervals.

Results
At the outset of this study, mixtures of CH4 +  HC1 

were shocked to establish the contribution of 37Cl to the 
mass spectral position m/e 37 and to measure the ratio 
m/e (15:16). Contribution of 37C1 to the DC1 peak 
height in reacting mixtures was determined in the 
following manner. Peak heights from the H 37C1 
cracking pattern were normalized by the peak height 
from m/e 40 ( 1 %  argon). Thus R31 ( =  peak height m/e 
37 divided by the peak height m/e 40) was calculated at 
each 20-/isec interval. The method of least squares 
was employed to fit the data to the following equation

F37 = (^37)0 +  mt (1)

where m is the slope and t the independent variable in 
/^seconds. Experiments on four CH4-HC1 mixtures 
covering the temperature range 1600-2500°K dis­
closed constant values for RS1 independent of tempera­
ture. This constancy implies the absence of chlorine 
compounds other than HC1 and DC1 and also the lim­
ited decomposition of these halides in the presence of 
methane for the experimental conditions reported 
herein. Table I lists the parameters used in correcting 
the signal obtained for DC1 in reacting mixtures.

Exchange R eaction of M ethane-^, with HC1

Table I : Calibration Data 

M ix tu re
(d ilu e n t , P i . m  X  10 6 ,

N e - 1 %  A r) T o r r ( R  3 7 )0 ¿¿sec-1

3% CH4 +  3% HC1 5 0.115 7.22
2% CH4 +  2% HC1 5 0.103 -2 .5 6
2% CH4 +  2% HC1 10 0.155 6.51
1.5% CH4 +  1.5% HC1 5 0.061 5.28

The need for determining the ratio m/e 15:16 stems 
from the use of neon as diluent. The mass spectral 
position of 20Ne is superimposed on CD4. A decrease 
in peak height at m/e 20 during reaction of CD4 +  
HC1 would not be directly related to the concentration 
of CD4. The ratio m/e 18:20 is important since the 
species CD3 originates from the cracking pattern of 
CD4 and possibly from a pyrolysis-initiating step.

2811

Figure 1. Reaction profiles of C2H4 (Rm) and C2H2 (fl26) from 
pyrolysis of CH4 with and without HC1: C2D4 (R '32), C2D2 
(R'2s), and C2HD (fl'27) from CD4 +  HC1; T„ = 2200°K;
Pi = 5 Torr; 3% mixtures.

Results of shocking CH4-HC1 mixtures yielded a 
ratio of m/e 15:16 <1 under conditions where the 
pyrolysis of methane is negligible that was in agreement 
with the ratio obtained in static tests at room tempera­
ture. Ratios greater than one occurred when the 
pyrolysis products, ethane, ethylene, and acetylene, 
were observed. Similar results were obtained when 
methane diluted with inert gas was pyrolyzed.

Within the detectability limits of the equipment, 
these three products occur simultaneously. However, 
the reaction 2CH3 —► C2H6 is 88 kcal m oR 1 exothermic 
resulting in rapid dissociation of ethane. As a conse­
quence, peak heights of m/e 30 are too small for collec­
tion of meaningful data for ethane production. At 
temperatures above 2000°K, peak heights of m/e 28 
reach a maximum and then decrease while peak heights 
of m/e 26 continue to grow. Above 2200°K, acetylene 
peak heights attain a constant level as does m/e 50, 
diacetylene. This latter species is first observed at 
temperatures above 2000°K.

After normalizing the various peak heights to argon, 
ft26 and R2s were plotted vs. pyrolysis reaction time to 
compare growth rates with and without the presence of 
HC1. Catalytic effects due to hydrogen chloride were 
not observed as demonstrated in Figure 1. Also shown 
in this figure are the reaction profiles for the deuterated 
products from CD4 pyrolysis. Of particular impor­
tance is the presence of the mixed acetylene, C2HD. 
The species C4D2 and C4HD were also observed during 
the exchange experiments. Evidence was not found in 
this study for the sequence C2H2 — C4H3 C4H2. 
The species C4H3 is proposed to be a precursor to C4H2 
when acetylene is singularly pyrolyzed.12 The ab­
sence of C4H3 was reported previously in an investiga­
tion of ethylene decomposition.13 At temperatures

(12) I. D . G ay, G . B . K istiak ow sk y , J. V . M ich ael, and  H . N iki, 
J. Chem. Phys., 43 , 1720 (1965).
(13) I . D . G ay , R . D . K ern , G . B . K istiak ow sk y , and  H . N iki, 
ibid., 45 , 2371 (1966).
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Figure 2. First-order plot of CH4 decomposition in an 
equimolar 3% CH4 +  HC1 mixture: P4 = 5 Torr; Ts, = 
2302°K; ki = 3.82 X 10~3 ¿usee-1; Rm = (peak height)^/ 
(peak height)40.

above 2000°K, the major product C2H2 in turn formed 
C4H2 without the radical C4H3. A further observation 
is that no chlorine containing product other than DC1 
is present in the CH, -HC1 and CD4-HC1 experiments.

First-order plots were constructed using the loga­
rithm of the ratio of m/e 16:40 vs. reaction time for the 
CH4 +  HC1 mixtures. A typical experiment is de­
picted in Figure 2. The amount of conversion with re­
spect to methane disappearance varied from 35% at 
1886°Iv to 97% at 2733°K. Arrhenius plots con­
structed for each of the three mixtures revealed that 
the values for log A and E* agree within one standard 
deviation. A mixture of 3%  CH4 and diluent was 
pyrolyzed over the. same temperature range. The 
individual experiments displayed first-order decay of 
methane. The Arrhenius parameters agreed within 
one standard deviation with those obtained from the 
3% CH4-3 %  HC1 mixture. A combined plot of the 
3% data is presented in Figure 3. The activation 
energy is 41.24 ±  1.76 kcal m oF 1 and the value of log 
A is 7.56 ±  0.18. The units of A are seconds-1.

A less than ideal situation exists in the CD4-HC1 
reaction; specifically, exchange and CD4 pyrolysis take 
place concurrently. The rate of exchange; was deter­
mined by measuring the DC1 mass peak height as a 
function of reaction time. Values of Ä37 from reacting 
mixtures are composed of DC1 and the HC1 m/e 38 
cracking pattern. Correction for the latter was ac­
complished by using the data in Table I and eq 1. The 
mole fraction of DC1 (/37) was calculated by dividing 
the corrected value of R37 by the sum of R36 and Ä37. 
At temperatures greater than 2200°K, reaction profiles 
of f 37 indicate an equilibrium condition. Experimental 
values of (f3n/f33)e<l agreed with those calculated from 
statistical thermodynamic formulas for the reaction 
CD4 +  HCl ^  CD3H +  DC1.

io 4/ t  C O

Figure 3. Arrhenius plot of apparent first-order rate constants:
X, 3% CH4; O, equimolar 3% CH4 +  HC1.

For equimolar amounts of CD4 and HC1, / 37 profiles 
are given by the general expression which includes the 
back reaction

1 — 1.52/37 = exp ( — ktz) (2)

where 2 is the time dependence parameter and

k =  fc1(CD4)0x(HCl)ox'(M)!/
Expanding the exponential of eq 2 leads to an expres­
sion for growth of DC1 mole fraction at low con­
versions

k
}zl — 777 ^ fcobsdfl.o i

Mole fraction was then plotted as a function of reaction 
time raised to various powers. Values of 2 =  1, 3/ 2, 
and 2 were tested, yielding estimates for the observed 
rate constant, fc0bsd- The initial appraisal of fc0bsd along 
with its corresponding value of 2 was used as input to a 
computer solution of eq 2. The computer then iterated 
over a range of rate constants selecting the value which 
generated a profile possessing a minimum deviation 
when compared to experimental points.

An assessment of 2 was made by constructing log 
( —log) plots of eq 2. An average value of 1.5 was ob­
tained from these plots. In order to represent the 
overall temperature coefficient of the exchange, the 
rate constants for all experiments were calculated on a 
time power basis of s/ 2. Figure 4 is a display of log k 
vs. 1/T(°K) for the four reacting mixtures. The four 
least-squares lines have an average slope of 54 kcal 
mol-1 as indicated by the solid line.

Closer inspection of the log(—log) plots in the inter­
mediate temperature range (1900-2200° K) revealed 
the possibility of two time dependencies occurring in
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Figure 4. Plot of observed rate constants fitted to a 3/ 2 time 
dependence: average slope = 54 kcal mol-1. Equimolar 
mixtures: X, 3%, P, =  5 Torr; O, 2%, P1 =  5 Torr; A, 2%, 
Pi = 10 Torr; □, 1.5%, Pi = 5 Torr.

the same experiment. An example is depicted in 
Figure 5, where at early reaction times a quadratic 
time dependence is observed. At longer times a linear 
time dependence best describes the growth of / 37.

All experimental data were therefore fit with the 
three time dependencies mentioned above. Figure 6 
demonstrates profile fits to a low-temperature run in 
the range 1600-1900°K where an assumed t2 depen­
dence is the best fit to the data. A linear time-depen­
dent profile adequately describes data from a run in the 
high-temperature range 2200-2500°K as shown in 
Figure 7. A profile fit with a 1.5 exponent is depicted 
in Figure 8.

It is possible to extract from this data quadratic and 
linear time-dependent rate constants at the tempera­
ture extremes of this study. Thus kq (1600-1900°K) 
and kq (2200-2500°K) replace k  in eq 2. Figures 9 
and 10 are plots of kq and kq vs. l/T, respectively. The 
quadratic rate constant data lead to an activation 
energy of 51 kcal mol-1 while the high-temperature 
linear time-dependent results indicate an activation 
energy of 30 kcal mol-1.

A possible complication exists in the calculation of 
kq and z for the higher temperature runs. Extensive 
pyrolytic conversion of methane to acetylene is an

2813

Figure 5. Plot of log ( —In [1 — 1.52/37]) vs. log t from TOF 
data for a run at 2100°K. Values of slope are 
represented by Zi, z,.

Figure 6 . Computer plots of reaction profiles using different 
time parameters with equimolar 3% CD« +  HC1, Pi = 5 Torr,
T6 = 1745°K: X , experimental points ; ------ (uppermost),
t1; ---- , i1*6; ------ (lower), i2; point of reference, 50/isec.

endothermic process which would lower the reflected 
shock zone temperature and consequently decrease the 
rate of the reaction. Taking the most extreme endo­
thermic reaction, CFF —► V2C2H2 +  V2H2, the temper­
ature decrease would be no more than 45° at one-third 
methane decomposition. The high-temperature pro­
files (> 2000°K) were recalculated using those points 
which were recorded before one-third methane dis­
appearance. It was determined that when methane 
was one-third decomposed, the exchange was 75% 
complete with respect to the mole fraction of DC1 at 
equilibrium. Analyzing 75% of the profile yielded the 
result that the values for kq and z were practically un­
changed. The quadratic region (<1900°K) was un­
affected.
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. 9 0 -

. 8 0 -
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Figure 7. Mixture, initial conditions, and symbols same as 
Figure 6, Ts =  2297 °K.

Figure 8 . Mixture, initial conditions, and symbols same as 
Figure 6, Ts = 2068°K.

Plots of the ratio of m/e 19:40 vs. reaction time were 
complicated by the disappearance of CD3H due to fur­
ther exchange to CD2H2 and pyrolysis. In the early 
parts of the CDSH profile when these effects were not as 
pronounced, the shape of the profile was similar to the 
DC1 profile at comparable temperatures.

Discussion

Three significant points may be summarized from the 
results: (1) deuterium chloride, the only chlorine
containing product, is formed with a varying time de­
pendence from quadratic at the lower temperatures to 
linear at the higher temperatures; (2) the presence of 
HC1 does not appreciably affect the decomposition of 
methane; and (3) atomic exchange was observed in 
both major and minor products. These results are 
most readily accounted for by an atomic mechanism.

The basic premise is that DC1 is produced by reac­
tions of radicals and atoms with the major components 
of the mixture. While it is not the intention here to 
offer a mechanistic scheme for methane pyrolysis, sev-

Figure 9. Arrhenius plot of observed rate constants from an 
equimolar 3% mixture exhibiting quadratic time dependence: 
Eq* =  51.00 ±  7.37 kcal mol"1.

eral of the more probable steps will be discussed. The
rate constants are listed in Table II .14-19

CD4 +  (M) ^  CDs +  D +  (M) (a)

D +  CD4 CDs +  D2 (b)

CDs +  HC1 -^3» CDsH +  Cl (c)

Cl +  CD4 DC1 +  CDs (d)

Deuterium atoms are not likely to play an important 
role in the exchange sequence. Reaction b competes 
for deuterium atoms quite favorably with the follow­
ing reactions.

D +  HC1 — ► HD +  Cl (e)

D +  HC1 — >■ DC1 +  H (f)

(14) (a) R . H artig , J. T roe , and  H . G . W agner, Symp. Combust.,
13th, 1970, 147 (1971); (b ) A . M . D ean  and G . B . K istia k ow sk y ,
J. Chem. Phys., 54 , 1718 (1971).
(15) R . R . B aldw in , D . E . H opkins, A . C . N orris, and  R . W . W alk er , 
Combust. Flame, 15, 33 (1970).
(16) H . O . Prichard , J. B . P yke, and  A . F . T ro tm a n -D iek en son , 
J. Amer. Chem. Soc., 77, 2629 (1955).
(17) G . C hiltz, R . E ckling , P . G old finger, G . H u ybrech ts , H . S. 
Johnston , L . M eyers, and G . V erbeke, J. Chem. Phys., 38 , 1053 
(1963).
(18) R a te  constan t expression based on  D  +  H C l — H D  +  C l, 
(a) H . S teiner and E . K . R idea l, Proc. Roy. Soc., Ser. A, 173, 503 
(1 9 3 9 ); re lative  rates o f ab stra ction /exch a n ge , (b ) G . O . W o o d , 
J. Chem. Phys., 56, 1723 (1 972 ); and correction s in  p reexp on en tia l 
and  activa tion  energy  term s due to  is o to p ic  effects, (c) A . A . W esten - 
berg and N . deH aas, ibid., 47 , 1393 (1967).
(19) M . C . L in  and M . H . B ack , Can. J. Chem., 44 , 2357 (1966).

The Journal of Physical Chemistry, Vol. 76, No. 20, 1972



Exchange R eaction of M ethane-^  with HC1

Figure 10. Arrhenius plot of observed rate constants from an 
equimolar 3% mixture exhibiting linear time dependence:
Et* = 29.85 ±  2.08 kcal mol-1.

Table II: Rate Constants for Reactions a-g

R e a c t io n R a te  c o n s t a n t “ R e f

a 1014-7exp( —101,000/RT) 7
1017-6ex p (-8 8 ,000/72 71) 14a
1018-2exp( —103,000/22 71) 14b

b lOm'expf —11,900/22 T) 15
c 1012- *exp(—4,510/22 T7) 16
d 1013-7exp( — 5,760/72 71) 17
e 1013-°exp(-2,350/227’ ) 18
f lO^-'expf —130/2271) 18
g 1013->exp(—400/227’) 19

a Units are cc mol-1 sec-1 except for ref 7 which is sec-1.

Reaction e has recently been shown to be faster than 
f although this finding18b differs with previous work.20 
The decomposition of methane exceeds that of hydrogen 
chloride as demonstrated by the results of pyrolyzing 
the C H 4 - H C I  mixture. The disappearance of methane 
and the subsequent formation of the pyrolysis products 
produces additional radicals and atoms which may 
enter into the reaction mechanism.

It is instructive to analyze the time dependence of 
DC1 formation using reaction d as a possible pathway. 
The rate of DC1 growth at early times is given by the 
expression

d(DCl)/di =  Aw,(Cl) (CD«) (3)

Assuming that the production of chlorine atoms is 
mainly from reaction c rather than the dissociation of 
hydrogen chloride, it follows that the rate of c will de­

pend upon the concentration of methyl radicals which 
are generated via reactions a and b. If it is further 
assumed that under the reaction conditions of this in­
vestigation the growth of methyl radical is linear with 
respect to reaction time, there arise two conditions 
that lead to different time dependencies for DC1 forma­
tion. It will be helpful to refer to Figure 10 of ref 2b 
which will be called the profile in the discussion that 
follows.

If the time required to produce a steady-state con­
centration is long compared to the observation time for 
the exchange, the formation of methyl radical will cor­
respond to position a in the profile. It follows that if 
chlorine atoms are generated mostly from reaction c, 
the concentration of Cl will be at position a on the 
chlorine atom reaction profile, a non-steady-state con­
dition. Therefore, the concentration of chlorine atoms 
will be given by the expression

(Cl) = fcd(N)*f (4)

where fcd is a collection of rate constants that describe 
the overall decomposition of methane which is the rate­
determining process for the formation of chlorine atoms. 
The order dependence for the formation is represented 
by (N)*. Substitution of (4) into (3) and integrating 
yields eq 5.

(DC1) = V2AmAw,(CD«)(N)*î* (5)
The predicted activation energy E q * is composed of 
the overall dissociation of methane and subsequent ex­
change of Cl with CD4. Thus, E q* can be related to 
the observed rate constants which have a temperature 
coefficient of about 51 kcal mol-1.

E q* = E d* +  Eex* =  51 kcal mol-1 (6)

However, if production of Cl atoms is rapid com­
pared to observed times for exchange, position b of the 
profile, then the formation of DC1 is linear. The 
steady-state expression for chlorine atoms using reac­
tions c and d is given by eq 7.

d(Cl)/df = AwXCD.XHCl) -  Aw,(Cl)(CD«)
_  fceXl(CD3)(HCl)

(U)ss fce*XCD4)
Assuming that methyl radicals disappear via reac­

tion g, the steady-state expression using reactions a, b,

2CD3 +  (M) — >■ C2D6* — > products (g)

and g is given by eq 8. The steady-state concentra­
tion of D atoms is taken to be k a / k i  from reactions 
a and b.

d(CD3)/d i = fcdl(CD4) +
fc!(D)(CD4) -  2fc3(CD3)2 = 0

(20) A . E . deV ries and F . S. K lein , J. Chem. Phys., 41 , 3428 (1 964).
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(CD3) ss =  ( j ^ j  /2(CD4) ,/! (8)

Substituting (8) into (7) and setting (CD4) ^  (HC1) 
under the condition of low conversions yields eq 9.

(Cl)ss =? ( ^ ) ( ^ )  /!(CD4) ,/! (9)

Integrating eq (3) with the substitution for chlorine 
atoms results in a linear formation of the product DC1.

(DC1) = fcex/| J  A(CD4)s/!i (10)

The activation energy expected for eq 10 can be related 
to the observed linear rate constants.

Ej*  =  EeX1* +  y 2(£ d* -  E3*) = 30kcalmol-1 (11)

Taking the activation energy for reaction g to be zero 
and .Eexi* — E ^*, simultaneous solution of eq 6 and 
11 gives E¿* =  42 kcal mol-1 and Eex* =  9 kcal mol-1.

The intermediate region of the profile corresponds to 
the 1900-2200°K range where the growth of DC1 de­
pends in a more complicated fashion upon the concen­
tration of chlorine atoms.

Knowledge of the reaction profile for an exchange 
product can lead to conclusions about the radical or 
atom that attacks a reactant molecule even though the 
identity of the radical or atom may be unknown. 
Reactions c and d may be generalized by the following 
equation

R- +  M -D  RD +  M-

where R • is the radical or atom attacking the reactant 
molecule M -D  which contains a hydrogen or deuterium 
atom, RD is the exchange product, and M • is a radical. 
The rate of formation of the product RD is given by

d(RD )/df = fce*(R-)(M-D)

If the reaction profile for RD resembles Figure 7, a 
linear production, then the concentration of R • is that 
of a steady-state condition. If the profile is more like 
Figures 6 or 8, the attacking species R- has not at­
tained a steady-state concentration. Although the 
variance of the time power constant z from quadratic 
to linear is not by itself an absolute diagnostic of a rad­
ical mechanism, it is highly suggestive. In the work 
presented here, a specific identification of the attacking 
radicals or atoms can not be made, but statements con­
cerning the steady-state levels of the species responsible 
for the formation of the exchange products can be 
offered.

The evidence for the existence of radicals in this 
system is indirect. It is improbable to imagine the 
production of ethane from methane occurring without 
radical intermediates. The increased ratio of CH3: 
CH4 observed during appreciable decomposition indi­

cates the presence of methyl radicals but does not rule 
out the existence and importance of CH2 in the reac­
tion scheme. The extensive scrambling of the py­
rolytic products also supports the proposal of radicals 
and atoms playing an active role.

Assuming that the results presented here are free of 
impurity effects, an explanation would appear to be in 
order for the experimental activation energy of 42 
kcal mol-1 determined for the decomposition of 
methane. There are reports in the literature of ap­
parent rate constants for hydrocarbon pyrolysis that 
yield “ low” values for the activation energy. Two 
recent shock tube studies dealing with pyrolysis of 
higher hydrocarbons relate to this point. Bradley and 
Frend reported that the pyrolysis of ethane occurs with 
a complex temperature dependence in agreement w ith 
previous wrork.21 The activation energy decreased 
from a value of 87 kcal mol-1 at 1250°K to almost zero 
around 1600°K. In an azomethane pyrolysis paper, 
one of the products, n-butane, is reported to exhibit a 
varying activation energy for decomposition.22 An 
abnormally lowr value for E* w'as determined at the 
upper end of the temperature range 1160-1550°K. 
Although a satisfactory explanation has not been 
offered for this unexpected behavior as yet, low activa­
tion energies for decomposition are a wrell-established 
fact in shock tube wrork.2S

Most of the studies of methane pyrolysis w'ere ac­
complished at low conversions in order to arrive at a 
value for the rate constant of reaction a, k,iy. The ex­
periments pertaining to decomposition presented herein 
involve a substantial conversion to products within the 
500 /¿sec of observation time. A larger variety and 
concentration of radicals are present under such condi­
tions and thereby provide several alternate routes by 
which methane may disappear. It. is not certain 
whether methane is in the fall-off region given the 
temperature and pressure regime of this study. For 
this reason, the quantity M is written in parentheses in 
reaction a (and also in reaction g) and may be used in 
the derivation of the steady-state expressions. How­
ever, BL reported an absence of total density order de­
pendence in their rate expression wrhich implies that 
methane is decomposing in the first-order region.6 
Other w-orkers working in approximately the same 
region as BL have considered the decomposition to be 
second order.1413'24

At 2100°K, the value of kd„ using the equation con­
tained in ref 7, is 1.6 X 104 sec-1 compared to a value of

(21) J. N . B rad ley  and M . A . F rend, J. Phys. Chem., 75 , 1492 
(1971).
(22) T . P . J. Izod , G . B . K istiak ow sk y , and S. M atsu d a , J. Chem. 
Phys., 56 , 1337 (1972).
(23) R . L. B e lfo rd  and R . A . Streh low , Annu. Rev. Phys. Chem., 
20, 260 (1967).
(24) G . B . Skinner, A . L ifsh itz, K . Scheller, and A . B urcat, J. Chem. 
Phys., 56, 3853 (1972).
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1.6 X 10s sec-1 calculated from the apparent rate con­
stant for the overall decomposition of methane re­
ported herein.

The relationships between the two polyatomic-di­
atomic exchange systems, CH4 +  D2 and CD4 +  HC1, 
and the polyatomic-polyatomic exchange system 
CD4 +  CH4 are worth noting. The reported activa­
tion energies for exchange covering the 1600-1750°K 
range are 52(CH4 +  D2), 51(CD4 +  HC1), and 70- 
(CD4 +  CH4) kcal mol-1. Although the mixed 
methane exchange has a somewhat higher activation 
energy, all temperature coefficients are much lower 
than the almost equal bond dissociation energies of 
reactants; namely, 104(CH3-H ), 102(H-C1), and 104- 
(D -D ) kcal mol-1. These similarities and the postula­
tion of atomic mechanisms for two of these exchange 
studies indicate that the molecular complexity of the 
exchanging partners is not the determining factor with 
respect to the mechanistic pathway in contrast to the 
earlier suggestion of BL.6 An investigation of the

CD4 +  CH4 and CH4 +  D2 exchange systems is cur­
rently underway in this laboratory with particular at­
tention focussed on purification procedures, impurity 
levels, and determination of product time dependence.

In summary it can be stated that there are other diag­
nostic features that are more definite than an interpre­
tation of the activation energy. In the CD4-HC1 
system, the changing time dependence from quadratic 
to linear for product formation, the changing CH3: CH4 
ratio during extensive decomposition, and the presence 
of pyrolytic products whose formation most certainly 
involves radicals are facts which support an atomic 
mechanism for the exchange.
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Gas-phase thermolysis kinetic data have been obtained for five cyano-substituted, four-membered ring com­
pounds. The products formed were entirely analogous to those found in reactions with unsubstituted sub­
strates. It is proposed that the decomposition reactions of cyclobutanecarbonitrile (k = 1015-5e-56'700/J77, sec-1), 
fraws-l,2-cyclobutanedicarbonitrile (k = 1012'4e-41’200,'Br sec-1), and 3-methylenecyclobutanecarbonitrile (k = 
1012'7e-49’100/ii:r sec-1) occur via a two-step mechanism with a biradical intermediate, while the rearrangement 
reactions of bicyclobutanecarbonitrile (k = 1013-9e-40'100/fl7, sec-1) and 1-cyclobutenecarbonitrile (k = 
1013.4g-33,6°o/iir sec-i) proceed through a concerted transition complex. It has been shown that the presence of 
the cyano group reduces the activation energy of the decomposition reactions (by stabilization of the biradical 
by about 6-10 kcal/group), but has no effect on the rearrangement reactions.

Introduction
The mechanisms involved in the pyrolysis of four- 

membered ring compounds have been the subject of 
much discussion.1,2 In this work, we have studied the 
kinetics of thermal decomposition or rearrangement of 
several four-membered ring compounds containing the 
cyano group. The effect of the presence of this group 
on the kinetic parameters gives strong indications as 
to the mechanisms involved in the thermal reactions of 
these substrates, by comparison with previously ob­
tained data for similar substrates which do not contain 
the cyano group.

Results
Equipment and techniques similar to those used to 

obtain the kinetic data in this study have been described 
previously.3 The degradation of cyclobutanecarbo­
nitrile to acrylonitrile and ethylene was measured over

(1) (a) H . M . F rey , “ G as-P hase P yro lysis  o f S om e Sm all R in g
H y d roca rb on s ,”  Advan. Phys. Org. Chem., 4 , 147 (1 966 ); (b)
S. W . B enson , “ T h erm och em ica l K in e tics ,”  W iley , N ew  Y ork , 
N . Y ., 1968.
(2) R . B . W ood w a rd  and R . H offm ann , “ T h e  C on servation  of 
O rb ita l S y m m etry ,”  A ca d em ic  Press, N ew  Y o rk , N . Y ., 1970.
(3) H . K w a rt, S. F . Sarner, and J. H . O lson , J. Phys. Chem., 73, 
4056 (1969).
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the range 460-510° in one series of tests, and over the 
range 453-519° in another series. The activation en­
ergies obtained were identical, but the two sets of data 
were barely within experimental error in the value of 
the preexponential term and in the absolute values of 
the reaction rates. A third set of measurements was 
also made, but using approximation methods. These 
results gave values intermediate between the above 
sets of data, thus confirming the values obtained, al­
though there were indications that the activation en­
ergy may be lower than obtained above. An average 
value for the rate equation (see Tables I and II) 4 was

k = 2.03 X lO^e-66'700/*1, sec" 1

Both cis- and ¿ra?is-cyclobutane-l,2-dicarbonitrile 
were found to decompose to give acrylonitrile as the 
only product. The trans isomer was studied over the 
range 320-410° using two different reactor coils, with 
no cis isomer forming in the products. The resulting 
rate equation (Table III)4 was

k = 2.51 X 1012e- 41.2°o/«r sec- i

The formation of the trans isomer complicates the re­
action of cfs-cyclobutanedicarbonitrile. Precise data 
were therefore not attainable, but approximation 
methods gave the indication that the same rate equa­
tion governing the decomposition of the trans isomer 
also fits the data for ds-cyclobutanedicarbonitrile.

The decomposition of 3-methylene-l-cyclobutane- 
carbonitrile proceeds to give acrylonitrile and allene as 
products. In the temperature range 450-500° (Table 
IV) 4 the rate equation obtained was

k = 5.27 X 1012e~49'100/BT sec-1

The thermal rearrangement of bicyclobutanecarbo- 
nitrile to 2-cyanobutadiene was studied over the tem­
perature range 270-320°. The rate equation obtained 
(Table V)4 was

k = 8.43 X 1013e -40'10°/Br sec“ 1

The thermal rearrangement of cyclobutenecarbo- 
nitrile to 2-methylene-3-butenenitrile was studied over 
the range 190-225°, with the resulting rate equation 
(Table VI)4

k =  2.39 X 1013e - 83'600/RT sec“ 1 

Discussion of Kinetic Results
The pyrolysis of cyclobutane appears to proceed 

through the biradical mechanism. This has been pre­
viously concluded by Freyla who noted that the ob­
served entropy could be calculated using a model based 
on this mechanism, and by Bensonlb'6 who noted that 
the observed isotope effect could be explained on this 
basis. The high observed values of the preexponential 
term (1015), the activation energy (ca. 60 kcal/mol), 
and the activation entropy (+ 9  eu) tend to corroborate 
this conclusion. In addition, the isomerization of cis-

The Journal of Physical Chemistry, Vol. 76, No. SO, 197S

and £ra?is-l,2-dimethylcyclobutane is considerably 
slower than their decomposition reactions, indicating 
that the actual mechanism is most likely a two-step 
process in which the biradical is an intermediate, and 
in which the energy for isomerization from the biradical 
is higher than that for decomposition.la In the mea­
surements in this work of the kinetics of the cfs-cyclo- 
butanedicarbonitrile reaction, it was noted that iso­
merization took place more readily than decomposition, 
indicating that the relative sizes of these energy bar­
riers need not be uniform.

The decomposition of cyclobutanecarbonitrile is 
faster than that of cyclobutane with the difference in 
rate due entirely to a difference in activation energies. 
This difference can be explained in terms of the stabili­
zation effect of the cyano group on the biradical. In 
the decomposition of irans-cyclobutancdicarbonitrile, 
the biradical is doubly stabilized since conjugation 
with both cyano groups is feasible at the point of ring 
opening, resulting in appreciable lowering of the activa­
tion energy. The situation is similar to that occurring

(4) T a b le  I - V I  listing  data  w ill appear fo llow in g  these pages in  th e  
m icrofilm  ed ition  o f th is v o lu m e o f the jou rn a l. S ingle cop ies  m ay  
be ob ta in ed  from  the Business O perations Office, B o o k s  and Journals 
D iv ision , A m erican  C hem ica l S ociety , 1155 S ix teen th  S t., N .W ., 
W ash in gton , D . C . 20036, b y  referring to  cod e  nu m ber J P C -7 2 - 
2817. R e m it  ch eck  or m on ey  order for  $3 .00  fo r  p h o to co p y  or 
$2 .00 fo r  m icrofiche.
(5) S. W . B enson  and P . S. N angia , J. Chem. Phys., 38 , 18 (1963).
(6) (a) G . S. H a m m on d  and C . D . D eB oer, J. Amer. Chem. Soc., 86 ,
899 (1964); (b) R . J. E llis and H . M . F rey , Trans. Faraday Soc.,
59, 2076 (1963).
(7) R . W . Carr, Jr., and W . D . W alters, J. Phys. Chem., 67 , 1370 
(1963).
(8) F . K ern  and W . D . W alters, Proc. Nat. Acad. Sci. U. S., 39 , 
937 (1952).
(9) F . K ern  and W . D . W alters, J. Amer. Chem. Soc., 75, 6196 
(1953).
(10) G . T . G eneaux and W . D . W alters, ibid., 73 , 4497 (1951).
(11) M . N . D as and W . D . W alters, Z. Phys. Chem. (Frankfurt am 
Main), 15, 22 (1958).
(12) R . E . W ellm an  and W . D . W alters, J. Amer. Chem. Soc., 79, 
1542 (1957).
(13) S. M . E . K ellner and W . D . W alters, J. Phys. Chem., 65 , 466 
(1961).
(14) M . Zupan  and W . D . W alters, ibid., 67 , 1845 (1963).
(15) H . R . G erberich  and W . D . W alters, J. Amer. Chem. Soc., 83 , 
3935 (1961).
(16) H . R . G erberich  and W . D . W alters, ibid., 83, 4884 (1961).
(17) D . J. T reck er  and J. P . H enry , ibid., 86 , 902 (1964).
(18) J. P . C hesick , J. Phys. Chem., 65 , 2170 (1961).
(19) R . L . B randauer, B . Short, and S. M . E . K ellner, ibid., 65 , 2269 
(1961).
(20) R . Srinivasan, A . A . L evi, and I . H aller, ibid., 69, 1775 (1965).
(21) H . M . F rey  and I. D . R . Stevens, Trans. Faraday Soc., 61 , 90 
(1965).
(22) J. P . C hesick , J. Phys. Chem., 68, 2033 (1964).
(23) W . C oop er and W . D . W alters, J. Amer. Chem. Soc., 80 , 4220 
(1958).
(24) W . P . H auser and W . D . W alters, J. Phys. Chem., 67 , 1328 
(1963).
(25) H . M . F rey , Trans. Faraday Soc., 58, 957 (1962).
(26) H . M . F rey , ibid., 60 , 83 (1964).
(27) H . M . F rey  and R . F . Skinner, ibid., 61 , 1918 (1965).
(28) H . M . F rey , ibid., 59, 1619 (1963).
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in £r<ros-l,2-divinylcyclobutane, where the biradical is 
stabilized to the extent of the allylic resonance energy 
of 13 kcal.6 The stabilization energy provided by the 
cyano group can be deduced to about 6-10 kcal. A 
single cyano group evidences only 6-kcal stabilization 
in cyclobutanecarbonitrile decomposition. Two cyano 
groups acting in concert resulted in a lowering of the 
activation energy for thermal decomposition of 10-11 
kcal/cyano group in the £rans-l,2-cyclobutanedicarbo- 
nitrile reaction, and a cyano group possibly aided by 
the external methylene group resulted in a stabilization 
energy of 13-14 kcal.

The evidence obtained in this work indicates that the 
rearrangements of the unsaturated four-membered 
rings (cyclobutenes and bicyclobutanes) occur via a 
concerted mechanism.2 In contrast to the situation in 
the mechanism involving a biradical intermediate, a 
cyano group should offer no additional stabilization 
energy in the concerted reaction path. The activation 
parameters obtained for the rearrangements of cyclo- 
butenecarbonitrile and bicyclobutanecarbonitrile in 
this work are virtually identical with those obtained 
for the respective noncyano compounds in previously 
reported experiments.6-28

A Study of Ionization Processes by the Angular Distribution Technique. 

The AgCl System1

by L. C. Wagner and R. T. Grimley*
Department of Chemistry, Purdue University, Lafayette, Indiana J+7907 (Received June 16, 1972)

Publication costs assisted by the U. S. Atomic Energy Commission

The angular distributions of species effusing through an orifice have been used to investigate the fragmenta­
tion processes which occur in the ion source of a mass spectrometer. The silver chloride vapor system has 
been studied in the temperature range 933-973°K. The monomer, dimer, trimer, tetramer, and pentamer 
have been observed, and the fragmentation processes associated with the electron bombardment of each of 
these species have been identified by use of this newly developed method in combination with standard meth­
ods. A metastable ion corresponding to the reaction Ag3Cl3+ -*■ Ag3Cl2+ +  Cl was found in addition to 13 
other ions. A seeming discrepancy in the heat of vaporization data for Ag3Cl3 has been attributed to tem­
perature-dependent fragmentation reactions.

Introduction
One of the major problems encountered in the ap­

plication of mass spectrometry to the study of high- 
temperature inorganic vapor systems is the identifica­
tion of the various neutral species. The stoichiometry 
of the solid or liquid phase often provides little or no 
insight into the nature of the inorganic vapor species. 
The mass spectrum itself is frequently of little value 
since ionization of molecules often results not only in 
the formation of “ parent”  ions of the same mass but 
also in a group of ionized fragments of differing masses. 
Over the past decade a variety of techniques have 
been devised by high-temperature mass spectroscopists 
which aid in the identification of the neutral species. 
The techniques and information commonly used include
(1) appearance potentials, (2) ionization efficiency 
curves, and (3) thermodynamic properties. It is most 
often the case that no one technique is suitable for use

in assigning each ion of a mass spectrum to the molecule 
or molecules from which the ion is formed. In addi­
tion, combinations of existing techniques are frequently 
inadequate. In this paper a new mass spectrometric 
technique which utilizes the angular distribution proper­
ties of the effusing vapor species is applied in conjunc­
tion with existing techniques to a study of the complex 
silver chloride vapor system.

The earliest measurements of the vapor pressure of 
silver chloride were reported by von Wartenberg and 
Bosse2 and by Maier,3 both of whom used static tech­
niques. More recently a mass spectrometric study of 
the vaporization of silver chloride from a platinum foil

(1) T h is  w ork  was su pp orted  b y  the  U . S. A to m ic  E nergy  C om ­
m ission.
(2) H . von  W arten berg  and  D . Bosse, Z. Elektrochem., 28, 384 
(1922).
(3 ) C . G . M aier, U. S. Bur. Mines, Tech. Papers, 360  (1925).
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was reported by Rosenstock, Walton, and Brice4 who 
obtained the mass spectrum and determined the heat 
of trimerization. The mass spectrum of silver chloride 
was also reported by Gusarov and Gorokhov.5 A more 
detailed mass spectrometric investigation was recently 
published by Visnapuu and Jensen6 who obtained 
second-law heat of vaporization data for the monomer 
and trimer. These authors also claimed to show the 
existence of the Ag3Cl2 molecule in the vapor phase.

Experimental Section
Details of the mass-spectrometric technique as 

applied to high-temperature vaporization phenomena 
have previously been discussed.7 The data were ob­
tained with a 60° single-focusing, 30.5-cm radius-of- 
curvature mass spectrometer. The mass spectrometer 
was unaltered from previous studies except for the fol­
lowing minor changes. Intensity data were collected 
using a 640 Keithley vibrating capacitor electrometer 
in series with a 399 Keithley isolating amplifier. The 
output from the amplifier was simultaneously fed to a 
strip chart recorder and a Hewlett-Packard Model 
2212A voltage to frequency converter whose output was 
measured with a Hewlett-Packard 5202L scaler-timer. 
The V-to-F converter and scaler-timer functioned as an 
integrator with a variable time base. Integration times 
ranged from 10 sec for intense, low-noise peaks to 60 
sec for low intensity, high-noise peaks.

Two molecular beam sources were used: (1) a stan­
dard static Knudsen cell system, and (2) a rotary 
Knudsen cell system. Each unit used a multiturn, 
bifilarly wound, platinum-10%  rhodium resistance 
furnace. The temperature measurements of the 
Knudsen cells were made by means of chromel-alumel 
thermocouples which were peened into the bottom of the 
cells. All thermocouples used had previously been 
calibrated against a Pt/Pt-10%  Rh secondary reference 
thermocouple which had in turn been calibrated against 
a National Bureau of Standards calibrated thermo­
couple (test No. G36304). While the static unit allows 
flux measurements only at the normal to the orifice 
exit, the rotary Knudsen cell assembly permits sampling 
of the molecular flux not only at the orifice normal but 
at various off-axis angles up to 75°. The details of 
construction and operation of the rotary effusion unit 
have been described by Muenow and Grimley.8

One of the major initial problems of this study was the 
extremely reactive nature of silver chloride. At 660° 
the AgCl reacted violently when in direct contact with 
an Inconel cell. Silver chloride also reacted vigorously 
with the copper in sterling silver as illustrated by the 
fact that when AgCl was heated in a sterling silver cell 
with only a partial A120 3 liner, mixed halides containing 
both copper and silver were formed. A partial mass 
spectrum includes Ag4Cl3+, Ag3CuCl4+, Ag3CuCl3+, 
Ag2Cu2Cl4+, AgCu3Cl4+, Ag3Cl3+, Ag3Cl2+, Ag2CuCl3+, 
Ag3Cu+, Ag2CuCl2+, AgCu2Cl3+, AgCu2Cl2+, Cu3Cl3+,

Ag2Cl+, and AgCuCl+. Due to this reactivity, alumina 
cell liners were used for all other experiments. It was 
also observed that the AgCl vapor phase reacted with 
the tantalum radiation shields as evidenced by the 
presence of TaCl3+ and TaCl4+ in the mass spectrum. 
As a consequence, pure silver foil shields were used in 
place of the normal tantalum shields for all work re­
ported here. Use of these precautions eliminated all 
ionic species from the mass spectrum other than those 
directly attributable to the AgCl. All samples con­
sisted of Mallinckrodt analytical reagent grade silver 
chloride.

Results
A total of eight ions has been reported by previous 

workers,4-6 and they are as follows: Ag+, AgCl+, 
Ag2+, Ag2Cl+, Ag3+, Ag3Cl+, Ag3Cl2+, and Ag3Cl3+. 
In addition to these ions, the present study revealed five 
additional ionic species: Ag2Cl2+, Ag4Cl3+, Ag4Cl4+, 
Ag5Cl4+, and C1+. Each of the ions in the mass spec­
trum was identified by the mass numbers and the 
isotopic abundances. Except for Ag5Cl4+, which was 
of extremely low intensity, the predicted mass spectrum 
of each ion was in good agreement with the observed 
spectrum. Magnetic field measurements could not be 
made with sufficient accuracy to positively confirm the 
mass number of the Ag5Cl4+ species. However, the 
observed abundances are closer to Ag6Cl4+ than to the 
other possible species with a somewhat similar mass 
spectrum, namely, Ag5Cl6+ and Ag5Cl3+.

A previously unreported metastable peak was alst 
found which overlaps the Ag3Cl+ spectrum. Th( 
reaction which results in the metastable peak was deter­
mined by use of the relationship9

m* =  (m2)2/m j (1)

where m* is the apparent mass of the metastable, mi 
is the mass of the reacting ion, and m2 is mass of the 
product ion, and the metastable reaction was found to 
be

Ag3Cl3+ Ag3Cl2+ +  Cl (2)

The reaction is characterized by the type of behavior 
normally associated with metastable reactions.10 Since

(4) H . M . R osen stock , J. R . W a lton , and L . V . B rice , Jr., U. S. 
Atomic Energy Comm. Report, O R N L -2 7 7 2  (1959).
(5) A . V . G u sarov  and L . N . G o ro k h o v , Vestn. Moslc. Univ., Khim., 
Ser. II, 17 (5 ), 14 (1962).
(6) A . V isnapuu and J. W . Jensen, / .  Less-Common Metals, 20 , 141
(1 9 7 0 ) .
(7) R . T . G rim ley  in  “ T h e  C haracterization  o f  H igh -T em p era tu re  
V a p ors ,”  J. L . M argra ve , E d ., W iley , N ew  Y o rk , N . Y .,  1967, 
C hapter 8.
(8) D . W . M u en ow  and R . T . G rim ley , Rev. Sci. Instrum., 42 , 455
(1 9 7 1 ) .
(9) J. A . H ip p ie , R . E . F ox , and E . V . C on d on , Phys. Rev., 69 , 347 
(1946).

(10) F . H . F ie ld  and J. L . F ranklin , “ E lectron  Im p a ct  P h en om en a 
and th e  P roperties o f G aseous Io n s ,”  A ca d em ic  Press, N ew  Y o rk , 
N . Y ., 1957.

The Journal of Physical Chemistry, Vol. 76, No. 20, 1972



Study of Ionization Processes 2821

the metastable has a distinct isotopic abundance spec­
trum, a predicted pattern based on the naturally occur­
ring isotopic abundances was calculated. It was as­
sumed that a 36C1 or 37C1 atom was lost with equal 
probability. Each isotope of Ag3Cl3+ was assumed to 
undergo the transition, and the resulting predicted 
intensities were then summed into mass bands with 
widths of approximately 0.3 mass units. A comparison 
of the predicted and observed metastable intensities is 
shown in Table I. In view of the approximations used 
in the calculation and the low intensities of the meta­
stable peaks, the agreement is seen to be quite good.

Table I : Comparison of the Predicted and 
Observed Metastable Intensities

M a ss
number

Predicted
abundance

Experimental
abundance

359 0.130 0.122
361 0.301 0.284
363 0.332 0.346
365 0.186 0.179
367 0.050 0.070

Appearance potentials for all species except Ag2+ 
were determined by the linear extrapolation method, 
and values are given in Table II. The spectroscopic 
ionization potential of mercury11 (10.43 eV) was used as 
a reference for the energy scale. The ionization effi­
ciency curve of Ag2+ is nonlinear as shown in Figure 1. 
Nonlinearity of this type may occur when an ionic 
species is formed from more than one neutral species. 
Two breaks in the ionization efficiency curve for 36C1 + 
are observed and are seen in Figures 2 and 3.

Table II : Appearance Potentials, Relative Intensities, 
and Heats of Vaporization for the Species of the 
AgCl Mass Spectrum

I o n ic
sp e c ie s

A p p e a r a n c e
p o te n t ia l,

e V
R e i

in te n s it ie s 0

H e a t  o f  
v a p o r iz a t io n ,b 

k ea l m o l -1

C1 + 13.0 ±  0.8 2.3 46 . 1 ±  1 . 3
Ag + 12.7 ±  0.5 11 .0 46.0 ±  0.7
AgCl + 11.3 ±  0.5 100.0 46.3 ±  0.4
Ag2 + 2 .0 39.2 ±  1.3
Ag2Cl + 13.7 ±  0.5 13.9 38.8 ±  1.0
Ag2Cl2 + 10.3 ±  0.5 0.4 46.7 ±  1.5
Ags + 18.4 ±  0.5 1 .2 36.7 ±  1.0
Ag3Cl + 14.9 ±  0.5 1.5 37.6 ±  1.0
Ag3Cl2 + 11.1 ±  0.5 41.5 38.0 ±  1.0
Ag3Cl3 + 10.0 ±  0.5 12.5 32.4 ±  0.6
Ag4Cl3 + 10.9 ±  0.5 1.9 40.6 ±  1.1
Ag4Cl4 + 9.6 ±  1.0 < 0 .1 c
Ag6Cl4 + 10.0 ±  1.5 < 0 .1 c

“ Determined at 25 eV and 700°. b Determined at 25 eV. 
c Too low intensity to measure.

Figure 1. Ionization efficiency curve for the Ag2 + ion.

Energy (eV)

Figure 2. Low-energy portion of the ionization 
efficiency curve for Cl+.

The intensity of each of the ions was determined as a 
function of temperature over the range 660-700°. The 
equilibrium vapor pressure P  of a neutral vapor species 
in a Knudsen cell at temperature T is related to the 
intensity 7+ of the ionic species which results from 
electron bombardment of the neutral vapor species by 
the relation P = kI+T where A; is a constant.12 If an 
ionic species results from ionization of only one neutral 
vapor species, then the heat of vaporization of the vapor 
species is obtained from the log I +T vs. 1/T plot for the 
ion. For ease of expression and identification we will 
use the term “ heat of vaporization of an ion.”  It 
should be clearly understood that use of this termi­
nology in no way implies that we are measuring a ther­
modynamic heat of vaporization of an ion . The 
thermodynamic property which is measured is the heat 
of vaporization of the neutral precursor which forms the 
ion. Heats of vaporization are given in Table II for all 
species except Ag4Cl4+ and Ag5Cl4+ whose intensities 
were too low to give good second-law results. All data

(11) C. E . M o o re , Nat. Bur. Stand. ( U . S.), Circ., 467 (1949).
(12) R . E . H on ig, J. Chem. Phys., 22, 126 (1954).
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Figure 3. Higher energy portion of the ionization 
efficiency curve for Cl+.

were taken at an electron bombardment energy of 25 eV. 
Since a pressure calibration was not obtained for each 
run, intercomparison of intensity data among the runs 
for a species was not possible. The data from each 
run were treated by the least-squares method. The 
tabulated heats are averages of the least-squares data 
for between three and five runs per ionic species. Simi­
larly, the uncertainties are the standard deviations 
from these averages.

The theoretical treatment by Clausing13-15 of molec­
ular flow through cylindrical orifices predicts that the 
angular number distribution is a function of the orifice 
geometry. Recent work by Grimley, Muenow, and 
LaRue16 has demonstrated that the angular distribu­
tions of related polymeric vapor species such as KC1 
and K2C12 do not obey the Clausing theory and that the 
angular distributions of the two species differ from one 
another. These differences become more pronounced 
as the length to radius ratio (L/R) of the orifice in­
creases. The main purpose of this study was to deter­
mine the potential usefulness of the angular distribu­
tion technique as a tool for the investigation of ioniza­
tion processes of complex vapor systems.

The information required to characterize each angular 
distribution curve includes the cell angle 6, the molec­
ular beam intensity 1(6) as a function of angle, and the 
temperature of the Knudsen cell. The beam intensities 
are normalized to the beam intensity at 0° by taking the 
ratio of the intensity at each angle 6 to the intensity at 
0°. The relative intensities I (6)/1(0) are then plotted 
as a function of the angle 6.

The normalized angular distribution data for 12 
ionic species observed in the AgCl mass spectrum are 
shown in Table III and are illustrated in Figure 4. An 
electron bombardment energy of 25 eV was employed 
for all species, and the Knudsen cell temperature was 
660° for all species except C1+ and Ag4Cl3+. All data 
reported here were obtained from an orifice with a 
geometry of L/R = 4. Additional angular distribution 
curves were obtained at several electron bombardment

Figure 4. Angular distribution curves of species in the AgCl 
mass spectrum. Data points used to obtain these curves are 
contained in Table III.

energies, and these will be considered in the analysis of 
the fragmentation process.

Discussion
Since most high-temperature vapor systems consist 

at equilibrium of a mixture of gases, the procedures 
used must be capable of treating simultaneously the 
ions resulting from electron bombardment of such a 
mixture. If the ionization potential of an atom or 
molecule has previously been determined, then mea­
surement of appearance potentials can be useful. Let 
us consider the Ag+ ion as an example. If Ag+ is 
formed by ionization of elemental silver vapor, then 
the appearance potential will equal the spectroscopic 
ionization potential. If, on the other hand, Ag+ is 
formed by dissociative ionization of AgCl, then the 
appearance potential for Ag+ will exceed the ionization 
potential of elemental silver by the dissociation energy 
of AgCl plus any kinetic energy contributions. The 
appearance potential for Ag+ of 12.7 eV is greatly in 
excess of the reported spectroscopic value of the first 
ionization potential for silver of 7.54 eV17 and one may 
reasonably conclude that Ag+ is a fragment ion. In a 
study of the silver vapor system Schissel18 found the 
appearance potential of Ag2+ to be less than the ion­
ization potential of Ag.+ Consequently, the appear-

(13) P . C lausing, Physica, 9, 65 (1929).
(14) P . C lausing, Z. Phys., 66 , 471 (1930).
(15) P . C lausing, Ann. Phys. (Leipzig), 12, 961 (1932).
(16) R . T . G rim ley , D . W . M u en ow , and J. L . L a R u e , J . Chem. Phys., 
56, 490 (1972).
(17) C . E . M oore , Nat. Bur. Stand. (U. S.), Circ., 467 (1958).
(18) P . Schissel, J. Chem. Phys., 26, 1276 (1957).

The Journal of Physical Chemistry, Voi. 76, No. 20, 1972



Study of Ionization Processes 2823

Table III: Normalized Angular Distribution Data of Ionic Species Observed in the AgCl Mass Spectrum“

9, d eg C 1 +  b A g  + A g C l + Ag2 + A g 2C l  + A g .C I2 + A g ,+ A g a C l - A g 3Cl2 + A g iC ls  + Ag<Cls + A g iC l i + b

0.00 1.000 1.000 1.000 1.000 1.000 1.000 1.000 1.000 1.000 1.000 1.000 1.000
4.68 0.957 0.964 0.957 0.956 0.946 0.946 0.951 0.955 0.939 0.940 0.931 0.936
9.42 0.869 0.879 0.876 0.830 0.826 0.841 0.843 0.821 0.816 0.818 0.796 0.799

14.22 0.776 0.792 0.787 0.703 0.691 0.707 0.709 0.703 0.683 0.686 0.641 0.653
18.93 0.696 0.691 0.691 0.560 0.557 0.577 0.551 0.562 0.545 0.554 0.496 0.508
23.78 0.599 0.598 0.601 0.427 0.426 0.468 0.438 0.425 0.416 0.423 0.361 0.351
28.65 0.517 0.503 0.517 0.308 0.315 0.365 0.313 0.316 0.307 0.309 0.242 0.258
33.55 0.423 0.443 0.455 0.242 0.241 0.292 0.240 0.238 0.234 0.237 0.167 0.184
38.48 0.389 0.391 0.400 0.188 0.189 0.243 0.183 0.183 0.182 0.184 0.124 0.119
43.38 0.336 0.343 0.349 0.145 0.147 0.195 0.141 0.145 0.143 0.145 0.091 0.100
48.28 0.293 0.297 0.303 0 . 1 1 1 0.114 0.160 0.114 0.113 0 . 1 1 1 0.109 0.065 0.060
53.24 0.253 0.250 0.257 0.086 0.089 0.123 0.087 0.087 0.085 0.085 0.047 0.039
58.19 0.202 0.211 0.213 0.064 0.067 0.095 0.063 0.063 0.064 0.063 0.035 0.029
63.25 0.164 0.171 0.166 0.047 0.049 0.072 0.042 0.045 0.046 0.045 0.023 0.022
68.31 0.134 0.128 0.128 0.033 0.033 0.050 0.030 0.031 0.030 0.030 0.015 0 .0 11
73.37 0.114 0.091 0.088 0.019 0.020 0.030 0.018 0.016 0.017 0.018 0.008 0.009

“ Data were taken at 25 eV with a cell temperature of 660° except as noted and an L/R = 4 cell geometry. 6 Data taken at 700° 
cell temperature.

ance potential for Ag2+ of approximately 15.8 eV found 
in this work is greatly in excess of the appearance po­
tential of the parent Ag2+ ion. Furthermore, it has 
been indicated that curvature in the ionization effi­
ciency curve of Ag2+ suggested that at least two neutral 
molecules were responsible for this ion. Even when 
an ionization potential is unknown, the observations 
made with regard to the energetics of formation of 
Ag+ may be usefully applied to other more complex 
species. If a parent ion is formed, its appearance po­
tential will be lower than that of any of the fragment 
ions which may be formed by dissociative ionization 
of the same neutral precursor. The appearance po­
tentials for Ag4Cl4+ (9.6 eV), Ag3Cl3 + (10.0 eV), and 
Ag2Cl2+ (10.3 eV) are low in comparison with the other 
species. Furthermore, the stoichiometries of the ions 
are such that simple ionization of the appropriate 
neutral polymer could easily give rise to the observed 
ions. It is likely, therefore, that these are parent ions. 
Where two elements combine to form a series of binary 
compounds, it is generally found that the appearance 
potentials of the parent ions are within a few eV of 
each other. When ions are observed whose appear­
ance potentials are several (on the order of three or 
more) eV greater than the appearance potentials of 
the proposed parent ions and which may be formed by 
dissociative ionization of the proposed neutral precur­
sors, it is assumed that these are likely candidates for 
fragment ions. The appearance potentials for Ag2Cl + 
(13.7 eV), Ag3 + (18.4 eV), and Ag3Cl + (14.9 eV) are suf­
ficiently high relative to the appearance potentials of 
the proposed parent ions that these ions most likely 
result from fragmentation. We can say at this junc­
ture that the Ag+, Ag2+, Ag2Cl+, Ag3+, and Ag3Cl + 
ions result from ionization accompanied by fragmen­
tation. This information, however, is insufficient for

one to identify the neutral vapor species which produces 
a given ion.

Another technique which has been used to identify 
the neutral vapor species employs heat of vaporization 
data. If several ionic species are produced from one 
neutral species, the log I +T plot for each of these ions 
should yield the same heat of vaporization. Two 
complicating factors arise with this interpretation. 
First, the possibility exists that an ionic species may be 
formed from more than one neutral vapor species. 
Because the heat of vaporization would be of interme­
diate value, the ion could erroneously be attributed 
to a separate vapor species. When a molecule is 
ionized it may decompose or fragment by a series of 
parallel or consecutive reactions and form additional 
ionic species. The use of heat of vaporization data 
assumes that the rate constants for these ionic decom­
position reactions are independent of the thermody­
namic temperature of the neutral species. Any change 
with temperature of ion intensity is therefore associated 
with a change in the partial pressure of the vapor. 
Any temperature dependence of these rate constants 
could result in variation in the heats of vaporization for 
ions which have a common precursor. Should the 
temperature effect be pronounced, erroneous conclusions 
regarding the identity of the neutral vapor species 
are again possible. In the vast majority of previous 
high-temperature studies, it has been assumed that 
ionic decomposition reactions were temperature inde­
pendent.

For the AgCl system the heat of vaporization data 
cluster around four values; 46, 41, 38, and 32 kcal 
mol-1. Using the standard arguments one would 
conclude that ionization of four neutral vapor species 
is responsible for the observed ions. There are, 
however, several disquieting aspects about such a con-
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elusion. The species Ag2Cl2+, AgCl+, and Ag+ all 
have approximately the same heat of vaporization. 
The appearance potential of Ag2Cl2+ is low, and a low 
intensity of the parent peak is not unusual in the case 
of halide compounds. The appearance potential of 
AgCl+ is of intermediate value and could easily be 
attributed to a fragment. The Ag2Cl2+ ion is assumed 
to be a parent ion, but the question of whether AgCl+ 
is a parent ion from AgCl or a fragment from Ag2Cl2 
remains open. The Ag2+, Ag2Cl+, Ag3+, Ag3Cl+, and 
Ag3Cl2+ ions have approximately the same heats of 
vaporization and apparently come from the same mole­
cule. Visnapuu and Jensen6 claim that the difference 
in the heats of vaporization between Ag3Cl3+ and 
Ag3Cl2+ indicate that the Ag3Cl2 molecule exists in 
addition to Ag3Cl3, and that fragmentation of Ag3Cl2+ 
results in formation of the other ions such as Ag3Cl+, 
Ag3+, Ag2Cl+, and Ag2+. As is readify seen the use 
of the conventional methods in the interpretation of 
the AgCl mass spectrum leaves many questions un­
resolved.

In the specific case of the AgCl system, the angular 
distribution technique enables one to answer many 
of these questions. For brevity we shall hereafter 
refer to this as the AD technique. The application 
of AD measurements to the analysis of fragmentation 
patterns depends on each molecular species having a 
different angular distribution pattern. Thus each ion 
formed from the same molecule will exhibit an identical 
AD curve. If an ion is produced from more than one 
neutral species, the AD curve will be a weighted super­
position of the curves of the individual neutral species. 
The probability is remote that the ionization poten­
tials and the ionization efficiency curves of the involved 
species are identical. As a result one would expect 
the AD curve for an ion formed from more than one 
neutral species to change with the energy of the ioniz­
ing electrons. In those instances where an ion is 
formed from only one neutral species, the form of the 
AD curve should be independent of the energy of the 
ionizing electrons.

The AD curves for the ions observed in the mass 
spectrum of the AgCl system are shown in Figure 4. 
All data were taken at 25 eV. Four distinct curves 
may be seen, and these are associated with four differ­
ent molecules.

The AD curves of the Ag4Cl3+ and Ag4Cl4+ ions are 
identical and are highly focused. The AD measure­
ments for Ag4Cl3+ were made at 18 and 25 eV and pro­
duced identical curves. Because of the low intensity 
of Ag4Cl4+, AD measurements were made only at 25 
eV. The low appearance potential for Ag4Cl4+ (9.6 
eV) and the distinct heat of vaporization for Ag4Cl3 + 
of 40.6 kcal mol-1 provide further evidence for the 
existence of Ag4Cl4. We conclude that Ag4Cl4 and Ag4- 
Cl3+ are produced by ionization of one species, Ag4Cl4.

Figure 5. The effect of the energy of the ionizing electrons on 
the angular distribution curves of Ag+.

The existence of Ag6Cl8 is suggested by the observa­
tion of the Ag5Cl4+ ion. Measurement of the angular 
distribution of Ag5Cl4+ was attempted. However, 
data scatter was great even with the integration 
technique because of the extremely low inten­
sity of the peak. Even though the AD curve 
for Ag5Cl4+ is poorly resolved, it appears to be more 
focused than any of the other AD curves. Further­
more, the appearance potential of 10 eV is similar in 
magnitude to those of Ag3Cl2+ and Ag4Cl3+ (See Table
II). The presence of Ag6Cl5 is suggested but at very 
low partial pressures at the temperatures of this study.

The three remaining molecular species AgCl, Ag2Cl2, 
and Ag3Cl3 also undergo fragmentation processes. The 
simplest of these is AgCl. The Ag+ and AgCl+ ions 
have a distribution curve which is more diffuse than 
any of the other ions at 25 eV. In addition, the Ag + 
and AgCl+ heats of vaporization are identical within 
measurement error. For AgCl+, AD curves were 
obtained at 18 and 25 eV and proved to be independent 
of the energy of the ionizing electrons. Since the 
higher molecular weight species which might contrib­
ute to the AgCl+ peak all possess more highly focused 
distribution curves, any fragment contribution to this 
peak would appear as a shifting of the AD curves 
toward the more focused configuration. This effect is 
in fact observed for Ag+ as shown in Figure 5. Mea­
surements at 18 eV reveal a substantial increase in the 
focusing of the AD curve. The most likely sources 
of the Ag+ fragment are Ag3Cl3 and Ag2Cl2. Both 
species have more highly focused distribution curves 
than AgCl. The heat of vaporization for Ag3Cl3 is
37.1 ±  1.5 kcal mol“ 1 and for Ag2Cl2 is 46.7 kcal mol-1.
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If Ag+ is formed from Ag2Cl2, the value of the heat of 
vaporization at 18 eV would be essentially unchanged 
since the heat of vaporization for AgCl is 46.3 kcal 
mol-1. Since the heat of vaporization for Ag3Cl3 is
37.1 kcal mol-1, a fragment contribution to Ag+ from 
Ag3Cl3 would cause a decrease in the heat of vaporiza­
tion of Ag+ when measured at 18 eV. Obviously the 
energy of the electrons which are used to form the ions 
cannot change the heat of vaporization of the neutral 
species. The measured value for the heat of vaporiza­
tion of Ag+ at 18 eV is 46.3 ±  0.7 kcal mol-1. Be­
cause of the sensitivity limitations of both the ther­
modynamic and AD techniques, some trimer contribu­
tion to Ag+ is possible. However the major contribu­
tors to Ag+ are AgCl and Ag2Cl2.

The Ag2Cl2+ AD curve is considerably more focused 
than the monomer curve but is more diffuse than the 
curves for any of the higher molecular weight species. 
Furthermore, the Ag2Cl2+ distribution is also indepen­
dent of the ionizing energy as shown in Figure 5. There 
can be no monomer fragment contribution to the Ag2- 
Cl2+ ion and consequently to the AD curve. The 
Ag2Cl2+ AD curve cannot be formed wholly from Ag3Cl3 
or Ag4Cl4 since both species have a more highly focused 
distribution than does Ag2Cl2+. The low appearance 
potential of 10.3 eV provides further evidence that 
Ag2Cl2+ is formed from Ag2Cl2. It was previously 
mentioned that, because the heats of vaporization of 
Ag2Cl2+, AgCl+, and Ag+ were equivalent, one could 
not identify the sources of AgCl+ and Ag+ from ther­
modynamic data. This example provides a graphic 
illustration of the value of the AD method.

The AD curves of Ag3Cl3+, Ag3Cl2+, Ag3Cl+, Ag3+, 
Ag2Cl+, and Ag2+ at 25 eV are identical. The AD 
curves of Ag3Cl3+, Ag3Cl2+, Ag3Cl+, and Ag3+ were also 
measured at 18 eV and were found to be in agreement 
with the 25-eV curves. Using the type of argument 
previously employed for the dimer, one would conclude 
that these ions are formed from the Ag3Cl3 molecule. 
The appearance potential of Ag3Cl3+ is low (10.0 eV) 
and is a reasonable value for a parent ion. The mag­
nitude of the spread in appearance potentials of the 
parent Ag3Cl3+ and the fragment Ag3Cl2+ is in the 
range observed for ions of this type. The appearance 
potentials of Ag3Cl+ and Ag3+ clearly classify these 
ions as fragments. However, a gross discrepancy be­
tween the heats of vaporization of Ag3Cl3+ and the 
other ions exists. The possible reasons for this seem­
ing inconsistency will be considered shortly.

While the remaining silver containing ions, Ag2Cl+ 
and Ag2+, have trimer type distributions at 25 eV, at 
lower ionizing energies the curves become more diffuse 
in shape. The dependence of the AD curves on the 
energy of the ionizing electrons is shown in Figures 6 
and 7. Because the energy shift tends to make the 
curve more diffuse, the second or nontrimer contribution 
must be made by a species whose angular distribution

Figure 6 . The effect of the energy of the ionizing electrons on 
the angular distribution curves of Ag2Cl+.

Figure 7. The effect of the energy of the ionizing electrons on 
the angular distribution curves of Ag2 +.

is more diffuse than the trimer. An additional and 
perhaps trivial requirement is that the vapor species 
must be capable of producing the ion. Only Ag2Cl2 
fulfills these requirements. Figure 6 shows that at 
18 and 25 eV, the contribution of dimer to the Ag2Cl+ 
ion intensity is not detectable. However, as the voltage 
is lowered to a point just above the onset of ionization, 
the relative dimer contribution increases and may be 
observed. Because of the curvature of the ionization 
efficiency curve, the appearance potential of 13.7 eV 
obtained by the linear extrapolation method is above
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the energy at which these measurements were made, 
namely, 13 eV. A similar phenomena is observed for 
Ag2+ (Figure 7) except that even close to the onset 
energy for Ag2+, a substantial trimer contribution to 
Ag2+ is still found.

Based upon the behavior of organic systems one has 
generally assumed that fragmentation of complex in­
organic systems would be minimized and analysis 
simplified if low ionizing energies were employed. This 
system provides a warning that this assumption may 
not be valid.

The discrepancy between the thermodynamic and 
AD data for the ions formed from Ag3Cl3 has previously 
been mentioned. Since the standard deviation of 
second-law heat of vaporization measurements is of 
the order of ±1  kcal mol-1, differences less than this 
cannot be considered to be significant. Except for 
Ag3Cl3+ the data for the trimer-related ions fall in the 
38 kcal mol-1 range. The slightly higher values for 
Ag2CD and Ag2+ could possibly be attributed to the 
dimer fragmentation contributions to these ions. On 
the surface, at least, several explanations for the low 
heat of vaporization value for Ag3Cl3+ may be sug­
gested. (1) Two separate vapor species Ag3Cl3 and 
Ag3Cl2 exist each with its own distinct heat of vaporiza­
tion. (2) Two forms of Ag3Cl3 with differing struc­
tures and heats of vaporization are present. (3) The 
rate constants for the various fragmentation processes 
are temperature dependent.

Visnapuu and Jensen6 concluded that two separate 
and distinct species, Ag3Cl3 and Ag3Cl2, exist in the 
vapor phase. The primary evidence cited in support 
of this conclusion was the differences in the heats of 
vaporization between Ag3Cl3+ and Ag3Cl2+ and the 
low appearance potentials of these species. There are 
a number of reasons why we feel that this explanation 
is incorrect. The angular distribution curves of Ag3Cl3 + 
and Ag3Cl2+ are identical and are independent of the 
energy of the ionizing electrons. An interrelation­
ship between Ag3Cl3+ and Ag3Cl2+ has been demon­
strated by means of the metastable transition (eq 2). 
Thus the heat of vaporization of Ag3Cl2+ cannot be 
solely representative of Ag3Cl2, and the thermody­
namic argument cannot be invoked. In addition, if 
Ag3Cl2 exists as a molecule in the gas phase, then the 
equilibrium

Ag3Cl3(g) ^  Ag3Cl2(g) +  Cl(g) (3)

must exist in the Knudsen cell. In order for the stoi­
chiometries of the liquid and gaseous phases to remain 
constant at a given temperature, the flux of Ag3Cl2 mole­
cules leaving the cell must be equal to the flux of Cl 
atoms. For the type of ion source used in this work the 
ion intensity 7+ is related to the flux v by means of the 
equation 7+ = Kva/c where a is the ionization cross 
section, c is the average speed of the molecules, and K  
is a constant related to the machine geometry. If

Ag3Cl2 exists then the main ionic species associated with 
Ag3Cl2 are Ag3Cl2+ and Ag2Cl+. Accordingly, the ion 
intensity for Ag3Cl2 was taken to be the sum of 7+Agjci!+ 
and 7+Ag2cn. Using the total ion intensity for Ag3Cl2 
one may predict the ion intensity for Cl+. Dependent 
on whether the Otvos and Stevenson19 or Mann20 cross 
sections were used, the observed ion intensity was found 
to be low by factors of approximately 30 or 80 from the 
predicted intensity. These factors are greatly in excess 
of cross-section uncertainties or approximations, and 
we are forced to conclude that Ag3Cl2 does not exist 
in the vapor phase.

The decomposition involving the formation of Cl2 
has not been considered since no Cl2+ was observed 
in the mass spectrum. The source of the Cl+ peak 
does, however, deserve further comment. In obtain­
ing the ionization efficiency curve for Cl+ a substantial 
background of CD was observed. Several potential 
sources of background CD ion exist. The AgxClx 
species thermally decompose on hot surfaces exterior 
of the Knudsen cell with the formation of a metallic 
silver film and atomic chlorine. Also hydrogen halides 
are commonly observed when a halogen is introduced 
into a mass spectrometer.21 Thus fragmentation of 
HC1 may also be expected to produce some CD back­
ground.22 The ionization efficiency curve for CD with 
background removed is shown in Figures 2 and 3. The 
lower portion of the curve is seen in Figure 2 scaled 
up ten times relative to the upper portion of the curve 
shown in Figure 3. It is clear that the major intensity 
contribution to CD results from the ionization process 
whose onset occurs at approximately 19 eV. An addi­
tional break in the curve is observed in Figure 2 at 
approximately 15.5 eV. The angular distribution curve 
for CD was measured at 25 eV, and the data are shown 
in Table III. At 25 eV the AD curve of CD coincides 
with the AD curve of AgCD. We conclude, therefore, 
that the major portion of the CD ion intensity results 
from dissociative ionization of AgCl.

Microscopic examination of the cell orifice and the 
AgCl remaining in the cell after a run revealed the 
presence of a few small crystals of silver. While the 
major process which occurs is vaporization, a small 
amount of AgCl is simultaneously decomposing to 
elemental silver and chlorine. The appearance poten­
tial of 13.0 ±  0.8 eV agrees with spectroscopic ioniza­
tion potential for atomic chlorine of 13.01 eV.11 The 
first section of the ionization efficiency curve is assigned 
to ionization of Cl.

(19) J. W . O tvos and D . P . S tevenson , J. Amer. Chem. Soc., 78, 
546 (1956).
(20) J. B . M an n  in “ R ecen t D evelop m en ts in M ass S p e c tro s co p y ,”  
K . O gata  and T . H ayakaw a, E d ., B a ltim ore  U n iversity  Press, 
B altim ore, M d ., 1970, p  814.
(21) J. T . H erron  and V . H . D ibeler, J. Chem. Phys., 32 , 1884 
(1960).
(22) R . T h orbu rn , Proc. Phys. Soc. (London), 73, 122 (1959).
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The onset of the second segment of the ionization 
efficiency curve at approximately 15.5 eV could ener­
getically result from fragmentation of Cl222,23 to Cl+. 
If CI2 were responsible for this segment of the curve, 
then one would also expect to observe a parent Cl2+ 
peak, but none was found at any temperature. The 
possibility of HC1 absorbed by the AgCl sample con­
tributing to the Cl+ peak was considered. A large 
HC1+ peak was observed, but none was found to come 
from the cell. In addition, the onset of the second 
segment was well below the value of 17.6 eV reported 
by Thorburn22 for the fragmentation of HC1 to Cl+. 
The only remaining chlorine containing species are the 
AgzClx polymers. Because Ag3Cl3 is present in the 
greatest amount, the best guess as to the cause of the 
second segment of the ionization efficiency curve seems 
to be fragmentation of Ag3Cl3 to Cl+. Unfortunately, 
the intensity levels of C1+ were so low along the second 
segment of the ionization efficienc3r curve as to pre­
clude the use of AD measurements to confirm the trimer 
as a source of C1+.

The possibility of linear and cyclic forms of Li2F2 
have been proposed by Abramowitz,24 et al., and by 
Snelson25 who used the matrix isolation technique to 
determine the heats of vaporization for the isomeric 
vapor species. One needs to consider the possibility 
of two forms of Ag3Cl3. Two cyclic structures are 
easily conceived, one consisting of a three-membered 
ring of silver atoms with the chlorine atoms located in 
radial positions. This structure will be termed form A. 
The other possible cyclic stucture, form B, consists 
of a six-membered ring of alternate silver and chlorine 
atoms. It is reasonable to expect that some differ­
ences in appearance potentials and fragmentation pat­
terns of the two proposed trimer species might occur. 
However, the ionization efficiency curve of the Ag3Cl3+ 
parent ion exhibited no breaks or abnormal curvature 
of the type frequently found when more than one 
neutral precursor contributes to an ionic species.

On the basis of the heat of vaporization data it is 
possible to conceive of a situation where Ag3Cl3 form 
A ionizes to Ag3Cl3+(A), Ag3Cl2+, and other fragments. 
The Ag3Cl3+(A) ion is assumed to undergo the meta­
stable decomposition to Ag3Cl2+. Form B Ag3Cl3 ion­
izes only to Ag3Cl3+(B). Based upon these assump­
tions, the heats of vaporization of Ag3Cl2+, Ag3C l+, 
etc. would be be representative of the heat of vaporiza­
tion of Ag3Cl3+(A). The resulting heat of vaporization 
observed for Ag3Cl3+ would then be a weighted value of 
the contributions from forms A and B. Under these 
circumstances the plot of log P a s C U *  v s . l / T  should be 
nonlinear. However, since a forced linear fit is generally 
used, an intermediate value of the heat of vaporization 
would be observed. Assuming this, model Ag3Cl3(A) 
would have a heat of vaporization of approximately 38 
kcal mol-1 and form B would have a heat of vaporiza­
tion of less than 32 kcal mol-1. Since the ionization

efficiency curves for the two forms would be expected to 
be somewhat different, the heat of vaporizaton should 
show some change as a function of the ionizing electron 
energy. Measurements made over the same tempera­
ture range at 18 and 25 eV give values of 32.9 and 32.4 
kcal mol-1, respectively. Furthermore, unless the 
AD curves of both these species were identical, a change 
in the ionizing energy would cause some shifting of 
the AD curve. We are unable to demonstrate any 
of the possible effects which might result from the 
presence of two isomers. Lacking any spectroscopic 
evidence to the contrary, we conclude that only one 
form of Ag3Cl3 is present in the vapor; and based on 
the fragmentation patterns, the three-membered silver 
ring form is the most likely structure.

In previous high-temperature studies of inorganic 
systems there has been no obvious evidence of tempera­
ture-dependent ionization processes. However, this 
phenomenon has been clearly demonstrated by the 
studies of Osberghaus, et al.,%~2S in the study of a 
number of organic molecules. The total ion intensity 
which is defined as the sum of the intensities of all the 
ions produced from a given molecule was found to be 
independent of temperature for a series of C 2 - C 7  hy­
drocarbons over a range of several hundred degrees. 
Cassuto29 has confirmed this behavior in the case of 
methane, propane, and n-pentane. Qualitative agree­
ment between experiment and the quasi-equilibrium 
theory has been reported by Ehrhardt and Osberg­
haus.28 Of immediate importance insofar as the pres­
ent work is concerned is the experimental behavior of 
the hydrocarbon systems. The parent ion shows a 
decrease in intensity with increasing temperature. 
The intensities of the fragment ions may either increase, 
decrease, or exhibit a maximum with temperature. 
The lowest molecular weight fragments all showed 
an increase of intensity with temperature. In most 
cases, the parent ion showed the largest dependence of 
intensity on temperature. It is interesting to examine 
the AgCl system in view of these observations. Since 
the total cross section and, therefore, the total ion 
of intensity is independent of temperature, any change in 
the flux for a given neutral species should be observable 
as a change in the total ion intensity. Thus a plot of 
log I +totaiT vs. l/T should give the correct value of the 
second-law heat of vaporization. A least-squares fit

(23) D . C . F rost  and C . A . M cD o w e ll, Can. J. Chem., 38 , 407 
(1960).
(24) S . A bram ow itz , N . A cq u ista , and  I . W . L ev in , J. Res. Nat. Bur. 
Stand., 72A , 487 (1968).
(25) A . Snelson , J. Phys. Chem., 73 , 1919 (1969).

(26 ) 0 .  O sbergh aus an d  R . T a u b e rt , Z. Phys. Chem. (Frankfurt am 
Main) 4 , 264 (1 9 5 5 ).
(27 ) H . E h rh a rd t and  0 .  O sbergh aus, Z. Naturforsch. A, 13, 16 
(1 9 5 8 ).
(28 ) H . E h rh a rd t and  0 .  O sbergh aus, ibid., 15, 575 (1 9 6 0 ).
129) A . C assuto, Advan. Mass Spectrom., 2, 296 (1963).
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Table IV : Ions Formed by the Electron Bombardment of the AgCl Vapor System

■Ion-
N e u tra l C1 + A g  + A g C l  + A g 2 + A g 2C l  + Ag2Cl2 + Aga + A g 3C l  + A g 3C l2 + A g 3C l3+ A g 4C l3+ Ag<C l4+ A g 3C l3 +

AgCl X X X
Ag2Cl2 X X X X
Ag3Cl3 X X X X X X
Ag4Cl4 X X
Ag6Cl6 X

of theZ+totai?1 data for Ag3Cl3 yielded the trimer heat of 
vaporization of 37.1 kcal mol“ 1.

The measurements by Osberghaus, et al.,26 indicate 
that the temperature variation of the cross sections for 
the individual ions is generally small compared to the 
temperature dependence of the vapor pressure for most 
inorganic compounds. One would expect that the 
superposition of the cross-section effects on the vapor 
pressure curve would cause some nonlinearity in the log 
I+T vs. l/T plot for a given species. However, since 
the heat of vaporization is obtained from an assumed 
linear plot, the net effect would be to cause a decrease 
in the heat of vaporization when, as in the case of the 
parent ion, the cross section decreases with increased 
temperature. The heats of vaporization of Ag3Cl+2, 
Ag3Cl+, and Ag3+ do not differ appreciably from the
37.1 ±  1.5 kcal mol“ 1 value, and thus a small cross- 
section effect is likely. The Ag2Cl+ and Ag2+ ions 
show an increase in the heat of vaporization. Since 
these ions are the smallest fragments, a slight positive 
temperature effect is in agreement with the results for 
the hydrocarbons. The contribution from Ag2Cl2 is 
also a likely cause of the slightly higher heat of vapor­
ization values found for these ions.

It is seen that the conclusions arrived at on the basis 
of AD data are consistent with the assumptions and 
observations of temperature-dependent cross sections. 
The ions which occur as a result of electron bombard­
ment of the AgCl vapor system are compiled in Table
IV.

The agreement of our data with that of Visnapuu 
and Jensen is quite poor. The heats of vaporization 
and the appearance potentials reported by these workers 
differ markedly from our results. The heats of vapor­

ization measured in this work are 3-6 kcal mol“ 1 
higher than those reported by Visnapuu and Jensen. 
Examination of the Visnapuu and Jensen data reveals 
differences of 8 to 9 kcal mol“ 1 between the maximum 
and minimum values for the heat of vaporization of a 
given species. This spread is inordinately large and 
difficult to explain. Direct comparisons of the data are 
not possible in any event since Visnapuu and Jensen 
failed to indicate the energy of the ionizing electrons 
used in their work.

This and our earlier investigations have demon­
strated that, where polymers are involved, angular dis­
tribution measurements are an effective aid in the 
study of ion source fragmentation processes. The 
possible danger in the use of thermodynamic data to 
interpret fragmentation patterns has been clearly 
demonstrated in the case of Ag3Cl3. It appears that, 
in order to obtain the most accurate thermodynamic 
data by mass spectrometric methods, total ion inten­
sities should be used. This means that it is essential 
for one to be able to identify the neutral precursor of 
each ion. Possible exceptions to this requirement in­
clude (1) those instances where the cross sections are 
essentially temperature independent as evidenced by 
identical heats of vaporization for all ions associated 
with a given neutral precursor and (2) those instances 
where the ion intensity contributions from all but one 
ion are insignificant. Another important and fre­
quently ignored observation is that the heats of vapor­
ization of an ion may change with the energy of the 
ionizing electrons. Thus when an ion is formed from 
more than one neutral precursor, heat of vaporization 
data taken at low-electron energies may differ sub­
stantially from data for the same ion taken in the 
50-70 eV range.
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Shock Tube Cis-Trans Isomerization Studies. II1

by Peter M. Jeffers
Department of Chemistry, State University College, Cortland, New York 13045 (Received April 12, 1972)

Rates of isomerization of cis- and irans-l,2-dichloroethylene and cis- and fmm-perfluoro-2-butene were mea­
sured relative to ws-2-butene isomerization. A 3/ 4-in. single-pulse shock tube served as the reactor. Rate 
constants derived for the isomerizations agree well with available results of low-temperature studies. Rate 
constants found for the temperature range 1050-1350°K are log £«.—t(C4F8) = 13.21 — 54,700/4.587/ log 
fct-c(C4F8) = 12.98 -  55,000/4.587/ log *c_ t(C2H2Cl2) = 12.35 -  53,400/4.587/ log fct-*c(C2H2Cl2) = 12.26 -  
52,700/4.581'. Combination of shock tube and low-temperature conventional results yields values of log 

t(C2H2Cl2) = 13.2 -  57,400/4.58IT and log fc0_ t(C4F8) = 13.2 -  54,900/4.587'.

Part I of this series reported results on cis-trans isom­
erization of cis-2-butene and cis- and trans- 1,2-di- 
fluoroethylene. It was evident from that work that 
the shock tube relative rate technique employed was 
excellently suited for finding the limiting high-pressure 
rate constants for homogeneous gas-phase isomeriza­
tion reactions. A recent summary2 of thermal isom­
erizations lists only nine studies spread over a 35- 
year period, and in most of these investigations some 
difficulties were experienced due to heterogeneous or 
free-radical catalysis. Neither of these problems arises 
with the shock tube method. In addition, the shock 
tube results for a given reaction usually cover a con­
siderably higher temperature range than is found with 
conventional methods due to the inherent very short 
residence times. For these reasons, this series of stud­
ies continues.

This paper includes results on cis- and trans-1,2-di- 
chloroethylene which can be compared with the study 
reported in Part I of difluoroethylene and on cis- and 
trans-perfluoro-2-butene which is of interest to compare 
with both 2-butene and difluoroethylene. There have 
been conventional studies of trans-C4F83 and cis- 
C2H2C124 both at a 300° lower temperature range, while 
study of the reactions in each direction as was done 
here allows a check for consistency with the known 
equilibrium constants for these systems.

Experimental Section
The 19-mm i.d. Pyrex shock tube has already been 

described.1 The only alteration was a new end block 
still housing a BaTi03 pressure-sensing crystal, but 
with a 1-mm hole leading to a rubber septum through 
which samples were withdrawn directly into a Precision 
Sampling Co. gas tight syringe. Direct use of the 
syringe, a completely grease-free system, gave much 
better results with dichloroethylene experiments than 
were obtained in preliminary work where gas samples 
were withdrawn into sample bulbs and subsequently 
compressed in a mercury transfer system before being 
injected into the gas chromatograph. Apparently,

some of the C2H2C12 absorbed on grease of the shock 
tube valve, the sampling bulb stopcock or joint, or the 
stopcocks or joint of the transfer apparatus.

Materials. Phillips research grade cfs-2-butene was 
used as supplied and contained 0.08% of the trans 
isomer. A cis-trans mixture of Matheson perfluoro-
2-butene was separated using a 6 mm X 15 m column 
of 20% Kel-F-oil No. 3 (Hewlett-Packard) on 80- 
100 mesh Chromosorb-P. The column was kept at 
0°. About 0.5 ml of the liquid CJ*/ mixture (bp 0°) 
was injected at a time, and two repeat chromatographic 
separations of the crude products yielded trans-C4F8 
containing 0.3% of the cis isomer and cfs-C4F8 with 
0.8% trans impurity. No other impurities were noted. 
Eastman practical grade 1,2-dichloroethylene (cis- 
trans mixture) was separated with a 25 mm X 1.83 m 
10%  silicon gum rubber column at room temperature. 
Two chromatographic separations gave 99.97% pure 
trans- and 99.3% pure cis-C2H2C12, with the other 
isomer as the only impurity. Linde high-purity Ar was 
used for sample preparation, and high-purity He served 
as the driver gas.

Analysis. All analyses were performed with a 
Hewlett-Packard Model 5750 gas chromatograph 
using the flame ionization detector. Samples con­
taining perfluoro-2-butene and 2-butene were passed 
through a 6 mm X 1.83 m AgNOs-saturated poly­
propylene glycol column at room temperature, then 
through a 6 mm X 3.05 m column of Porapak T at 
150°. Areas were determined by triangulation, and 
calibrations indicated the trans-C4F8 area had to be 
multiplied by a factor of 1.03. Mixtures containing 
dichloroethylene and 2-butene could be separated

(1) P art I :  P . M . Jeffers and W . Schaub, J. Amer. Chem. Soc., 91, 
7706 (1969).
(2) S. W . B enson , “ T h erm och em ica l K in e tics ,”  W iley , N ew  Y ork , 
N . Y ., 1968, p 74.
(3) E . W . Sch lag  and E . W. K aiser, Jr., J. Amer. Chem. Soc., 87, 
1171 (1965).
(4) L . D . H a w ton  and G . P . Sem eluk, Can. J. Chem., 44 , 2142 
(1966).
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using only the A gN 03 column. The ¿rans-C2H2Cl2 
areas were increased by a factor of 1.02. Shocked gas 
samples were withdrawn from the shock tube into a
2-ml syringe at about 200-400 Torr and were injected 
directly into the chromatograph. Usually, only a 
single analysis was performed per shock, although at 
times a second sample was also processed.

Shock Experiments. Mixtures of the reactants were 
prepared by pressure in a 5000-ml Pyrex bulb. Argon 
was used to dilute initial concentrations to the 0.02- 
2%  range. Initial test section pressures of the un­
shocked gas ranged from 150 to 300 Torr. The 0.75- 
mil Mylar diaphragms ruptured at about 85 psig. 
These shocks yielded reflected shock temperatures of 
1050~1350°K, with density ratio for shocked to un­
shocked gas of 4.2-5.2. Reflected shock dwell times 
at the end of the tube were 160-250 ¿¿sec.

Calculations. Rate constants for the cis-trans iso- 
merizations were calculated using the integrated rate 
expression for a reversible first-order process. Equi­
librium constants (cis -*■ trans) used were K  (C4H8) =
2.25,5 A (C 4F8) =  1.8,3 and A’ (C2H2C12) =  0.85.4

Results
Perfluoro-2-butene Isomerization. Three sets of 

shocks were run with both as-perfluoro-2-butene and 
m -2-butene initial concentrations of 2, 0.2, and 0.02%. 
The same initial concentrations were used for three 
sets of shocks using frans-C4F8 with cfs-C4H8. Rate 
constants were evaluated from the measured per cent 
conversions and the residence times and were plotted 
as log fc(C4F8) vs. log fc(C4H8). It has been shown1 that 
the slope of such a relative rate plot gives the ratio of 
the activation energies for the two systems. With 
activation energy determined, evaluation of a preex­
ponential factor is a simple matter. The isomerization 
rates were all measured with cfs-2-butene as the stan­
dard for comparison, and a value of 62.0 kcal/m ol was

log k CIS-2-BUTENE

Figure 1. Plot of log A(c — t) for C4F8 vs. log A(c -*■ t) for 
C4H8: O, 2% of each reactant; + , 0.2% of each reactant; •, 
0.02% of each reactant.

1.2 1.6 2.0 2.4 2.8
log k CIS-2-BUTENE

Figure 2. Plot of log Aft -*■ c) for C4F8 vs. log A(c —* t) for 
C4H8: •, 2% of each reactant; O, 0.2% of each reactant; + ,
0.02% of each reactant.

log k CIS-2-BUTENE

Figure 3. Plot of log A(c -*• t) for C2H2CI2 vs. log A(c —► t) for 
C4H8: O, 0.2% of each reactant; •, 0.04% of each reactant.

chosen as A a for cis-2-butene. Results for cis-C4F8 
are shown in Figure 1. The least-squares slope is 
0.888 ±  0.03 which implies an activation energy of
55.0 ±  1.9 kcal/m ol. The preexponential factor is 
then found to be i o 13-22±0-2. The temperature range 
can be determined from the experimental rate con­
stants for 2-butene and the known Arrhenius param­
eters, and is 1060-1250°K. trans-CiFs was studied 
from 1080 to 1240°K, with results as shown in Figure 2. 
The slope of 0.893 ±  0.015 gives an activation energy 
of 55.3 ± 1 . 0  kcal/m ol and a preexponential factor of
^ Q 1 3 . 0 1 ± 1 . 1 5

Dichloroethylene Isomerization. Three sets of shocks 
were made with cfs-l,2-dichloroethylene and cis-2- 
butene mixtures with initial concentrations of each 
reactant of 2, 0.2, and 0.04%. The slope of the relative 
rate plot, Figure 3, is 0.S60 ±  0.03 which gives Ea =

(5) R. E. Duff and S. H. Bauer, J. Chem. Phys., 36, 1754 (1962).

The Journal of Physical Chemistry, Vol. 76, No. 20, 1972



Shock Tube Cis-T rans Isomerization Studies

log k CIS-2-BUTENE

Figure 4. Plot of log &(t —► c) for C2H2CI2 vs. log k(c -*■ t) for 
C4H8: O, 2% C 2H 2C12- 1 %  C4H8; #, 0.2% C 2H2C12- 0 . 1 %  C4H8.

53.4 ±  2.0 kcal/m ol and log A =  12.36 ±  0.3. The 
temperature range is 1120-1350°K. Tw o series of 
shocks with trans-C2H 2CI2 and cfs-C4H8 had initial con­
centrations of 2 -1 %  and 0.2-0 .1% , respectively. 
Figure 4, which shows the results, has slope of 0.85 ±  
0.01 and implies a rate constant of lO12-26*0-1 exp 
( — 52,700 ±  600/RT) sec-1 over the temperature range 
10S0-1275°K.

With the previously stated initial pressures in the 
shock tube, the shock compression yielded total reac­
tion pressures of 3500-4000 Torr, so that the isomeriza- 
tions should have all been in the unimolecular high- 
pressure regions.

The per cent conversion in the isomerizations ranged 
from 2 to 5%  as a lower limit up to as much as 40% . 
The lower bound was set by the detector sensitivity 
and by the difficulty of quantitatively measuring con­
versions just slightly larger than the background im­
purity level. The upper conversion limit was selected 
sufficiently below the temperature range where side 
products appeared to give reasonable assurance that 
the isomerization was not free-radical catalyzed. All 
shock experiments where the conversion was acceptable 
are represented on the relative rate plots.

Discussion
The comparison standard for the C2H2C12 and C4F8 

isomerizations was cis-2-butene, for which a rate con­
stant of ki =  1013'4 exp( — 62,000/RT) was chosen. 
This value is a “ rounded off”  version of the previously 
determined1 ki =  1013-38 exp ( — 61,600/727’), and is 
within the experimental uncertainty. Both the A 
factor and the activation energy agree exactly with the 
values calculated by Benson.2

The value found by Schlag and Kaiser3 for perfluoro-
2-butene isomerization is kt =  1013-52±0-u exp( —56,400 
±  160/RT) and agrees with the previously stated results 
within the sum of experimental uncertainties. Using
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Figure 5. Arrhenius plot for cfs-perfluoro-2-butene showing 
low T results3 (k = lO13-42-66'100'4-582’), high T results of this 
study (k = i013-21- 54.,00/4-682'), and the best line connecting the 
two sets (k =  l 0 13•2I-64■900,4•687').

their values of AH(t -*■ c) =  816.8 kcal/m ol and A»S =  
— 0.486 eu, one finds k(c —*• t) =  k(t c) /K  =  
1013-42e~65’100,isr. Schlag and Kaiser’s results cover the 
temperature range 703-750°K  while the present study 
was at 1060-1250°K. Plotting both sets of data on a 
log k vs. l /T  graph (Figure 5) and connecting them 
yields a value of ¿ ( c i s trans) =  1013-21 exp( —54,900/ 
RT), in excellent agreement with each individually 
determined value and especially with the shock tube 
result. Benson’s calculated value for log A is 13.1 
which is also in excellent agreement.

The ratio of &i/fc_i for perfiuoro-2-butene found here 
is lO°-23+(300/4-587’) =  1.9 at 1200°K, in agreement with 
A i 2oo° =  1.8 deduced from Schlag and Kaiser’s3 ther­
modynamic parameters. The difference of 300 ca l/ 
mol in forward and reverse activation energies agrees 
reasonably with Schlag and Kaiser’s value of AH° =
816.8 cal/m ol. The activation energy for m -2-butene 
now seems rather well established at 62 kcal/m ol, so 
that the decrease in 7?a in going to the perfluoro mole­
cule is about 7 kcal. For comparison, Part I 1 of this 
series reported for cfs-difluoroethylene as 62.8 
kcal/m ol.

The present study indicated k(c t) for dichloro- 
ethylene to be 1012-36 exp( —53,400/AT), compared to 
1012-76 exp( —56,000/AT) found by Hawton and 
Semeluk.4 The agreement in activation energies is 
probably within experimental error. However, if the 
shock tube results (1120-1350°K) are combined with 
the conventional data (807-845°K) on a log k vs. \/T  
plot, (Figure 6), a value of k(c t) =  1013 2 exp- 
( — 57,400/727’) is obtained. For this reaction Benson2 
calculates log k =  13.2 — 57,000/4.587’ which is nearly 
exact agreement. The differences between the relative 
rate value for cfs-C2H2Cl2 and the value determined 
from combination of high- and low-temperature data 
appear surprisingly large in view of the low relative
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i o 4/ t

Figure 6. Arrehnius plot for cis-l,2-dichloroethylene showing 
low T results4 (k = lO12-76- 56'0“ '4-687’ ), high T results of this 
study (k = io i2-36 —53-400/4-687’), and the best line connecting the
t W O  S e t S  {k =  I Q 4 2 - 2 - 5 7 , 4 0 0 /4 .5 7 r )_

rate experimental scatter. However, the value of the 
log of fc(relative)//c(combined data) is 0.06 at 1120°K 
and 0.19 at 1350°K, and variations of this amount are 
not beyond the observed scatter. The experimental 
section mentions difficulties in preliminary studies of 
the dichloroethylenes which required development of 
very careful sample handling procedures. Since the 
C2H 2CI2 analysis did cause more trouble than usual, 
some small systematic error could have entered the 
results.

Hawton and Semeluk’s suggested rate constant was 
obtained by extrapolating to surface/volume ratio =  
0, indicating that they experienced some heterogeneous 
contributions to their reaction. In view of these 
difficulties, the rate constant obtained by combining 
the low- and high-temperature studies is undoubtedly 
the best choice of the three.

The relative rate results for C2H 2CI2 give h/k^i =  
100.0 9 —(7 0 0 / 4 .5 8 T) _  q q j  i200°K , which is in reason­
able agreement with a value of K i20o° =  0.75 derived 
from Pitzer and Hollenberg’s6 thermodynamic data. 
The difference of 700 cal/m ol in forward and reverse 
activation energies is within experimental limits of 
AH (c  —*■ t) =  442 cal/m ol.6

Only minor differences are found in the preexponen­
tial factors of 2-butene, perfluoro-2-butene, diffuoro- 
ethylene, and dichloroethylene, so that direct compari­
son of the activation energies might be expected to be 
meaningful. Table I contains some relevant physical 
quantities.

Table I

Ea,
keal/mol

A# 208(hydro-
genation),4
keal/mol

rc-c,b
A

C2H2D2‘ 65 -3 2 .7 1.337
CÆLFî4 62 -2 8 .4 1.331
CÆs4 62 -2 7 ,1 1.346
C2H2C12 57 -3 2 .5 1.354
c4f 8 55 -2 6 .2 1.346

0 Heats of hydrogenation were calculated from known heats 
of formation or from heats of formation estimated from Benson’s 
tables of group contributions.2 b S. H. Bauer, private com­
munication. c B. S. Rabinovitch and F. S. Looney, J. Chem. 
Phys., 23, 2439 (1955); 23, 315 (1955). d Reference 1.

The entries in Table I are listed in decreasing order 
of activation energy, and the same trend is observed 
in heat of hydrogenation, with the exception of di­
chloroethylene. Lin and Laidler7 suggest the correla­
tion E& ~2Ai7(hydrogenation) for cis-trans isomeriza­
tion, but there are significant deviations from that 
simple relation. The correlation between activation 
energies and double bond lengths is not as good as the 
heat of hydrogenation relation. Both Benson8 and 
Lin and Laidler7 recognize the close and direct relation 
between double bond strength (AH for R H C = C H R '

R H  ■ C -C  • H R ') and activation energy for isomeriza­
tion. However, few data are available on double bond 
strengths, and estimations8 require knowledge of spe­
cific C -H  bond strengths and resonance stabilization 
energies which are not always available.

In view of the activation energy changes in going 
from C2H 2D 2 to C2H2F2 to C2H2C12 and from C,iH8 to 
C4F 8 , investigation of C4C18 could prove quite inter­
esting.
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Gas-Phase Homogeneous Catalysis in Shock Waves. III. The Oxidation 

of Carbon Monoxide by Oxygen in the Presence of Nickel Carbonyl

by Shimpei Matsuda1
Department of Chemistry, Harvard University, Cambridge, Massachusetts 02138 (Received March 3, 1972)

The oxidation of carbon monoxide by oxygen in the presence of small amounts of nickel tetracarbonyl was 
investigated in incident and reflected shock waves. A reaction mixture, typically containing 300 ppm of 
Ni(CO)4, 4%  CO, and 2%  O2 in Ar, was shock heated to temperatures between 1100 and 2400°K at a total 
concentration of 6 X 1017 molecules/cc in incident shock waves. The C 02 formation was followed by the 
infrared emission at 4.27 y over 2-msec particle time. The CO2 concentration was found to increase linearly 
with time, the rate of CO oxidation being much greater than in the absence of Ni(CO)4. A time-of-flight 
mass spectrometer coupled to a shock tube was used to investigate the formation of transient species containing 
Ni during the reaction behind reflected shock waves. Mass peaks due to Ni and NiO were identified, the 
peak height of the latter species being less than 10% of the former. A cyclic process involving Ni, NiO, and 
NiCO is proposed to account for the homogeneous catalytic oxidation of CO in the presence of Ni(CO)4.

Introduction
The acceleration of combustion reactions by the ad­

dition of small amounts of metallic compounds has 
been a subject of several studies. Thus induction 
periods of the flash-initiated C2H 2-O 2 reaction were 
shortened by the addition of N i(CO )4, Fe(CO)s, and 
Cr(CO)6.2a The C2H2- 0 2 reaction in shock waves 
(which is a strickly homogeneous system) is greatly 
enhanced in the presence of only 10 ppm of Cr(CO)6.2b 
The strong catalytic effects of Cr(CO)6 and Fe(CO)6 on 
the oxidation of carbon monoxide in shock waves have 
been throughly studied by Kistiakowsky and co- 
workers.3,4 In the case of the C r(C 0 )6- C 0 - 0 2 reac­
tion the formation of Cr, CrO, C r02, and C r03 in 
steady-state concentrations was confirmed by means of 
a time-of-flight mass spectrometer coupled to a shock 
tube and a catalytic chain process

CrOre +  0 2 =  CrO„+2 (n =  0, 1) (1)

CrOm +  CO =  CrOm_! +  C 0 2 (m =  1, 2, 3) (2)

has been proposed.3 A  similar mechanism was pro­
posed for the F e (C 0 )5- C 0 - 0 2 reaction.4

The spontaneous ignition of N i(CO )4 as well as the 
combustion of n-butane induced by N i(CO )4 have been 
studied by several workers.6-8 The mechanism, how­
ever, is not well understood, mainly because of the 
heterogeneous nature of the reaction.

Nickel oxide as well as Fe20 3 and Cr20 3 are good 
catalysts for the CO oxidation in the gas-solid heter­
ogeneous reaction systems.9,10 The purpose of this 
paper is to present details of the homogeneous catalytic 
effect of Ni, added in the form of N i(CO )4, on the 
C O -0 2 reaction. Shock waves have proved to be the 
ideal media for this type of study.

Experimental Section
Apparatus. A 3-in. i.d. shock tube equipped with 

two InSb infrared detectors (IR ST apparatus) has 
been described in detail previously.11,12 One infrared 
detector monitored the emission at 4.20 y  from C 0 2 
and the other the emission at 5.03 y  from CO. The 
emission intensity at 4.20 y  was calibrated to absolute 
C 0 2 concentration by shock heating known C 0 2-A r  
mixtures over a temperature range used in this study. 
Shocks were generated in 5 or 10 Torr of reactant mix­
tures using He or H e-N 2 as a driver gas.

A  1-in. i.d. shock tube coupled to a time-of-flight 
mass spectrometer (TOFST apparatus) has also been 
described previously.13,14 Consecutive mass spectra 
of a shocked gas flowing into the ion source of the time-

(1) Present address: Department of Chemistry, Cornell University, 
Ithaca, N. Y . 14850.
(2) (a) K. Erhard, Z. Phys. Chem. (Frankfurt am Main), 36, 126 
(1963); (b) S. Matsuda and D. Gutman, J. Phys. Chem., 75, 2402 
(1971).
(3) T. P. J. Izod, G. B. Kistiakowsky, and S. Matsuda, J. Chem. 
Phys., 56, 1083 (1972).
(4) S. Matsuda, ibid., 57, 807 (1972).
(5) E. J. Badin, P. C. Hunter, and R. N. Pease, J. Amer. Chem. 
Soc., 70, 2055 (1948).
(6) A. P. Garrat and H. W. Thompson, J. Chem. Soc., 1822 (1934).
(7) C. E. H. Bawn, Trans. Faraday Soc., 31, 440 (1935).
(8) A. Egerton and S. Rudrakanchana, Proc. Roy. Soc., Ser. A. 225, 
427 (1954).
(9) M . Katz, Advan. Catal., 8, 177 (1953).
(10) J. K. Dixon and J. E. Longfield, “ Catalysis,”  Vol. I l l ,  P. H. 
Emmett, Ed., Reinhold, New York, N. Y., 1960, p 281.
(11) A. M . Dean and G. B. Kistiakowsky, J. Chem. Phys., 53, 830 
(1970).
(12) J. B. Homer and G. B. Kistiakowsky, ibid., 46, 4213 (1967).
(13) J. E. Dove and D. McL. Moulton, Proc. Roy. Soc., Ser. A, 283, 
216 (1965).
(14) I. D. Gay, G. B. Kistiakowsky, J. V. Michael, and H. Niki, 
J. Chem. Phys., 43, 1720 (1965).
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of-flight mass spectrometer through a pin hole in the 
end wall of the shock tube were displayed on oscillo­
scopes every 20 /¿sec over a total observation time of 
about 200 /¿sec and recorded photographically. Mass 
spectra covered a range of m/e 50 to 110. The ionizing 
electron energy was 22.5 eV in all experiments.

Material. Matheson research grade C 0 2, 0 2, and 
Ar were used without further purification. Matheson 
research grade CO was passed through a packed column 
cooled at liquid nitrogen temperature before use. 
Matheson tank N i(CO )4 was vacuum distilled several 
times before use. In TO FST experiments Matheson 
research grade premixed 0 2-N e  (8/92) gas was used 
without further purification.

Preparation of Gas Mixture. Mixtures of N i(CO )4 
and 0 2 ignite spontaneously after an induction period 
at room temperature.6-8 Therefore, mixtures of 
N i(CO )4-A r  and C O -0 2-A r  were prepared and stored 
separately. All gas mixtures used in IR ST  experiments 
are listed in Table I. Mixture A  was prepared from a 
mixture containing 3%  N i(CO )4 in Ar. For each 
series of experiments with one of mixtures B -F  a new 
sample of mixture A was prepared in order to avoid the 
change in N i(CO )4 concentration during storage, be­
cause the dissociation of N i(CO )4 might be appreciable 
even at room temperature.6-7,15'16 All gas mixtures 
were used within 48 hr of preparation.

Table I: Composition of Reaction Mixtures

Mix- Ni(CO)), CO, 02, Ar,
ture ppm % % %
A 570 9 9 .9
B 8.04 4.03 87.9
C 12.8 4.12 83.1
D 4.42 8.58 87.0
E 7.47 7.10 85.4
F 8.07 4.22 87.7

In IR ST  experiments the mixing of mixture A  with 
one of mixtures B -F  was carried out in the vacuum 
system ( « 2  1.) about 3 min before each shock experi­
ment and the thus prepared Ni(CO )4-C O -0 2-A r  mix­
ture was introduced into the shock tube approximately 1 
min before shock firing. Usually a C 0 - 0 2-A r  mixture 
was introduced into the vacuum system first and then 
about an equal amount of the N i(CO )4-A r  mixture. 
Since the duration for mixing is likely to be too short 
for complete mixing, the order of the introduction of 
two gases was reversed in some experiments. As will 
be shown later the rate of C 0 2 formation was not 
affected by this.

In TOFST experiments 0.2 Torr of N i(CO )4 vapor 
was mixed with 40 Torr of the 0 2-N e  gas in the vacuum 
line about 5 min before each shock experiment. The 
N i(C 0 )4- 0 2-N e  mixture was then introduced into the

■ mmmm■ 1
■ msm■ ■ iammm
i s i i mmmmm■ ■1

( b )
Figure 1. Reaction profiles of the Ni(C0)4-C 0 -0 2 reaction at 
high and low temperatures, (a) For reaction conditions see 
Table I. Upper trace, CO emission at 5.03 /¿, 100 mV/division; 
lower trace, C 02 emission at 4.20 /¿, 50 mV/division; one 
division corresponds to 3.3 X 1014 C02 molecules/cc. (b) 
mixture B +  A, T2 = 1268°K, (Ni)0 = 1.66 X 1014, (CO) = 
2.34 X 1016 molecules/cc. Upper trace, CO emission, 20 
mV/division; lower division, C 02 emission 20 mV/division; 
one division corresponds to 2.6 X 1014 C02 molecules/cc.
Sweep time is 50 /¿sec/division for all traces. Time increases 
from left to right. Arrival of shock waves is indicated by a 
sharp rise in the C 02 signals.

shock tube and the experiment completed within 1 
min. It was found with the mass spectrometer that 
no C 0 2 was formed during the 5 min of mixing.

Results
Figure 1 shows the typical reaction profiles in IR ST 

experiments. The profile given in Figure la  was ob­
served in all experiments performed above 1600°K. 
The C 0 2 emission signal is seen to rise sharply upon 
shock arrival; after 40 /¿sec particle time the C 0 2 con­
centration increases at a slower constant rate which is 
still much greater than in the absence of N i(CO )4.n 
The initial sharp rise in the C 0 2 signal wTas unobservable 
above 2200°K. The amount of C 0 2 formed in this 
initial stage of the reaction was greater at lower tem­
peratures. The linear growth region in the (C 0 2) vs.

(15) A. Mittasch, Z. Phys. Chem., 40, 1 (1902).
(16) J. P. Day, R. G. Pearson, and F. Basolo, J . Amer. Chem. Soc., 
90, 6933 (1968).

The Journal of Physical Chemistry, Vol. 76, No. 20, 1972



Gas-Phase Homogeneous Catalysis in Shock W aves 2835

Figure 2. Plots of K  (=  d(CC>2)/cU/(Ni)o(CO)) vs. 10,000/T 
(K  is in units of cc/molecules sec): ▲, mixture C •+- A; •, 
mixture B +  A; O, mixture F +  A; ❖  , mixture E +  A;
■, mixture D +  A.

time plot was used to calculate the rates of CO2 forma­
tion. These rates of C 0 2 formation at high tempera­
tures as well as experimental conditions are summa­
rized in Table II and the rates of C 0 2 formation nor­
malized by (Ni)o(CO), where (N i)0 is the initial con­
centration of N i(CO )4, are plotted against T ~ l 02 * in 
Figure 2.

Figure lb  shows a typical reaction profile at lower 
temperatures (<1400°K). It is seen that the C02 
emission signal rises very sharply upon shock heating, 
overshoots, and then after 80 /¿sec (particle time) con­
tinues to rise slowly but not linearly with time. Sim­
ilar observations were reported in the Cr(C0)6-C 0 -0 2 
and F e (C 0 )5 -C 0 -0 2 reactions at lower temperatures.8'4 
It was observed that the overshoot in the C02 emission 
signal was greater as the reaction temperature was 
lowered. The initially formed C02, (C02)i, is plotted 
against temperature in Figure 3 for a series of experi­
ments with mixture B +  A and F +  A. It is seen that

Figure 3. Plots of (CC>2 )i/(N i)o vs. temperature for mixtures 
B +  A and F +  A.

Table II: Rate of C02 Formation in the
Ni(C0)4-C 0-02 Reaction

(Ni)o° X (CO) X R b X A/(NiM CO)
IO"»*, 10-W, IO-»8, X 10 +u,

Ti. molecules/ molecules/ molecules/ cc/molecules
°K cc cc cc sec sec

Mixture B +  A (1 : i ) ‘
2390 1.59 2.37 2.41 6.40
2309 1.81 2.23 2.44 6.05
2070 2.00 2.32 1.59 3.43
1960 2.06 2.62 2.02 3.74
1882 1.69 2.27 1.12 2.92
1749 1.57 2.28 0.88 2.46

Mixture A +  B (1 :1)
2404 1.62 2.16 2.96 6.17
2137 1.76 2.20 1.50 3.88
2014 1.67 2.16 1.32 3.53

Mixture C +  A (1:1), Low Pressure
2214 1.86 4.01 2.55 3.42
1963 1.92 4.55 1.88 2.15
1957 1.85 4.13 1.58 2.07
1922 1.67 3.89 1.32 2.03
1782 1.79 3.94 1.02 1.45
1601 1.80 4.12 0.83 1.11

Mixture C -+- A (1:1), High Pressure
1928 3.20 7.21 3.84 1.67
1741 4.24 7.87 4.31 1.29

Mixture C +  A (2 : 1)
2044 1.18 5.47 1.73 2.18
1889 1.15 5.17 1.12 1.88

Mixture D +  A (1 : 1)
2293 1.91 1.35 1.86 7.22
2028 1.88 1.58 1.56 5.25
1831 1.93 1.50 0.95 3.26
1611 1.64 1.32 0.51 2.37

Mixture E +  A (1 : 1)
2231 1.62 2.27 2.54 6.90
2056 1.77 2.23 1.78 4.52
1926 1.87 2.58 1.80 3.73
1803 1.84 2.34 1.13 2.62
1642 1.54 2.18 3.22 1.94

Mixture F +  A (1::1)
2222 1.83 2.51 2.04 4.44
1945d 1.58 2.46 1.27 3.26
1827 1.91 2.55 1.20 2.47
1637 1.63 2.42 0.72 1.82

“ Initial concentration of Ni(CO)4. b R = d(C02)/df =
rate of CO:2 formation. c Gas mixtures are listed in the order
of the introduction to the vacuum system (see text). An ap­
proximate ratio of two mixtures is given in bracket. d Oscil­
logram from this experiment in Figure la.

the amount of C 0 2 formed at the initial stage of the 
reaction corresponds approximately to the initial con­
centration of N i(CO )4 at 1400°K.

As already noted the reactivity of N i(CO )4 toward
0 2 required fast mixing of N i(CO )4-A r  with C 0 - 0 2-A r
mixtures. Therefore, the effect of the sequence of gas
introduction on the rate of C 0 2 formation was studied

The Journal of Physical Chemistry, Vol. 76, No. 20, 1972



2836 Shimpei M atsuda

using mixtures A  and B. In the first series of experi­
ments mixture B was introduced into the vacuum line 
first and then mixture A ; in the second series the 
sequence was reversed. The results are given in 
Table II, which shows that the sequence of gas intro­
duction has little effect on the measured rate of C 0 2 
formation, so that the homogeneity of the reactant 
gases was adequate despite the short mixing time. 
However, it should be noted that the scatter in the 
present data was considerably larger than that in the 
C r(C 0 )6- C 0 - 0 2 or F e(C 0 )5- C 0 - 0 2 experiments.3'4

The dependence of the rate of C 0 2 formation on the 
total and on the Ni(CO)<i concentration was investigated 
by shocking mixture C +  A at 5 and 10 Torr initial 
pressures with the mixture ratio A /C  =  1 and at 5 
Torr with the mixture ratio A /C  =  0.5, respectively. 
The results in Table II show that the rate of C 0 2 for­
mation depends approximately on the square of the 
total concentration and linearly on the N i(CO ) 4  con­
centration.

The dependence of the rate of C 0 2 formation on the 
( C 0 ) / ( 0 2) ratio was investigated using mixtures A -E . 
The results are also given in Table II. Since the rate 
of C 0 2 formation depends on the square of concentra­
tions, the rate of C 0 2 formation normalized by (N i)0- 
(CO) is plotted against T~l in Figure 2. The rate of 
CO -2 formation is seen to have an apparent activation 
energy of about 13 kcal/m ol for all mixtures and to de­
pend only sightly on the 0 2 concentration for mixtures 
with the (C 0 ) / (0 2) ratio less than 2. Empirically the 
rate of C 0 2 formation is given by

d (^ 2'> =  1.1 X IO“ 11 ( ±  20%) X

13 ±  2 kcal/mol 
~ R T

(Ni)o1-0(CO)0-8(0 2)0-2 ( I )

(molecules/cc sec)

when the ( C 0 ) / (0 2) ratio is less than 2. The order of 
dependence on (0 2) (or (CO)) in eq I was obtained in 
the plot of log [(d(CO2) /d t ) /(N i)0(CO)] vs. log [(C O )/
(0 2)]. Equation I is presented here for comparison 
with the C r(C 0 )6- C 0 - 0 2 and F e(C 0)6- C 0 - 0 2 reac­
tion systems3,4 and to show the overall rate constant of 
the reaction. The correct functional dependence of 
the rate of C 0 2 formation on the 0 2 and CO concentra­
tion will be discussed later. It was found that the 
rate of C 0 2 formation depends more on the 0 2 concen­
tration when the (C O )/(0 2) ratio exceeds 2.

It was feared that in the mixture containing 3%  
N i(CO )4 in Ar from which mixture’s A  were prepared 
the N i(CO )4 concentration changed by decomposition 
during the course of the experiments. Therefore the 
last series of experiments was undertaken with mixtures 
A and F which had nearly the same composition as 
mixtures A and B. The results, given in Figure 2,

N|+ N iC O + Ni(CO)p
Il II II

-  23 ^  sec -̂------- --------

-  3

+ 1 7 J l

37 JjL
|

57 Jl
N iO +

Figure 4. Tracing of consecutive mass spectra from a TOFST 
experiment: Ts, = 2060°K; Cs = 1.1 X 1018 molecules/cc.
Time with respect to the shock reflection is given at the left of 
each mass spectra.

show that there is little difference in the rates of C 0 2 
formation between mixture B +  A and F +  A.

TOFST Experiments. About 10 shocks were per­
formed with a mixture containing 0 .5%  N i(C O )4 and 
8%  0 2 in Ne between 1600 and 2400°K, so that this 
mixture contained 2%  CO from the decomposition of 
N i(CO )4 upon shock heating. Figure 4 shows a tracing 
of consecutive mass spectra from a typical TO FST ex­
periment at high temperatures (>2000°K ). It is seen 
that the decomposition of N i(CO )4 is very rapid, the 
half-life of N i(CO )4 being much less than 20 ¿¿sec at 
2060°K  and at a total concentration of 1.1 X  1018 
molecules/cc. After shock heating mass peaks due to 
N i+ (m/e 58 and 60) and NiO+ (m/e 74) were observed. 
The peak height of NiO+ was only 10% of N i+. Al­
though very small NiCO+ peaks were observed fre­
quently in mass spectra, the existence of NiCO in ap­
preciable amounts could not be conclusively shown.

Below 1900°K N i+ and N iO + were not observed in 
mass spectra taken 40 /¿sec after shock heating (Ni + 
was observed in a mass spectrum taken within 20 
/¿sec), although the disappearance of N i(CO )„+ (n = 
1,2) peaks clearly showed that more than 90%  of 
N i(CO )4 decomposed within 40 /¿sec. This indicated 
that Ni atoms formed from the decomposition of 
N i(CO )4 were removed from the gas phase by a con­
densation process, the Ni vapor being highly super­
saturated below 1900°K.17 The same phenomenon, a 
rapid condensation of Cr and Fe vapor from super­
saturated gases, has been reported in the Cr(CO )6-  
C 0 - 0 23 and F e(C 0)6- C 0 - 0 24 studies.

Discussion
The vaporization of a solid NiO has been studied by 

Grimiey, et ai.,18 the vapor phase species containing

(17) R. C. Weast, Ed., “ Handbook of Chemistry and Physics,” 
51st ed, Chemical Rubber Publishing Co., Cleveland, Ohio, 1970.
(18) R. T. Grimley, R. P. Burns, and M . G. Ingram, J. Chem. Phys., 
35, 551 (1961).
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Ni detected by a mass spectrometer as Ni and NiO. 
N o additional species were formed even under condi­
tions of increased oxygen partial pressure. Using 
their raw data for the equilibrium constant of the re­
action

Ni +  y202 = NiO (3)

it can be calculated that (NiO)e<j/(Ni)eq ~  0.5 at 
1709°K and at an oxygen partial pressure of 1 X  10 ~3 
atm. In the present study with the TOFST apparatus 
it was found that (N iO )/(N i) <  0.1 at 2060°K, which 
is much less than the equilibrium value extrapolated 
to the same temperature using the data in ref 18. 
Therefore, it may be concluded that the observed 
(N iO )/(N i) ratio represents a steady-state value during 
the N i-C 0 -0 2 reaction instead of an equilibrium 
value. First consider a mechanism which is similar 
to the one proposed for the catalytic oxidation of CO 
in the presence of Cr(CO)6.3

N i(CO )4 — > Ni +  4CO (4)

Ni +  0 2 — >  NiO +  O A H 0° =  31 kcal/m ol (5)

NiO +  CO — >  Ni +  C 0 2 - 3 9  (6)

For the calculation of the heat of reaction the dissocia­
tion energy of NiO was taken from ref 18 and the heat 
of formation of other species from ref 19. It should be 
noted that the reaction

CO +  0 2 =  C 0 2 +  O (7)

has been specifically excluded from the present scheme 
because the rate of C 0 2 production in reaction 7 is less 
than 5%  of the observed rate of C 0 2 formation even at 
the highest temperatures employed in this study.11 
Using a steady-state assumption for Ni and NiO con­
centrations and a mass balance equation, i.e., (N i)ss +  
(N iO)S8 =  (N i)0, we obtain

d(CO )2 ... .. / /  1 1 \
d t l)o/  L ( 0 2) +  fc6(C O )/

(N iO)S8/(N i)sS =  fc6(0 2)/fc6(C 0)

(II)

(III)

Since it was found that (N iO)ss/(N i )Ss <iC 1, i.e., fc6(CO) 
»  h (02), eq II reduces to

d (C 0 2) /d i  «  fc5(Ni)0(O2) (IV)

which is not consistent with the experimental finding 
that the rate of C 0 2 formation is strongly dependent 
on the CO concentration (see eq I).

The study of the Cr(CO)6 decomposition (0.4%  
Cr(CO)6 in Ne) using the TO FST apparatus showed 
that the CrCO+ and Cr(CO)2+ peaks disappeared com­
pletely within 40 yusec of the shock reflection above 
1500°K.3 At lower temperatures (<1200°K ) the 
CrCO+ and Cr(CO)2+ peak height decreased rapidly to 
some low levels after 20 ¿¿sec but then decreased very

slowly, being observable even at 150 /rsec.20 This 
suggests that the reaction

Cr(CO)„ Cr(CO)„_i +  CO (n =  1-6) (8)

is measurably reversible at these low temperatures.
The average metal-carbon monoxide bond energy in 

Cr(CO)6, Fe(CO)s, and N i(CO )4 is estimated to be
27.1, 27.7, and 35.2 kcal/m ol, respectively.21 Thus, 
since the metal-carbon monoxide bond is considerably 
stronger in N i(CO )4, it may be suggested that the 
reverse reaction in

N i(CO )„ =  Ni(CO)*_i +  CO ( »  =  1-4) (9)

remains significant to higher temperatures than in the 
Cr(CO )6 and Fe(CO)5 cases, although NiCO stays in 
such low concentrations that is not reliably observable 
by the present TO FST apparatus.

The following mechanism is proposed

Ni +  CO NiCO (10)

NiCO +  0 2 — >  NiO +  C 0 2 (11)

NiO +  CO — >  Ni +  C 0 2 (12)

The concentration of N i(CO )2 being very low, it is 
not included in the mechanism. Using a steady-state 
assumption for Ni, NiO, and NiCO (steady-state con­
centrations are attained within 50 /xsec, see also Figure 
la) the rate of C 0 2 formation is obtained as

d(CO)2 =  2 M N i)0(CO)
df fc-io ( '

«41 ( 0 2)

where the relation (N i)0 ~  (N i)ss is used. In the 
IR ST  experiments it was found that the rate of C 0 2 
formation depends almost linearly on the CO concen­
tration, which follows if fcn(02) is larger than fc_i0 
in eq V. The observation that the dependence of the 
rate on the 0 2 concentration becomes stronger as the 
latter decreases (mixture C and A, see Figure 2) also 
follows if /cn(02) is not very much greater than fc_i0. 
The greater rate of C 0 2 formation at the very initial 
stage of the reaction (see Figure la ) could be due to the 
NiCO concentration being greater in the initial stage 
of the reaction, since then NiCO is formed in a step­
wise dissociation of N i(CO )4

N i(CO )„ — >  N i(CO )„_i +  CO (n =  1-4) (13)

The fast initial rate of C 0 2 formation indicates that 
reaction 11'

N i(CO )n +  0 2 — >  NiO +  (»  -  l)C O  +  C 0 2 (11') 

competes with reaction 13. Since the rate constant of

(19) D. R. Stoll, Ed., “ JANAF Thermochemical Table," Dow 
Chemical Co., Midland, Mich., 1965.
(20) S. Matsuda, unpublished results.
(21) F. A. Cotton, A. K. Fisher, and G. Wilkinson, J. Amer. Chem. 
Soc., 81, 800 (1959).
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reaction 13 must be at least of the order of 1 X  106 
sec-1 , fcn (or kw) has to be of the order of 1 X  10-11 
cc/m olecules sec at about 2000°K.

In the IR ST  experiments the Ni vapor pressure ex­
ceeds the equilibrium pressure by a factor of 10 around 
1600°K. Therefore, a rapid condensation of Ni vapor 
could be expected below 1600°K, this explaining that 
the linear growth of the C 0 2 formation was not ob­
served below 1600°K. The overshoot in the C 0 2 
emission signal observed below 1400°K (see Figure lb ) 
indicates that C 0 2 molecules formed in reaction 11 are 
vibrationally excited.4 Taking 35 kcal/m ol for the 
N i-C O  bond energy21 reaction 11 is found indeed to be 
exothermic by 60 kcal/m ol which is sufficient to pro­
duce C 0 2 molecules in vibrationally excited states.

Finally the effect of nonidealities of shock waves due 
to a boundary layer growth should be mentioned 
briefly, since the initial pressures employed in this 
study were fairly low (5 and 10 Torr). The importance 
of corrections due to nonideal flow was emphasized by 
Belford and Strehlow22 who presented simplified

formulas for these corrections using a theory developed 
by M irel.28 Under the present conditions these non­
idealities (increase in density, temperature, etc.) 
change the observed rate of C 0 2 formation consistently 
by about 15%. Therefore, the effects of a boundary 
layer growth do not change the conclusion of this study 
but numerically the rate constants should be reduced 
by about 15%.
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Ultrasonic Attenuation in Basic Purine Solutions1
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The kinetics of the reaction PH +  OH -  P -  +  H20  (1), where PH and P -  represent purine and purinate ion, 
respectively, have been determined by an ultrasonic attenuation technique. The effect of a dimerization process 
(formation of (PH)2) on the equilibrium purine concentration has been included in the kinetic analysis. Meas­
urements were performed at 25°, pH 9.88, and in an ionic strength range 0.6-1.0 M. The measured rate con­
stants are At = (1.13 ±  0.05) X 1010 M ~l sec-1 and k, =  (4.0 ±  2.0) X 106sec-1.

Studies on the kinetics of protolytic reactions in basic 
media have been reported for some substituted purines.2 
However, for purine itself, the kinetics have been studied 
only in an acidic medium.3 There is strong evidence 
that purine is highly associated in aqueous solutions.4-9 
The equilibrium of the postulated molecular stack­
ing process has been studied using osmotic pressure 
techniques.4 In addition, the effect of polymerization 
on the rate of proton transfer in an acidic medium has 
been considered.3 Thus far, however, the kinetics of 
stacking have not been directly examined. W e are 
reporting on an ultrasonic absorption study of basic 
aqueous purine to gain insight into the kinetics of 
processes in these solutions.

The sound absorption technique is applicable to the 
measurement of relaxation processes in the range 2 X
(1) The authors gratefully acknowledge support from Public Health 
Service Research Grant No. GM-08893-10 from the National Insti­
tute of General Medical Sciences.
(2) H. G. Busse and G. Maass, Z. Phys. Chem. (Frankfurt am Main), 
66, 92 (1969).
(3) T. H. Marshall and E. Grunwald, J. Amer. Chem. Soc., 91, 4541 
(1969).
(4) P. O. P. T ’so, I. S. Melvin, and A. C. Olsen, ibid., 85, 1289 
(1963).
(5) S. I. Chan, M. P. Schweizer, P. O. P. T ’so, and G. K. Helm- 
kamp, ibid., 86, 4182 (1964).
(6) S. J. Gill, M. Downing, and G. F. Sheats, Biochemistry, 6, 272
(1967) .
(7) E. L. Farquhar, M. Downing, and S. J. Gill, ibid., 7, 1224
(1968) .
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10-8 to 8 X 10-10 sec.10“ 12 Therefore, one might 
expect that if stacking is observable, it would appear 
coupled with one or more protolytic processes, some or 
all of which might be outside the range of the technique. 
Consequently, preliminary ultrasonic measurements 
were made in three different pH ranges corresponding 
to predominance of different protolytic species in order 
to ascertain what reactions might be observable exper­
imentally. A  measurable sound absorption effect was 
obtained only in the basic pH region (pH ~ 1 0 ), where 
the principal protolytic reaction is

kf

PH +  O H - ^  P -  +  H20  (1)
hr

where PH refers to undissociated purine and P -  refers 
to the purinate ion. The kinetics of (1) has been de­
termined; the stacking equilibrium has been included 
in the analysis of the experimental data, its kinetic 
parameters being beyond the range of the apparatus.

Materials and Methods
Purine obtained from Aldrich Chemical Co. was used 

without further purification. The pH of the purine 
solutions was adjusted to 9.88 ±  0.02 by adding the 
required amount of a 10 A  NaOH solution (Fisher 
certified reagent). The pH of a solution was deter­
mined using a Corning Model 12 pH meter in conjunc­
tion with a standard combination electrode.

Ultrasonic absorption measurements were made with 
an apparatus which employs the pulse technique. 
This equipment has been fully described in earlier 
publications.11,12 The ultrasonic attenuation coeffi­
cient per wavelength, aX, was measured as a function 
of frequency for a series of purine solutions of varying 
concentration. All experiments were performed at a 
temperature of 25 ±  0.5°.

In order to determine rate constants from sound ab­
sorption data, a knowledge of the concentrations of the 
species in solution is necessary. A  value of the pK 
for acid dissociation of neutral purine is available,7 
from which an equilibrium constant for reaction 1 can 
be calculated. However, due to the variation in ionic 
strength in the ultrasonic experiments (~ 0 .6  to 1.0 
M), it would be unreasonable to expect that this equi­
librium constant would yield accurate values for purine 
and purinate ion concentrations without first applying 
suitable activity coefficient corrections. Furthermore, 
these are mixed electrolyte solutions since both NaOH 
and sodium purinate are present. It is difficult either 
to measure or to calculate activity coefficients for such 
solutions at high ionic strengths. Therefore, the fol­
lowing procedure was adopted to determine working 
values for the concentrations required in the kinetic 
evaluation.

A series of solutions having varying initial purine 
concentrations was titrated with a standard NaOH 
solution. It was possible to determine [Na+ ] for pH

Figure 1. Plot of aXchem vs./. The initial purine concentration 
for this experiment was 0.40 M. The sound 
absorption of the solution less that of water is given by 
aXchem; «X h2o = 3.24 X 10-11 X /  neper at 25° for a/P =
21.7 X 1017 neper sec2/cm. The vertical dash denotes/ma*.
The theoretical curve was fitted to the data by means of a 
template. This procedure introduces a maximum ± 5 %  error 
in determining / ma* and, therefore, in determining 1/r; this 
error is propagated through the calculation of rate constants, 
and is the chief source of error in the forward rate constant.

9.88 from the titration curves. Using appropriate 
charge and material balance equations and taking 
advantage of the fact that [OH~] was too low to con­
tribute additively to any other concentration, it was 
possible to calculate [P- ] and [PH] (vide infra). A 
plot of initial [PH] vs. [P- ] provided a calibration 
curve for determination of concentration parameters 
appropriate to each ultrasonic experiment.

A  solution prepared from Fisher reagent grade NaOH 
pellets and standardized by titration of primary stan­
dard potassium hydrogen phthalate (Fisher ACS, cer­
tified standard) was used as the titrant. A  Beckman 
Model 39142 electrode was used to measure pH in the 
small volume of purine solution titrated (4 to 6 ml). 
Titrations were carried out in a thermostated vessel 
in order to maintain the temperature at 25 ±  0.5°.

Results and Discussion
Relaxation times are obtained from the sound ab­

sorption data by plotting aX<,hem vs. frequency for each 
acoustic experiment. A  typical plot is shown in Figure
1. The data can be fitted quite well to the theoretical 
function corresponding to a single relaxation time. 
Therefore, the relaxation time r is defined by

1 /r  =  27r/max (2)

where / max is the frequency of maximum sound absorp­
tion. The data for all the ultrasonic experiments are 
collected in Table I.

To determine the rate constants, a relaxation equa-

(8) G. K. Helmkamp and N. S. Kondo, Biochim. Biophys. Acta, 
145, 27 (1967).
(9) G. K. Helmkamp and N. S. Kondo, ibid., 157, 242 (1968).
(10) M. Eigen and L. DeMaeyer in “ Technique of Organic Chemis­
try,”  Vol. VIII, 2nd ed, A. Weissberger, Ed., Interscience, New 
York, N. Y., 1963, Part II, p 895.
(11) R. S. Brundage, Ph.D. Thesis, Brandeis University, 1969.
(12) R. S. Brundage and K. Kustin, J. Phys. C h em 74, 672 (1970).
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Table I : Frequencies of Maximum Absorption 
for Aqueous Purine Solutions at pH 9.88

C° PH, [PH], /max. 1 /r  X IO"«,
M a M MHz sec-1

0.70 0.087 158 996
0.64 0.077 140 879
0.48 0.056 100 628
0.44 0.050 90 565
0.40 0.043 79 496

“ C°ph refers to the initial purine concentration.

tion is derived which relates observed relaxation times 
to equilibrium concentrations of appropriate species 
in solution. (The corresponding rate law is also for­
mulated in terms of concentrations, not activities.) 
Concentrations were determined as described below 
because they cannot be calculated from a thermody­
namic equilibrium constant, the activity coefficients 
being unknown but certainly not unity. The relaxa­
tion equation must account for all processes that could 
conceivably contribute to the experimentally observed 
relaxation process. For the aqueous purine system 
at pH 9.88 the pertinent processes are reaction 1 and 
molecular stacking. Stacking may be described by 
the following scheme.

PH +  PH ^  (PH ),

(PH ), +  PH ^  (PH ), (3)

(P H ), +  PH ^  (PH )„+1

where (P H )n refers to a polymer composed of n purine 
molecules or monomers.

Existing evidence indicates that stacking occurs to 
an infinite degree and that the equilibrium constants 
for separate steps in (3) are equal. The available 
value for this constant, K b , is 2.1 m -1 at 25°.4 In the 
literature, K b is given as a thermodynamic equilibrium 
constant; it has been derived from osmotic pressure 
data assuming that all species participating in (3) have 
unit activity coefficients. In this study of purine kin­
etics all polymers beyond the dimer are neglected since 
they are present in very low concentrations relative 
to the monomer. (In the most concentrated solution, 
trimers represent less than 1.0% of the net stoichio­
metric purine concentration.)

The appropriate relaxation equation based on (1), 
and assuming the first reaction of (3) to be equilibrated 
at all times is13

1 /r  =  k t{ [PH] +  [OH- ] / [1 +  4K d ]} +  kr (4)

The term in (4) involving [0 H —] is three to four orders 
of magnitude smaller than that involving [PH ] for the

Figure 2. Concentration dependence of the relaxation time 
given by eq 5. The initial purine concentrations are the 
following: O, 0.70 M ;  ©, 0.64 M ;  0.48A7; © ,0.44Af; C,0.40 
M. The slope of the line is kt and the intercept is k,. The slope 
and intercept have been determined by a standard 
least-squares analysis; the solid line is the best straight 
line as determined by this procedure.

given experimental conditions. Therefore, it can be 
neglected and the final relaxation equation is

1 /r  fc,[PH] +  fe (5)

A plot of 1 /r  vs. [PH] should yield a straight line 
having slope kt and intercept kT. This plot is given 
in Figure 2.

The values of [PH] were obtained from the titration 
experiments described above using the following charge 
and material balance conditions.

[Na+] S  [P -]  +  [OH“ ] ^  [P -]  (6)

C » p H =  [ P “ ] +  [ P H ]  +  2 [ ( P H , ) ]  ( 7)

Using (6), (7), and the equilibrium expression for stack­
ing, [PH] is given by

2KD[PH p +  [PH] +  [Na+] -  C \ H =  0 (8)

The values of [PH] obtained from (8) are also listed 
in Table I.

It is important to note that (1) is an ion-dipole reac­
tion. Therefore, it is not expected that its rate con­
stants would vary appreciably with ionic strength.14 
These rate constants are functions of the dielectric 
constant of the medium. However, in these experi­
ments the dielectric constant varies only slightly and 
is effectively constant throughout. The resulting rate 
constants are, therefore, those for reaction 1 occurring 
in a medium having a constant dielectric strength.

(13) D. Porschke and F. Eggers, Eur. J. Biochem., 26, 490 (1972). 
This sound absorption study on the stacking kinetics of NB,N9- 
dimethyladenine, a related system, indicates that our assumption of 
rapid purine monomer-dimer equilibration with respect to reaction 
1 is a justifiable approximation.
(14) I. Amdur and G. G. Hammes, “ Chemical Kinetics,”  McGraw- 
Hill, New York, N. Y ., 1966, pp 115, 116.
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The rate constants for (1) found by analysis of (5) are 
kt =  (1.13 ±  0.05) X 1010 M ~l s e c -1, kt =  (4.0 ±  
2.0) X  106 s e c -1, and K = kt/kT =  (3.0 ±  1.7) X 103 
M -\

The equilibrium constant found in this work is in 
reasonable agreement with the literature value of 
2.58 X IO3 i l i -1 .3 (High accuracy is not expected 
here; there is a large uncertainty in icT compared with 
kt since fcr is given by the difference of two relatively 
large numbers in (5).) The presence of purine stacks 
does not appear to influence the rate constant for OH~ 
attack, an observation also made for H+ attack on 
purine in acidic media.3

The reaction with O H -  is presumably deprotonation 
of the only proton on purine, namely, H(9) on the 
imidazole portion of the molecule. To see whether 
the rate constant for this reaction represents diffusion 
control, we first calculate the expected theoretical 
value for diffusion control.16

k = ±tNAa(Don- +  D p h ) 4 >/ 1 0 3 M ~1 sec-1 ( 9 )

where Na is Avogadro’s number, a is the distance of 
closest approach, D is the diffusion coefficient, and 4> 
is a function which depends on the interaction potential 
between the reaction partners. Let 4> =  e° =  1 for 
an ion-dipole reaction and let a be 7 A  for PH +  O H -  
due to the large effective radius for OH - . The dom­
inant diffusion coefficient will be that of O H - , which we 
have calculated to be 5.26 X  10-6 cm 2 sec-1 at 25°.16 
Letting Dpu range from zero to 1 X  10~6 yields 2.79 X

1010 <  k <  3.33 X  1010 M ~l sec-1 . Since not all solid 
angles of approach between purine and OH -  will lead 
to reaction, steric hindrance should reduce the observed 
rate constant to a value below the theoretical limit. 
In fact, if the measured rate constant is taken as an 
indication of diffusion control, the steric factor cor­
responds to about Vs favorably oriented encounters.

Closely related systems have similar rate constants; 
for example, those for reactions of OH -  with phenol, 
uracil, and adenine are 1.4, 0.98, and 1.0 X  1010 M ~ l 
sec-1, respectively.2,16 Reactions with O H -  that are 
appreciably less than diffusion controlled have been 
observed when the proton to be removed is directly 
H bonded to two atoms; the associated rate constants 
are often in the range 107 to 108 M ~l s e c -1. The rate 
constants for purine and adenine are essentially the 
same, and are less than that of phenol. The steric 
factor for phenol is approximately V2, which should 
also hold for the purine bases. It is possible that the 
proton attached to N (9) is H bonded at N (3) (perhaps 
through one or more intervening water molecules). 
The binding energy of this additional bond adds to 
the activation energy, thus lowering the rate constant. 
The effect, if present, is certainly small, indicating that 
any internal H bonding in the purine bases is relatively 
weak.

(15) M. Eigen, W. Kruse, G. Maass, and L. DeMaeyer, Progr. 
React. Kinet., 2, 287 (1964).
(16) R. A. Robinson and R. H. Stokes, “ Electrolyte Solutions,”  
Butterworths, London, 1959, p 465.

A Manometric Study of the Oxygen-Peroxide-Superoxide 

Reaction in Nitrate Melts

by James M. Schlegel* and Douglas Priore
Department of Chemistry, Rutgers University, Newark, New Jersey 07102 (Received April 10, 1972)

The thermodynamics and kinetics of the reaction 202-  ;=± 0 22- +  0 2 have been studied in molten alkali metal 
nitrates by measuring oxygen absorption into a nitrate melt containing peroxide ion. An equilibrium con­
stant of 2 X 10- 5 was obtained for this reaction at 260°. This reaction was also found to be exothermic, 
having an enthalpy change of approximately —9.90 kcal/mol. The rate of disproportionation and compro- 
portionation were found to be 1.0 and 5 X 104 l./m ol sec, respectively.

Recent investigations by Zambonin and Jordan1 
have revealed that when oxide ion, O2“ , is added to 
fused alkali metal nitrates, it is oxidized by N 0 3~ to 
give a mixture of peroxide ion, 0 22- ,  and superoxide, 
0 2“ . This result is quite surprising in view of the

Lux-Flood acid-base theory that has been used to de­
scribe the many reactions which take place in nitrate 
melts.2-4 Zambonin and Jordan also report that, al-

(1) P. G. Zambonin and J. Jordan, J. Amer. Chem. Soc., 91, 2225 
(1969).
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though the peroxide ion is the predominant oxygen 
anion that is produced, the peroxide ion is converted 
almost exclusively into superoxide ion in an atmosphere 
of oxygen, 0 22- +  0 2 =  2 0 2_ . Based on voltametric 
studies at Levich’s rotated platinum electrode, they 
calculated the equilibrium constant for the reverse of 
the above reaction to be 3.5 X  10~6 at 229° in a eutectic 
mixture of N aN 03 and K N 0 3.

This equilibrium constant has a value which is the 
same order of magnitude as the Henry’s law constant 
which they cite for oxygen. Therefore, we felt that 
the equilibrium constant for this reaction could be 
determined using a manometric method. We equili­
brated 0 2 over N aN 03-K N 0 3 melts containing per­
oxide ion and obtained results which support Zambonin 
and Jordan’s findings.

We have studied the temperature dependence of the 
equilibrium constant for this reaction and have also 
made some rate measurements. The thermodynamics 
and the kinetics of this reaction are discussed in the 
present paper.

Experimental Section
Chemicals. Baker reagent grade N aN 03 and K N 0 3 

were dried at 120° before being used. K 0 2 from Alfa 
Inorganics assayed at 98%  K 0 2 and Mallinckrodt 
analytical reagent grade Na20 2 containing approxi­
mately 5%  N a02 were kept dry in a desiccator. The 
amount of N a02 impurity in Na20 2 was determined 
using a method described by Seyb and Kleinberg.6

Procedure. N aN 03-K N 0 3 solvent (40 g) was placed 
in a platinum container. The container was placed in 
a reaction vessel which was attached to a vacuum sys­
tem and heated by a large molten salt constant tem­
perature bath. The reaction vessel consisted of a 
30-mm glass tube with a 30-mm side arm containing a 
29/42 standard taper female joint. A  glass rod having 
a cup at one end was attached to a 29/42 male joint 
and extended through the center of the joint. Prior 
to a run, the cup was filled with a weighed quantity of 
Na20 2 or K 0 2 in a dry atmosphere, and this male joint 
was put into the side arm of the reaction vessel. By 
rotating the joint, the solid reactants can be added to 
the nitrate solvent while maintaining a vacuum.

The apparent volume of our system was determined 
by introducing known amounts of gas and measuring 
resultant pressures. Only an apparent volume could 
be calculated since an appreciable volume of our sys­
tem is contained in the bath at a temperature of 250- 
300° while the rest of the system is at room tempera­
ture. After each run an apparent volume was deter­
mined.

The pure fused nitrate solvent was kept in vacuo for 
at least a day to ensure complete removal of water and 
to check for small leaks. A known quantity of oxygen 
gas was added to the system, and a pressure reading 
was recorded. Then a weighed quantity of peroxide

was added from the cup. The manometer reading 
would begin to increase as oxygen was absorbed, and 
the reaction was allowed to equilibrate overnight. If 
very little superoxide is present initially, the change in 
pressure readings is considerable, ca. 85%  of the original 
pressure.

Results and Discussion
Within a specially designed vacuum system, 0.3-2 

mmol of dry oxygen was equilibrated over a N aN 03-  
K N 0 3 melt which contained known quantities of 
Na20 2 and Iv02. Equilibrium was established within 
12 to 24 hr. We found that equilibrium was attained 
sooner if the oxygen was allowed to be in contact with 
the melt for a day before adding the peroxide. There­
fore, most of the runs were performed using this order 
of addition.

To calculate an equilibrium constant for the reaction

202-  ^  0 22-  +  0 2 (1)

the equilibrium expression is written in a form which 
incorporates a Henry’s law constant for oxygen in 
nitrate melts

K/k P o2
[O 2 2- ]

[o2-p (2)

where P02 represents the pressure of oxygen after 
equilibrium is attained and k is the Henry’s law con­
stant for oxygen. This expression can be written in 
a form which allows us to calculate an equilibrium 
constant directly from our experimental data

P f(a -  A P / S )(4 0 )

(6 + 2A p/sy (3)

Pf is the final pressure in mm, AP is the final pressure 
minus the initial pressure, a is the initial millimoles of 
0 22~, b is the initial millimoles of 0 2_ , and S is the pres­
sure in mm that 1 mmol of gas exerts in our vacuum 
system. S is a function of the temperature of the melt, 
room temperature, and the barometric pressure and 
therefore varies slightly from day to day. Its value 
was determined at the end of each run and in most 
cases did not vary by more than 3% . The number 40 
represents the grams of solvent that was used. In the 
above expression k has units of molal per millimeters.

The equilibrium constant for reaction 1 is determined 
by the value chosen for the Henry’s law constant for
0 2. Studies by Copeland and Seibles6 indicate the 
solubility of argon and nitrogen in sodium nitrate melt 
to be approximately 1 X 10~3 m ol/kg atm between

(2) F. R. Duke in “ Fused Salts,” B. R. Sundheim, Ed., McGraw- 
Hill, New York, N. Y., 1964, pp 409-417.
(3) B. J. Brough, D. A. Habboush, and D. H. Kerridge, J. Inorg. 
Nucl. Chem., 30, 2870 (1968).
(4) J. M. Schlegel and J. J. Robinson, submitted for publication.
(5) E. Seyb and J. Kleinberg, Anal. Chem., 23, 115 (1951).
(6) J. Copeland and L. Seibles, J. Phys. Chem., 72, 603 (1968).
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Table I : Data Révélant to Equilibrium Studies

Temp,
°C Pi p o° 6“ S K/k

257 5.2 18 1.95 0.145 56 547
255 5.0 17 1.93 0.143 56 578
258 20 33.5 1.90 0.142 54 534
277 16 41 1.98 0.140 55 297
278 3.5 17 1.88 0.133 56 403
279 3.5 18.5 1.89 0.134 58 367
273 3.0 18 1.93 0.137 57 329
269 18 38 1.89 0.134 56 392
280 49.5 53 3.59 1.723 58 420
257 75 26 0.99 0.775 56 543
272 76 20.5 0.83 1.210 56 394
265 49 19.5 1.03 1.020 56 453

0 Corrected values assuming K 02 was 98% pure and Na2C>2
contained 5% Na02.

370 and 450°. Their manometric method requires 
relatively high pressures exceeding 300 atm. More 
recently, Field and Green7 have measured the solubility 
of nitrogen and argon near 1 atm of pressure using a 
method involving an elution process. The two methods 
give values which differ by an order of magnitude and 
the heat of solution is of opposite sign. Both papers 
give a temperature dependence of Henry’s law constant 
for the gases studied. We chose to use Field and 
Green’s results because their data were obtained at 
pressures close to our studies and extrapolation of 
Henry’s law constant, k, to 500° using Field and 
Green’s temperature dependence equation gives a value 
which compares very well with the value reported by 
Zambonin and Jordan. This latter observation adds 
credence to our assumption that k for N 2 is very close 
to k for 0 2 in nitrate melts. Field and Green’s rela­
tionship, log k =  —599.15/T — 5.71 becomes log k =  
— 599.15/T  — 5.89 when k is expressed in units of 
moles per kilogram millimeter. We used the latter 
expression to calculate Henry’s law constant for oxygen 
and finally the equilibrium constant using eq 2.

Assuming that reaction 1 is the only reaction occur­
ring in the nitrate melt within the temperature range 
255-282°, a plot of log K /k vs. 1/T  would yield a 
straight line having a slope of — AH/2.3R +  599.15, 
where AH is the enthalpy change in calories per mole 
for reaction 1 (Figure 1). There is considerable scatter 
in the points at higher temperatures; however, the 
points that are farthest from the line represent runs in 
which the equilibration time was longer than the other 
runs.

We attribute this scatter to a possible decomposition 
of the nitrate melt which is known to occur especially 
at temperatures approaching 300°.8 Extrapolating 
the best straight line in Figure 1 to a temperature of 
229°, the equilibrium constant for reaction 1 is 9.3 X 
10-5. This value is within an order of magnitude of

l/T * 10s

Figure 1. Dependence of log K/k on the reciprocal of the 
absolute temperature.

the value reported by Zambonin and Jordan and rep­
resents good agreement considering the two completely 
independent methods used to obtain this equilibrium 
constant.

Thermodynamics. It is interesting that reaction 1 is 
exothermic. The slope of the line in Figure 1 yields a 
value of —9.90 kcal/m ol for the enthalpy change of 
this reaction. We calculated the enthalpy change for 
2 MO 2 ^  M 2O2 +  0 2 (the standard state being pure 
compounds) using standard enthalpies of formation 
and heat capacity data.9 Both the sodium salt and 
potassium salt gave endothermic values of +2 .40  and 
+  15.1 kcal/m ol, respectively, at 260°.

The difference between an average of these values, 
+ 8 .5  kcal/m ol, and our value, —9.90 kcal/m ol, may 
be due to the difference in solvation energies of 0 22- 
and 0 2~ in alkali metal nitrate melts, the energy re­
leased upon solvation ( V -  being more than twice the 
energy released upon solvating 0 2~. Considering that 
solvation energies in aqueous systems are proportional 
to the charge squared of the ion divided by its radius, 
the above result is reasonable.

W e attempted to obtain a more quantitative measure 
of solvation effects by studying reaction 1 in a nitrate 
melt which contains only N a+. Equilibrating oxygen 
over pure N aN 03 which contained Na20 2 gave very 
high values for K /k  and the data were not reproducible. 
These results may be due to side reactions as a result of 
the decomposition of the nitrate melt. The melting 
point of NaNOa is considerably higher than the tem­
peratures of our other equilibration studies.

Kinetics. Most of our equilibrations were performed 
without stirring. Recently, however, our laboratory

(7) P. E. Field and W. J. Green, J. Phys. Chem., 75, 821 (1971).
(8) R. N. Kust and J. D. Burke, Inorg. Nucl. Chem. Lett., 6, 335 
(1970).
(9) JANAF Thermochemical Tables (1965).
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devised a method which allows us to efficiently stir the 
contents of our reaction vessel while maintaining a 
good vacuum and good temperature control.10 The 
new method of stirring reduced equilibration times 
from 20 to 3 hr. This observation led us to calculate 
the rate at which a nonreacting gas is absorbed into a 
quiescent liquid using the expression11

rate =  2(A* -  A°){DA/id)'h

where DA is the diffusion coefficient for the gas, A* is 
the concentration which corresponds to the solubility 
of the gas at the partial pressure prevailing above the 
surface of the liquid, and A 0 is the initial concentration 
of the gas in the liquid. We calculated what this rate 
would be after 1 hr at the prevailing pressure of our 
system, 20 mm, using the diffusion coefficient reported 
by Zambonin, et al.,12 and using Henry’s law constant 
previously cited. We obtained a value of 4.42 X 10~14 
m ol/cm 2 sec. The initial rate at which O2 is absorbed 
into our melt containing 0 22- with no stirring is 7.34 
X  10-10 m ol/cm 2 sec. This value is based on the sur­
face area of our reaction vessel, 20.26 cm 2, and the rate,

after 1 hr, at which the mercury in our manometer rose, 
3 mm/hr. The ratio of the experimental rate to the 
rate we calculated for no chemical reaction is referred 
to as an enhancement factor. The enhancement factor 
for our reaction, 6000, is large enough such that the 
approximate relationship, R =  [02](.Do2&i [ ( y - ] ) l/2, is 
valid.11 R is the experimental rate and ki is the rate 
constant for the reaction 0 2 +  0 22“  =  2 0 2~-

The above relationship yields a rate constant, ki, for 
the electron transfer reaction of 5 X 107 cm3/m o l sec 
or 5 X 104 l./m ol sec. Using the equilibrium constant 
at 260°,2 X 10-5, avalue of 1.0 l./m ol sec is obtainedfor 
the rate of disproportionation of 0 2~ in alkali metal 
nitrates.
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Synergistic Catalysis of Ammonium Nitrate Decomposition. Visible 
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Spectrophotometric studies in the visible region have confirmed details of the mechanism, previously proposed 
on the basis of kinetic evidence alone, for the chloride-transition metal ion synergistically catalyzed thermal 
decomposition of ammonium nitrate. Thus ammine, nitrato, and chloro complexes of copper(II) and nickel(II) 
and chloro complexes of cobalt(II) have been detected in the decomposing melt. The ammine complexes of 
copper and nickel have not previously been observed in any molten nitrates.

Introduction
A recent publication1 described a pronounced syn­

ergistic catalysis of fused ammonium nitrate decom­
position which occurred when the individual catalytic 
species, namely, chloride ion and transition metal ca­
tions, were combined. Mechanisms based on kinetic 
evidence were proposed for the synergesis. Chromium

was thought to operate through oxo complexes but 
other transition metal ions such as copper, silver, 
nickel, and cobalt were considered to involve ammine 
complexes initially, which changed to chloro complexes

(1) A. G. Keenan, K. Notz, and N. B. Franco, J. Amer. Chem. Soc., 
91, 3168 (1969).
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as the melt became more acidic during the course of 
decomposition.

In the present work, direct spectrophotometric evi­
dence in the visible region is presented for the existence 
of ammine and chloro, and also nitrato, complexes of 
copper, nickel, and cobalt in fused ammonium nitrate. 
The general features of the previously proposed mech­
anism are thus confirmed.

Experimental Section
Spectra were taken on a Beckman M odel D U  spec­

trophotometer with a cell housing modified for use with 
fused salts similar to one already described in the litera­
ture.2 Spectra for copper and nickel salts were taken 
at 175° and for cobalt at 185°. Quartz cells with path 
lengths ranging from 0.5 to 0.005 cm were used (Pyro- 
cell Manufacturing Co.). Ternary nitrate eutectic 
(TN E) consisting of 34, 19, and 47 mol %  of lithium, 
sodium, and potassium nitrates, respectively, was used 
as a solvent for reference spectra. The transition 
metal ions were added as nitrates. Commercially 
available reagent grade chemicals dried in an appro­
priate manner were used in general, except for Co 
(NH 3)6(N 0 3)3 which was synthesized according to a 
published procedure.3

In general, the concentrations of chloride and transi­
tion metal ion were the same as used in the kinetic cat­
alytic studies,1 i.e., 0.1 wt %  metal and a chloride to 
metal ion mole ratio of 36. Where necessary, these 
concentrations were varied somewhat so that, by 
choice of available path lengths for the optical cells, the 
absorbances could be brought into a reasonably sensi­
tive range of the spectrophotometer. In some cases 
even larger excesses of chloride ion were added to en­
sure formation of the highest chloro complexes. In 
some cases Na2C 0 3 was added to ammonium nitrate 
melts since it released N H 3 and enhanced formation of 
ammine complexes.

Charges of a size large enough to allow accurate 
weighing of the components (usually 10 g) were made 
up in separate test tubes immersed in a fused salt 
thermostat,1 thoroughly stirred after melting, and suit­
able portions then poured into the cells contained in the 
heated compartment of the spectrophotometer.

Results and Discussion
1. Copper Complexes. Table I shows a sequence of 

spectral measurements and visual color changes ob­
served during the cupric and chloride ion synergistic- 
ally catalyzed decomposition of ammonium nitrate. 
About 100 mg of Na2C 0 3 was added to the standard 
charge to stabilize it initially. This disappeared 
rapidly as the melt became acid during the course of its 
decomposition.1 A  strong smell of N H 3 was noted 
initially.

The spectrum of C u(II) in TN E  showed a single peak 
at 840 nm with a molal absorptivity of 124 in the region

Table I : Ammonium Nitrate-Cu2+-Cl System

Time, Xi, X2,
hr nm nm Color

0 680 Blue
1.5 760 Blue-green
3 780 Green
4 780 Yellow-green
5 370 Greenish-yellow

from 500 to 1000 nm. C u(II) in fused N H 4N 0 3 
showed the peak shifted to 790 nm with a molal ab­
sorptivity of 98. Figure 1 shows the peak shifting 
further to successively lower wavelengths as the con­
centration of free N H 3 is increased by adding increasing 
amounts of Na2C 0 3.

Figure 2 shows the spectrum of C u(II) in fused 
N H 4 N O 3  with added chloride ions. W ithout chloride 
ions, the shoulder peak at 370 nm is missing. The 
steeply rising absorption below 360 nm is part of the 
known strong absorption peak of nitrate ion whose 
maximum lies at 300 nm .4 Identical spectra were ob­
served in this region for T N E  with and without chlo­
ride ions, respectively.

Using results from the literature and considering the 
reference spectra taken in the present work, the data of 
Table I can be interpreted unequivocally as follows. 
Initially at time zero with excess Na2C 0 3 and therefore 
free N H 3 present, the copper is octahedrally com plexed 
with ammine groups and gives the characteristic blue 
band at 680 nm. As the reaction slowly commences, 
the melt grows acid ,1 the ammine ligands are replaced 
by nitrato, and the absorption shifts to the region of 
780 nm. In the last recorded stage of the reaction, 
where the acidity is highest and the chloride ion con­
centration has increased due to decomposition of 
N H 4N 0 3, the copper is present as chloro complexes 
with absorption at 370 nm.

T o substantiate this assignment, the complexes will 
be discussed in the above order. The spectra of 
copper(II) ammine complexes do not appear to have 
been studied previously in fused nitrates but the ab­
sorption regions of complexes do not appear generally 
to vary drastically with solvent as will appear later. 
Hare5 states that D q for C u(II) complexes having N H 3 
ligands in octahedral symmetry is expected to be about 
1500 cm -1 . This would give an absorption at 667 nm.

(2) B. R. Sundheim and J. Greenberg, Rev. Sci. Instrum., 27, 703 
(1956).
(3) J. Bjerrum and J. P. McReynolds, “ Inorganic Synthesis,” 
Vol. II, W. C. Fernelius, Ed., McGraw-Hill, New York, N. Y ., 1957,
p 218.
(4) G. P. Smith, “ M olten Salt Chemistry,”  M . Blander, Ed., Inter- 
science, New York, N. Y., 1964.
(5) C. R. Hare, “ Spectroscopy and Structure of Metal Chelate Com ­
pounds,”  K. Nakamoto and P. J. McCarthy, S. J., Ed., Wiley, 
New York, N. Y ., 1968.
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W A V E LE N G TH  (nm)

Figure 1. Spectra of 0.02 m Cu(N03)2 in 10 g of fused NH4N O  
at 175° with Na2C03 added as follows: curve A, 0.01 g: 
curve B, 0.03 g; curve C, 0.10 g; and curve D, 0.20 g.

Figure 2. Spectrum of 0.02 m Cu(N03)2 in fused NH4N 03 at 
175° with 50-fold excess of NaCl.

Other authors,6,7 studying aqueous solutions of am­
monium salts, concluded that complexes of the formula 
[ C u ( N H 3) b ( H 20 ) 6- ii] 2 + , where n varies from 0 to 5, 
were present. As n increased to 4, the spectrum in the 
visible region consisted of bands that moved from 800 
to 590 nm and then shifted to 647 nm again for n =  5.

The visible spectrum of Cu(II) in L iN 03-K N 0 3 
eutectic has already been studied8 and a single band ob­
served at 850 nm. This agrees almost exactly with the 
value we have observed in TN E  and must correspond 
to a nitrato complex. Cu(II) is a d9 transition metal 
which forms distorted octahedral and tetrahedral com­
plexes. The position of the d -d  transition band with 
different ligands has been studied extensively.9,10 It 
was concluded that in a tetrahedral environment the 
band appeared at about 1666 nm, while in an octa­

hedral environment it was at about 833 nm. In still 
another work,11 the complex ion [Cu(N 03)4]2~ con­
taining six-coordinated copper with two nitrates acting 
as bidentate ligands was found to have an absorption 
at 785 nm.

Based on the above information, therefore, it seems 
quite clear that in Figure 1, predominantly ammine 
complexes with an absorption around 630 nm (curve D) 
are gradually exchanged into mixed nitrato-ammine 
complexes with absorption around 750 nm (curve A) as 
the amount of Na2C 0 3 is decreased. The nitrato com­
plexes contain Cu(II) in an octahedral environment 
surrounded by four nitrato groups, two of which act as 
bidentate ligands. The same exchange process is oc­
curring in the first four entries of Table I.

The spectrum of Cu(II) in a LiC l-K Cl eutectic melt 
at 364° shows bands at 260 and 370 nm.12-14 Aqueous 
solutions of Cu(II) with high chloride concentrations 
show peaks at 270 and 380 nm.15,16 Only the higher 
wavelength peak would be visible in nitrate melts and 
indeed it appears as a shoulder at the correct wave­
length (370 nm) superimposed on the strong nitrate ab­
sorption edge in the present data (Figure 2). The 
form of this complex is generally considered to be a 
highly distorted tetrahedron.

2. Nickel Complexes. Table II shows a sequence 
of spectral measurements and visual color changes ob­
served during the nickel and chloride ion synergistic- 
ally catalyzed decomposition of ammonium nitrate. 
As in the case of copper, about 100 mg of Na2C 0 3 was 
added initially.

Based on reference spectra and literature data to be 
discussed below, the N i(II) data in Table II can be in­
terpreted in the same manner as the Cu(II) data of 
Table I. Initially in the bluish solutions, ammine 
complexes predominate. The 6-, 8-, and 9-hr entries 
represent predominantly nitrato complexes while the 
14- and 15-hr entries are essentially chloro complexes.

Thus when N i(II) was added to NH4N 0 3 containing 
Na2C 0 3 or to TN E containing NH4N 0 3 and Na2C 0 3 the 
resulting bluish solutions showed a sharp peak from

(6) D. M. Grant and R. Kollrack, J. Irwrg. Nucl. Chem., 23, 25 
(1961).
(7) J. Bjerrum, C. J. Ballhausen, and C. K. J0rgensen, Acta Chem. 
Scand., 8, 1275 (1954).
(8) D. M. Gruen, J. Inorg. Nucl. Chem., 4, 74 (1957).
(9) R. Pappalardo, J. Mol. Spectrosc., 6, 554 (1961).
(10) R. Pappalardo and R. E. Dietz, Phys. Rev., 123, 1188 (1961).
(11) D. K. Straub, R. S. Drago, and J. T. Donoghue, Inorg. Chem.,
1, 848 (1962).
(12) G. W. Harrington, Ph.D. Thesis, New York University, 1958.
(13) G. W. Harrington and B. R. Sundheim, Ann. N. Y. Acad. 
Sci., 79, 950 (1960).
(14) D. M. Gruen and R. L. McBeth, Pure Appl. Chem., 6, 23 
(1963).
(15) S. Lindenbaum and G. E. Boyd, J. Phys. Chem., 67, 1238 
(1963).
(16) C. A. Angell and D. M. Gruen, J. Amer. Chem. Soc., 88, 5192 
(1966).
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Table II: Ammonium Nitrate-Ni2+-Cl System

Time, Xi, X2,
hr nm nm Color

0 385 640 Light blue
i 390 650 Blue green
2.5 410 670 Blue green
4 420 680 Light green
6 425 700 Yellow green
8 425 725 Greenish yellow
9 425 780 Yellow

14 450 780-925 Amber
15 460 725-800 Light brown

372 to 390 nm with a molal absorptivity of about 50 and 
a broader peak from 640 to 670 nm with a molal ab­
sorptivity of about 25.

The spectrum of N i(II) ammine complexes does not 
appear to have been studied previously in fused salts. 
In aqueous solution, ammine complexes have been re­
ported17 showing absorptions ranging from 570 to 700 
nm depending on the free ammonia concentration. In 
other work,18’19 N i(II) complexes with six N H 3 ligands 
in octahedral symmetry were found to show absorp­
tions at 930, 571, and 355 nm. An absorption at 930 
nm would not have been observable in the present work.

It was found that when the Na2C 0 3 concentration 
was reduced to zero, an identical spectrum ivas ob­
tained for N i(II) in both N H 4N 0 3 and in TN E. This 
consisted of a narrow peak at 423 nm with a molal ab­
sorptivity of about 50 and a broader peak at 765 nm 
with a molal absorptivity of about 20. This spectrum 
is identical with the one obtained for N i(II) in L iN 0 3-  
K N 0 3 eutectic20 and attributed to an octahedral 
field.4'21'22 Nitromethane solutions of [N i(N 03)4]2- 
have been found to give peaks at 415, 700-785, and 
1250 nm .11 The field was considered to be octahedral 
with two of the nitrato groups acting as bidentates. 
Other models have been discussed for the octahedral 
nitrato complex of N i(II ).28

Successive additions of chloride ion to N i(II) in 
TN E  produced drastic changes in the spectrum. The 
major peak at 423 nm shifted to slightly higher wave­
lengths but in addition a characteristic sequence of 
three smaller peaks appeared in the region between 550 
and 1000 nm. The locations of these three peaks de­
pended on the chloride concentration. For example, 
Figure 3 shows the spectrum of 1.26 X  10-2 m N i(II) 
ion in TN E  containing C l-  at a concentration of 2.7 m.

Similar concentrations of Cl~ added to fused N H 4- 
N 0 3 containing the same concentration of N i2+ gave 
spectra essentially identical with Figure 3. The rate of 
decomposition, however, was so high that accurate 
spectral readings could not be taken.

Spectra of N i(II) in L iN 0 3-K N 0 3 eutectic with 
varying chloride concentrations have been reported8,20 
with absorptions at 495, 590, 630, and 705 nm. At

4 0 0  5 0 0  6 0 0  7 0 0

W A V E L E N G T H  (ti m|

Figure 3. Spectrum of 0.01 m Ni(N03)2 in fused TNE at 175° 
with 100-fold excess of NaCl.

230° this spectrum was interpreted as being due to a 
distorted tetrahedral [NiCl4]2- complex. These re­
sults agree almost exactly with the present results in 
TN E . Many other studies of N i(II) chloro complexes 
in fused salts have been reported4,23 and it is known 
that octahedral chloro complexes also exist and absorb 
at lower wavelengths. The last entries in Table II for 
decomposing N H 4N 0 3 may therefore represent equi­
libria between octahedral and tetrahedral chloro com­
plexes or the higher wavelength absorptions may be 
due to solvent effects on the distorted tetrahedral com ­
plexes.

3. Cobalt Complexes. Only a blue chloro complex 
of C o(II) with overlapping absorption peaks at 625, 
665, and 690 nm was detected during the C o(II) and 
chloride ion synergistically catalyzed decomposition of 
N H 4N 0 3. The molal absorptivities were 375, 560, and 
490, respectively. C o(II) in T N E  with excess chloride 
gave an almost identical spectrum. This spectrum has 
already been well characterized in the litera­
ture8'12-14,24'25 and attributed to the species (CoCl4) 2 -.

(17) J. Bjerrum, “ Metal Ammine Formation in Aqueous Solution,”  
P. Haase and Son, Copenhagen, 1941, pp 190-198.
(18) C. K. Jprgensen, Acta Chem. Scand., 9, 1362 (1955).
(19) A. D. Liehr and C. J. Ballhausen, Ann. Phys. (Leipzig), 2, 134 
(1959).
(20) D. M. Gruen and R. L. McBeth, J. Phys. Chem., 63, 393 
(1959).
(21) S. J. Strickler and M . Kash, “ Molecular Orbitals in Chemistry, 
Physics, and Biology,”  P. Lowdin and B. Pullman, Ed., Academic 
Press, New York, N. Y., 1964.
(22) D. M . Gruen, Quart. Revs., Chem. Soc., 19, 349 (1965).
(23) D. M. Gruen, “ Fused Salts,”  B. R. Sundheim, Ed., McGraw- 
Hill, New York, N. Y ., 1964.
(24) I. V. Tananaev and B. F. Dzhurinskii, Dokl. Akad. Nauk 
SSSR, 134, 1374 (1960).
(25) D. M . Gruen, S. Fried, P. Graf, and R. L. McBeth, Proc. 
U. N. Int. Conf. Peaceful Uses At. Energy, 2nd, 12, 112 (1958).
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C o(Il) in both TN E  and in NH4N 0 3, without chlo­
ride, gave the known nitrato complex with a single ab­
sorption at 560 nm and molal absorptivity of 160. 
This complex has been variously interpreted as having 
octahedral20'22,24 or tetrahedral11,26 symmetry. This 
complex wras not, however, observed in the synergistic- 
ally catalyzed decomposing melt at any stage.

N o evidence for C o(II) ammine complexes was ob­
tained when Na2C03 was added to a melt of N H 4N 0 3 
containing the metal. The nitrato peak at 260 nm re­
mained unchanged. No references to ammine com­
plexes of C o(II) in fused salts have been found in the 
literature. In aqueous solution absorptions for these 
species occur at 350 and 500 nm.27 If C o(II) ammine 
complexes do occur in fused nitrate melts and have ab­
sorptions near the aqueous values, the lower wave­
length would be obscured by nitrate absorption and the 
higher wavelength by the nitrato complex. The pre­
sent results, therefore, indicate at most that C o(II) 
ammine complexes in fused nitrates have low stability.

When the synthesized C o(III) ammine complex of 
formula Co(N H 3)6(N 0 3)3 was dissolved in either TN E 
or N H 4N 0 3 a single peak at 490 nm with a molal ab­
sorptivity of about 100 was observed. This has al­
ready been reported in the literature28,29 and assigned 
to the species [Co(NH3)6]3+. When Co(N H 3)6(N 0 3)3 
and chloride ion were added to fused N H 4N 0 3 to pro­
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duce a synergistically catalyzed melt, the 490-nm peak 
gradually disappeared over the first hour and the C o(II) 
chloro complex peak described earlier appeared. Co 
(III) is known to be unstable in acid media and the de­
composing N H 4N 0 3 melt becomes acid as the reaction 
proceeds.

Conclusions
The present spectrometric results provide substantial 

direct support for the occurrence and transformations 
of the types of transition metal complexes which were 
called for in the mechanisms previously postulated1 on 
the basis of kinetic evidence alone for the synergistic­
ally catalyzed thermal decomposition of ammonium 
nitrate. Explicit discussion of the role of the com ­
plexes in the proposed mechanism of the synergistic de­
composition is given in the reference cited.
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Electron Spin Resonance Evidence for Dissociative Electron Capture in 

Y-Irradiated Phosphate Esters1

by Carolyn M. L. Kerr, Kathleen Webster, and Ffrancon Williams*
Department of Chemistry, University of Tennessee, Knoxville, Tennessee 87916 {Received February S3, 1972)

Alkyl radicals are formed during y irradiation of alkyl phosphates at 77°K. Inclusion of an electron scavenger 
virtually eliminates this reaction, and a comparable yield of radicals derived from the scavenger is obtained. 
This proves that alkyl radicals are formed only by dissociative electron capture in the pure esters. Possible 
biological implications are discussed.

Introduction
The mechanism of interaction of ionizing radiation 

with phosphate esters is of interest as these compounds 
are closely related to many important constituents of 
biological materials. The effect of y irradiation on 
alkyl phosphates has been investigated by product 
analysis,2 and more recently by esr examination of the 
radical intermediates at low temperatures.3 ■4 Although

various reaction steps have been postulated on the basis 
of the information obtained, definitive proof of these is

(1) This work was supported by the U. S. Atomic Energy Com­
mission under Contract No. AT-(40-l)-2968, and this is AEC Docu­
ment No. ORO-2968-72.
(2) R. W. Wilkinso 1  and F. Williams, J. Chem. Soc., 4098 (1961).
(3) S. Sugimoto, K. Kuwata, S. Ohnishi, and I. Nitta, Rep. Jap. 
Assoc., Rad. Res. Polymers, 7, 199 (1965-1966).
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lacking. Here we present the results of an esr study 
which demonstrates conclusively that the alkyl radicals 
observed in y-irradiated alkyl phosphates are formed 
by dissociative electron capture. This finding con­
firms a previous suggestion along these lines.4

Experimental Section

Trimethyl phosphate, triethyl phosphate, dimethyl 
methyl phosphonate, and dimethyl acid pyrophosphate 
were supplied by Aldrich Chemical Co. and used with­
out purification. Samples of each compound were pre­
pared both with and without a quantity of a known 
electron scavenger,8 ethyl bromide being used as the 
scavenger for the methyl esters and methyl bromide for 
the ethyl ester. The alkyl halide concentration was 
nominally 1 mol %  or greater. It was found necessary 
to use low ethyl bromide concentrations (1-2  mol % ) 
to avoid formation o f the -C 2H 4Br radical since its 
spectrum tended to obscure that of the ethyl radical. 
A ll samples formed glasses when quenched to 77°K . 
The doped and undoped samples of each compound 
were irradiated at this temperature to the same total 
dose (0.1 to  0.2 M rad), and their esr spectra recorded 
immediately using identical spectrometer conditions. 
The esr spectrometer and accessories have been de­
scribed elsewhere.6

Results and Discussion
In all the methyl esters that were examined, the 

quartet esr spectrum of the methyl radical (A isoCIh =  
23 G) was superimposed on a broad triplet which can 
be assigned to a > P ( = 0 ) 0 C H 2 • radical.7 On the other 
hand, the somewhat anisotropic 12-line spectrum ob­
tained in the sample doped with ethyl bromide ap­
peared to be mainly due to  the ethyl radical (A iS0CH3 =
27 G, A CH’- =  21 G ), indicating that a large fraction of 
the electrons had been captured by the ethyl bromide. 
Representative spectra . obtained for trimethyl phos­
phate are shown in Figures 1A and B, with stick dia­
grams indicating the spectral analyses.8 Although 
the spectra of the two radicals are quite different, the 
positions of the four lines in the methyl radical spec­
trum lie close to those of lines 3, 5, 8, and 10 of the 
ethyl radical spectrum, thus rendering a relatively 
small amount of methyl radical difficult to detect in the 
presence of ethyl. However, the methyl radicals dis­
appeared at 77°K  so that any contribution to the spec­
trum in the doped sample could be determined by re­
cording the spectrum again after the decay was ob­
served to be complete in the spectrum of the pure sam­
ple (Figure 1C). The corresponding spectrum of the 
doped sample is shown in Figure ID . Comparison of 
Figures IB and D shows that the intensities of lines 3 
and 10 relative to the adjacent outer lines (which are due 
only to the ethyl radical) are diminished in Figure ID . 
The difference, however, represents only a small con­
tribution to the initial spectrum by methyl radicals,

Figure 1. Esr spectra of -/-irradiated trimethyl phosphate 
with and without ethyl bromide. The radiation dose was 0.2 
Mrad. All spectra were recorded at 77°K under the same 
spectrometer conditions. The spectra refer to samples as 
follows: A, pure trimethyl phosphate immediately after y 
irradiation; B, trimethyl phosphate containing 1-2 mol % 
ethyl bromide immediately after y irradiation; C, same sample 
as A, 6 days after irradiation; and D, same sample as B, 6 
days after irradiation.

and scavenging is probably better than 90%  complete. 
Results similar to the above were obtained for the phos­
phonate and acid pyrophosphate. In the case of the 
triethyl phosphate, ethyl radicals were observed in the 
pure material and methyl in the doped sample. As 
the ethyl radical signal was almost unchanged after 6 
days whereas the methyl had decayed out leaving no 
trace of ethyl, scavenging by methyl bromide was 
judged to be complete.

Since com plete scavenging was observed for triethyl 
phosphate containing ~ 8  mol %  of methyl bromide, 
it is reasonable to assume that the incomplete scav­
enging occurring in the methyl esters was due to the 
much lower (1-2 m ol % ) scavenger concentration used

(4) A. Begum, S. Subramanian, and M . C. R. Symons, J. Chem. 
Soc. A, 1331 (1970).
(5) (a) J. M . Warman, K .-D . Asmus, and R. H. Schuler, Advan. 
Chem. Ser., No. 88, 25, (1968); (b) E. D. Sprague and F. Williams, 
/ .  Chem. Phys., 54, 5425 (1971).
(6) J. Lin, K. Tsuji, and F. Williams, J. Amer. Chem. Soc-., 90, 2766 
(1968).
(7) Since the yield of the (CH 30 )2 P (= 0 )0 C H 2- radical from tri- 
methyl phosphate is considerably smaller in the sample doped with 
ethyl bromide than in the undoped sample (Figure 1), it is very prob­
able that this radical originates largely from the decay of methyl 
radicals by hydrogen atom abstraction from the trimethyl phosphate. 
For other examples of hydrogen atom abstraction by methyl radicals 
at 77 °K, see (a) E. D. Sprague and F. Williams, J. Amer. Chem. 
Soc., 93, 787 (1971); (b) R . J. Le Roy, E. D. Sprague, and F. W il­
liams, J. Phys. Chem., 76, 546 (1972); (c) J.-T . Wang and F. W il­
liams, J. Amer. Chem. Soc., 94, 2930 (1972); (d) A. Campion and 
F. Williams, ibid., in press.
(8) In the powder spectrum of the ethyl radical (Figure ID ), the 
signal heights of the sharp lines (2, 5, 8, and 11) are enhanced rela­
tive to the heights of the other lines as compared to the intensity 
ratios indicated in the stick diagram. This is due to a line width 
difference which arises from anisotropic hyperfine broadening. For 
a detailed explanation, see E. L. Cochran, F. J. Adrian, and V. A. 
Bowers, J. Chem. Phys., 34, 1161 (1961).
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in this case. The fact that the parent alkyl radical is 
largely but not completely replaced by radicals derived 
from the scavenger when the latter is present in low 
concentration is evidence for competition between the 
highly efficient ethyl bromide5a and the methyl esters 
for the electrons. The observation of comparable 
yields of parent alkyl and scavenger alkyl radicals in 
the doped and undoped samples further indicates that 
the parent alkyl radicals originate from dissociative 
electron capture by the phosphate esters. The reac­
tion can be written as follows, where R  =  CHS or C2H5

I I
0 = P — 0 — R  +  e -  — >  0 = P — 0 -  +  R -

Although it is clear to us that the results reported 
here provide definitive evidence for the formation of 
parent alkyl radicals from the phosphate esters by dis­
sociative electron capture, this interpretation has been 
questioned by one of the reviewers of this paper. 
Therefore some elaboration seems to be necessary. 
If we assume that the parent alkyl radicals are not 
formed by dissociative electron capture, then the pres­
ence of an electron scavenger should not affect their
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initial formation and these radicals must be removed 
by a rapid (i.e., unobservable) secondary reaction with 
the scavenger. This would require that methyl radi­
cals (which decay only slowly in the absence of scav­
enger7) react with ethyl bromide and that ethyl radicals 
react with methyl bromide. The only reasonable 
course of these reactions would involve radical dis­
placement, and since one is the reverse of the other, it 
is difficult to understand why both should proceed 
efficiently. Therefore, this alternative explanation to 
dissociative electron capture may be dismissed.

The present findings may have some bearing on the 
mechanism of radiation damage in biological molecules 
containing phosphate ester linkages. For example, 
dissociative electron capture processes similar to those 
observed here could bring about main chain scission in 
polynucleotides. A  significant feature of this process 
is that the products are very unlikely to recombine. 
This is in contrast to the case of homolytic fission where 
two free radicals are formed adjacent to one another 
and a repair mechanism is feasible. Another aspect of 
this study which deserves comment is the possibility 
that the incorporation of suitable electron scavengers 
might be useful in protecting biological material from 
inactivation by radiation.

C. M . L. K err, K. W ebster, and F. W illiams
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Interaction of Arsine with Evaporated Metal Films
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Publication costs assisted by the University of Baghdad

The interaction of AsH3 with evaporated films of Fe, Ni, Pd, W, Ag, and Pb has been studied in the tempera­
ture range from —80 to ~200°. The extent of adsorption was expressed by A, representing the ratio of the 
volume of AsH3 adsorbed to the volume of krypton corresponding to a monolayer. Rapid dissociative chemi­
sorption, which was accompanied by BU evolution, occurred on the first three metals at —80°. The total 
AsH3 uptake was very much the same (A ~  1.7) for these three metals at this temperature irrespective of the 
different amounts of hydrogen which remained in the adsorbed phases. On W film, both dissociative and weak 
molecular adsorption took place at — 80° while physical adsorption was the main feature of the AsH3 uptake 
on Ag and Pb films at this temperature. The structure of the adsorbed phase at —80° corresponded mainly 
to AsH on Fe, AsH2 on Ni, and to a mixture of AsH2 and AsH3 on Pd and W films. The uptake of AsPI3 on 
oxidized films of Fe, Ni, Pd, and W at —80° was more extensive than on the corresponding clean films. The 
adsorption on oxide sites gave rise probably to the formation of H3AsOm on the surface in which the hydrogen 
atoms were strongly bound to As atoms so that H2 evolution was not possible at such low temperature. The 
tarnishing of clean and oxidized films by AsH3 at temperatures ^ 30° occurred with constant energies of activa­
tion and the parameter X  was regarded as a measure of the extent of arsenidation. The rate of arsenidation, 
at constant temperature and AsH3 pressure, became slower as X  increased due to the decrease of the frequency 
factor (A) in the rate expression; the concentration of the reacting sites decreased with increasing thickness 
of the arsenide layer (A). The relationship between log A and A  was quite linear in each case from which 
the rate of AsH3 adsorption was determined. Oxidized Ni and W films were less active, while oxidized Fe 
and Pd were more active, than the corresponding clean metals for reaction with AsH3. When Ni film was 
coated with a thick film of Pb, the resulting “ two-metal” film of Pb-Ni became less active than either Ni or 
Pb film in reacting with arsine; this was ascribed to the formation of a stable solid solution or alloy by such 
binary system. When Pd film was covered with Pb film, the activity toward AsH3 became surprisingly higher 
than that of either Pd or Pb or any other film. The resulting solid solution or alloy was assumed to be so 
unstable as to enhance the outward diffusion of the metal atoms to interact with the gas phase.

Introduction
Arsine is known as a poison for a number of catalytic 

reactions on metals,1'2 but its role in this respect is not 
quite understood because of the lack of fundamental 
data on the adsorption of this gas on metal surfaces. 
Moreover, the thermal decomposition of arsine on cer­
tain surfaces was thought to be inhibited by the evolved 
hydrogen but catalyzed by the arsenic which was 
separated throughout the decomposition;3 so far the 
evidence in support of these results is very little.

Arsine reacts with metals at elevated temperatures 
to form arsenides which in many cases do not corre­
spond to the usual oxidation states of metals or arsenic.4 
From these standpoints it would be interesting to in­
vestigate the adsorption of arsine on clean metal films 
and to follow the formation of metal arsenides under 
controlled vacuum conditions.

Experimental Section
The apparatus, the materials used, and the procedure 

for the preparation of the evaporated metal films (Fe, 
Ni, W, Pd, Pb, and Ag) have already been described.5 - 10 
The films were always sintered at 60° for 20 min before 
surface area determination by krypton adsorption at 
—195° and the subsequent interaction with AsH3. The 
procedure for outgassing the apparatus and the metal

filaments has also been described in previous papers.5-10 
In a typical experiment, after the apparatus had been 
thoroughly outgassed, the rate of degassing, with the 
reaction vessel maintained at 450°, was < 1 0 -3 N 
m - 2  hr-1 . During the deposition of the film the reac­
tion vessel was maintained open to the pumps and the 
pressure was always < 1 0 -4 N m -2.

Arsine was prepared from dilute sulfuric acid, 
sodium arsenate, and zinc powder at room temperature. 
The gas was passed through a trap which was kept at 
— 80°, and finally freed from permanent gases by con­
densing at —195° and pumping. New supplies of

(1) R. D. Clay and E. E. Petersen, J. Catal., 16, 30 (1970).
(2) E. B. Maxted, Advan. Catal., 3, 129 (1951).
(3) G. G. Devyatykh, Poluch. Anal. Veshchestv Osoboi Chist., Mater. 
Veses. Konf., 1963, 5 (1966).
(4) J. L. Gay Lussae and L. J. Thenard, Ann. Chim. Phys., 73, 229 
(1810).
(5) J. M . Saleh, C. Kemball, and M. W. Roberts, Trans. Faraday 
Soc., 57, 259 (1961).
(6) A. M. Al-Haidery and J. M. Saleh, ibid., 66, 3113 (1970).
(7) J. M. Saleh, ibid., 67, 1830 (1971).
(8) Y. M. Dadiza and J. M. Saleh, J. Chem. Soc., Faraday Trans. 1, 
68, 269 (1972).
(9) J. M. Saleh, Trans. Faraday Soc., 66, 242 (1970).
(10) J. M. Saleh, B. R. Wells, and M. W. Roberts, ibid., 62, 2301 
(1964).
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the gas were prepared frequently and its vapor pressure 
at —195°, as measured by a M cLeod gauge, was 10~3 
N m -2 and this value was quite reproducible for dif­
ferent samples of the gas. The gas was condensed at 
— 195° and pumped for few minutes before use. The 
doses were admitted to the reaction system through a 
trap which was cooled to —80°. A  series of careful 
blank experiments showed that arsine was quite stable 
in the temperature range —80 to 250° in absence of 
evaporated metal films. Mixtures of AsH3 plus H2 
were analyzed by condensing the former gas in a cold 
glass finger immersed in liquid nitrogen; the condensa­
tion occurred within 1 min when the total pressure was 
i; 9 N  m ~2.

After preparing and sintering the film, the general 
procedure was to determine the volume of krypton 
required to form a monolayer on the film at —195°. 
Then, the krypton was removed by pumping at room 
temperature for 30 min and subsequently the AsH3 
was admitted to the film at —80°. After the initial 
fast chemisorption, the interaction was investigated 
using pressures in the range 6-8 N m -2. The reaction 
was followed until the rate of change of gas composition 
had become small and the film was then warmed in 
successive stages to about 200°, the products being 
analyzed continuously. The area of the film was 
redetermined at the end of each run.

Results
The extent of AsH3 uptake was expressed as X  =  

VasiiJV-kt, where F Ash3 was the volume of AsH3 ad­
sorbed and Vkv was the mono layer of krypton which 
was determined using the point B method.5

Adsorption at —80°. There was an initial rapid 
uptake of AsH3 (at —80° and P Ash3 =  6 N m ~2) on 
films of Fe, Ni, Pd, and W  until X  was ~ 1 .5  on the 
first three metals and X  =  0.6 on W. Thereafter, ad­
sorption became slow and proceeded at a measurable 
rate. Hydrogen evolution began at low coverages of 
the surface by AsH3 (X  ~  0.2) and the extent increased 
as X  increased. The structure of the surface phase 
was represented as AsH„, where n was calculated at 
various values of X  from the relationship

n =  (3 F AaH3 _  2 F h3) / F AsH3 (1)

where F Ash3 and Fh, were the volumes of the ad­
sorbed A sH3 and the desorbed H2 at the same value 
of X, respectively. Figure 1 shows the plot of n 
against X  on the previous four metals at —80°. The 
lowest value of n at the latter temperature was ~ 1 .0  on 
Fe, ~ 2 0  on Ni, and just below 3.0 on Pd and W  films. 
The maximum value of X  at —80° on the first three 
metals was '—'1-7, but on W  it was not possible to at­
tain, at this temperature, values of X  >  0.76. Fur­
thermore, some <~15% of AsH3 adsorption on W  film 
at —80° was molecular and reversible.

Adsorption of AsH3 on both Ag and Pb films at

Figure 1. Composition of the surface phase n, representing 
AsH„, plotted against X  on Fe (A), Ni (O), Pd (•), and W (A) 
films at —80°.

— 80° was entirely molecular and reversible; the ad­
sorbate was completely desorbed on warming the film 
to 30° and a similar amount could be readsorbed on 
cooling back to —80°. It was also possible to remove 
the adsorbed AsH3 merely by evacuation of the reac­
tion vessel down to 10 ~2 N m ~2. Table I gives the 
relationship of the initial surface area (FKr) to the total 
A sH3 uptake ( F Ash3) at —80° and the subsequent 
H2 evolution ( Fh,) at this temperature for typical 
experiments on various metals. The final values of X  
and n at —80° as well as the volume of AsH3 which 
was desorbed on warming each film to 30° ( F Ash3) are 
also indicated in the table.

Table I :  Adsorption of Asir3 on Films of Fe, Ni, Pd, W, 
Ag, and Pb at —80° and a Gas Pressure of ~6.0 N m_2<*

Film V  Kr V a s H s X Vb2 n V a s H

Fe 94.3 157.68 1.67 160.75 0.96
Ni 86.1 146.37 1.70 74.0 1.92
Pd 76.3 129.71 1.70 19.00 2.70
W 91.2 79.7 0.86 5.00 2.86 12
Ag 3.78 3.78 1.0 3.0 3.5
Pb 3.78 3.63 0.90 3.0 3.5

° Volumes are expressed in /d (stp).

Effect of Oxidation on the Subsequent AsH3 Uptake 
at —80°. In a series of experiments, the film was 
first saturated at 30° and a gas pressure of ~ 6  N m ~2 
with oxygen. The total volume of oxygen adsorbed 
was denoted Fo, and the extent of oxidation was rep­
resented by Y =  VqJV kt- Oxygen adsorption, at 
30° under a pressure of 6 N m -2, on clean films of 
Fe, Ni, Pd, and W  caused a substantial sintering to 
occur. This is shown in Table II by comparing the 
original surface area Vkt of a film with its area F Kr 
after saturation, at 30° and Po, =  6 N m ~2, with oxy-
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gen (Fos); a better representation of the extent of 
sintering is indicated in the values of S =  FKr /F Kr 
(Table II). The heavy oxidation (F  =  8.5) of Fe 
film was parallel with the ease of sintering of this 
metal (S =  0.15). Although oxidation of W  film (F  =  
0.84) was less extensive under the same conditions than 
that of N i film (F  =  3.45), yet nearly the same extent 
of sintering resulted (S =  0.34-0.37).

Interaction of Arsine with Evaporated M etal Films

Table II : Adsorption of AsH3 on Oxidized Films of Fe, Ni, 
Pd, and W at —80° and Pash3 = 6.0 N m~2a

Film VKr Vo2 Y Y  Kr S VAsH3 X

Fe 36.0 307.7 8.5 5.33 0.15 29.36 5.51
Ni 42.6 147.3 3.45 14.76 0.34 41.03 2.78
Pd 39.5 46.1 1.56 16.4 0.41 88.07 5.37
W 70.6 59.3 0.84 26.6 0.37 18.6 0.70

<■ Y = V0i/VKr and S = FKr/F Kr.

Fast irreversible adsorption of AsH3 took place at 
— 80° on films of Fe, Ni, Pd, and W  which had been 
saturated with oxygen as described above. The max­
imum values of X, as calculated in terms of Vkt, on 
oxidized Fe, Ni, and Pd films (Table II) were appreci­
ably higher than the values obtained with the corre­
sponding clean metals (Table I). The extent of AsH3 
uptake on oxidized W  film at —80° was (X  =  0.7) 
small as compared with the amounts adsorbed on the 
other three oxidized films at the same temperature. 
The volume of H 2, which was desorbed subsequent to 
A sH3 adsorption at —80°, was so small that values 
of n remained always close to '"-'3.0. No gas (H 2 or 
H20 ) was desorbed on pumping the film at —80° down 
to 10~3 N m _! or on heating the film to 200°.

Tarnishing by AsH3. Extensive arsenidation of Fe, 
Ni, and Pd films occurred by AsH3 at temperatures 
> 2 5 ° at a rate which increased with temperature. The 
reaction became appreciably fast at temperatures 
> 160°; and at any temperature the total gas pressure 
increased with time on Fe and Ni films as shown in 
Figure 2. The amount of H2 evolved at a given time, 
on either Fe or Ni film, was always 3/ 2 times as much 
as AsH3 adsorbed. The relationship between the ex­
tent of AsH3 adsorption and the subsequent H2 evo­
lution in the same period of time is indicated for three 
typical experiments in Table III.

The total pressure ( P a sh 3 +  -Ph2) on W  film at a 
constant temperature in the range 25-200° remained 
virtually constant (Table III) because of the desorp­
tion of one H 2 molecule for each AsH3 molecule ad­
sorbed. The rate of the reaction at the same tempera­
ture and P ash3 decreased considerably over a limited 
increase in X  (from 1.5 to 2.5); the rate at 200° and 
P a sh 3 =  6 N m -2 became ~ 2 .0  yl hr-1 cm -2 when X  
approached 2.5.

2853

Figure 2. Interaction of AsHs with Fe film at 80°: (9), total 
pressure; (O), pressure of AsH3; (•), pressure of H2.

Table III: Extent of Increase in the Total (AP) and 
Hydrogen Pressures (APhs) while AsH3 Pressure Decreased 
( —APash3) in the Same Period and Temperature“

Period, Temp,
Film A P ¿•Phs -  a A asHs min °C

Fe 1.235 2.820 1.600 9 58
0.546 1.534 1.000 6 80

Ni 2.067 5.980 3.900 16 60
1.482 3.562 2.080 7 80

W 1.82 1.82 14 28
0.75 0.75 14 100
1.482 1.482 12 150

a P  is expressed in N m-2.

On Pb film at any temperature above 80° there was 
a continuous decrease in the total gas pressure with 
time because H2 evolution was much slower than AsH3 
adsorption. The main feature of AsH3 interaction 
with Ag films between 30 and 200° was similar to that 
with Pb although both the rates of AsH3 uptake and 
of subsequent H2 evolution, under similar conditions, 
were faster on Ag than on Pb.

Oxidized Pd and Fe were in general more active, 
while oxidized Ni and W  were much less active, toward 
AsH3 than the corresponding clean films. A  steady 
H2 evolution as a consequence of AsH3 adsorption with 
oxidized films began only beyond certain values of X. 
The minimum value of X  at which a steady H2 evolu­
tion was detected depended both on the extent of the 
preoxidation (F ) and the temperature of the film as 
indicated in Table IV. Beyond such values of X  at 
the specified temperatures, the behavior of the oxidized 
film approached that of the corresponding clean film 
with respect to the relation of F h 2 to that of F a sh 3 
for the same period of time.

Kinetics of Metal Tarnishing by AsH3. The rate 
of the reaction depended directly on AsH3 pressure. 
This was done by measuring the rate of AsH3 uptake
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Table IV : Relationship between the Extent of Preoxidation
(F) and the Subsequent Value of X  at which a Steady 
Evolution of H2 Began

,---------H 2 e v o l u t i o n  a t --------- •.

F i l m Y X
T e m p ,

° C

Fe 8.5 10 ^100
Ni 3.45 6 ^ 120
Pd 1.56 4 ^60
W 0.84 2.7 ^ 200

(ri) at an initial pressure Pi, the pressure was then 
rapidly changed to a different constant pressure P 2 
at which the new rate (r2) of adsorption was estimated. 
Both rates were assumed to depend on Pn, consequently 
the exponent n was evaluated from the relation6

n/r2 =  ( P i /P 2) re (2)

The values of n thus obtained ranged from 0.85 to 1.0, 
from which we assumed a pressure dependence of n =  
1 since the experimental procedure used (eq 2) always 
tends to give results which are slightly smaller than the 
true value.

From the rates of AsH3 adsorption at two different 
temperatures and the same value of X, activation en­
ergies (E) of the tarnishing reaction were obtained. 
The reaction proceeded on each metal with a constant 
energy of activation (E) which was independent of X  
as indicated in Table V. The rate (r) of the reaction 
at constant temperature and P ash3 decreased steadily 
as X  increased and this was reflected in the values of 
the frequency factor (A ) in the rate expression

r = Ae~ElRT (3)

where A contains a (P a s h ,)1'0 term. The rates of 
adsorption at different values of X  were first determined 
under the same AsH3 pressure of ^ 6  N m -2. Using 
the appropriate value of E for each film, the corre-

Table V : Activation Energies (E) of Metal
Tarnishing by AsH3

T e m p
range, E .  k J

F i l m X "C mol-1

Fe 1.6-2.4 -45-100 35.5
Ni 1.56-3.64 -80-100 35.5
Pd 1.86-2.0 -45-50 50.3
W 0.76-1.67 -80-150 58.1
Ag 1.0-9.7 -80-200 42.5
Pb 3.66-6.66 80-200 44.0
Oxidized Fe 5.5-8.05 -80-180 25.5
Oxidized Ni 2.7-3.9 -80-150 23.3
Oxidized Pd 5.37-6.15 -80-50 21.5
Oxidized W 0.7-1.2 60-200 46.7
Pb-Pd 1.58-7.73 -80-100 56.5
Pb-Ni 4.14-7.25 -80-50 13.0

Figure 3. Log A plotted against X : (A) clean Ni (O), Pd (A),
W (•), and Fe (A) films; (B) oxidized films of Fe (A), Pd (A), 
W (•), and Ni (O). The points represented various 
temperatures in the range 30-120°. The units of A are 
molecules cm-2 sec-1.

sponding values of A were estimated. Figure 3 shows 
the relationship of log A against X  for various systems 
and the plots are shown to be quite linear over a wide 
range of X.

Two-Metal Films. In a series of experiments, a 
metal film of Pd (or Ni) was first deposited on the glass 
walls of the reaction vessel which was kept at —195°. 
The film was then sintered (at 60° for 20 min) and its 
area was measured from krypton adsorption. The 
film was then pumped to remove the krypton until a 
vacuum of 10~4 N m -2 was established in the system. 
The film was then cooled to —195° and a thick film 
of Pb was deposited on top of the former film. The 
resulting two-metal film of P b-P d  (or P b -N i) was 
resintered and its area (F kf) was subsequently deter­
mined prior to interaction with AsH3.

Pb-Pd. The area of a Pd film decreased on sub­
sequent deposition of a thick Pb film. In a typical 
experiment, the area of a Pd film weighing 70 mg was 
Vkt =  50.9 /d and this decreased to Vkt =  17.5 m1 
when a thick Pb film (weight =  250 mg) was deposited 
on top of the former; the reduction in area was by a 
factor of ~ 3 .0 . Such a relationship between Vkt and 
VKt was quite reproducible as confirmed by a number 
of similar experiments.

Rapid adsorption of AsH3 to the extent X  =  1.77 
took place on the resulting Pb-P d  film at —80° with­
out H2 evolution. Further, but extensive AsH3 up­
take was observed at tempertures > 3 0° with a con­
stant energy of activation of 56.5 kJ m ol-1 . Values 
of A were obtained at various values of X  and tempera­
tures as described before and the results were plotted 
as log A vs. X  in Figure 4.

Pb-Ni. The area of a nickel film, on top of which a 
thick Pb film was deposited (Pb-N i), was less than the 
area of the underlying Ni film; there was a reduction 
in the area of Ni film due to the deposition of Pb film. 
In an experiment, the area of a nickel film (weighing
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Figure 4. Log A plotted against X  for two-metal films of 
Pb-Ni (•) and Pb-Pd (A). The points for clean Ni (O) and 
Pd (A) points are also given for comparison.

30 mg) was 29.6 ¿¿1 and this decreased to (F kr) 26.6 A  
on deposition of a thick Pb film (240 mg) on top of 
the former metal.

Fast adsorption of AsH 3 occurred on a P b -N i film 
to the extent A  =  4.14 at —80° and gas pressure of 6 
N m -2 . Above this temperature there was only a very 
slow AsH3 uptake despite the low energy of activation 
of ~ 1 3  kJ m ol-1 . The values of log A were plotted 
against X  for this system as shown in Figure 4.

be composed mainly of AsH a on Fe and AsH2a on Ni. 
The minimum values of n, which were slightly <1.0 
on Fe and slightly <2 .0  on Ni films (Table I), indicate 
that, beside the main reactions on these metals, reac­
tion 4 on Fe and reaction 3 on N i were also taking place, 
though to a small extent, resulting in the formation 
of few Asa and AsH a on these films, respectively. The 
complete breakdown of AsH3 molecules into adsorbed 
As and H is less likely to take place on these metals at 
— 80° because of the following facts.

(1) N o H2 desorption was ever observed on rapid 
warming the films from —80 to 30° or higher tempera­
tures.

(2) The total surface sites are insufficient to ac­
commodate the products (As and H) if complete dis­
sociation takes place. The size of an arsenide ion (0.16 
nm 2) is twice as large as of either Fe or Ni site (~ 0 .0 7  
nm!) and, on the assumption of complete breakdown, 
each AsH on Fe will occupy three surface sites while 
four sites are needed for each AsH 2 on N i film. Such 
a number of surface sites would not be available if the 
adsorption at —80° to the extent X  =  1.7 was con­
fined entirely to the surface even if it is assumed that 
each krypton atom (cross-sectional area =  0.19 nm2) 
covers three surface sites; to accommodate all the 
adsorbate to the surface there would be a need for 
surface areas which are greater than those available 
by factors of 1.7 for Fe and 2.3 for Ni. This argument 
still applies even if As adatoms were only partially 
ionic.

Discussion
At —80°. The results (Table I) indicate that films 

of Fe, Ni, Pd, and W  chemisorbed AsH3 dissociatively 
at —80° as extensive H 2 evolution was observed at 
this temperature. The fact that chemisorption on 
each of Fe, Ni, and Pd films occurred at —80° to the 
same extent of A  =  1.7 may suggest that the interac­
tion of A sH 3 with these metals at this temperature was 
confined exclusively to the surface. On the other hand 
values of A  >  1.7 were obtained on oxidized surfaces 
(see Table II) at —80°; these probably correspond to 
incorporation of As in the solid phase. The surface 
structures on clean films corresponded to 1.7 AsH„, 
where n equals -~1.0 on Fe, ~ 2 .0  on Ni, and just below
3.0 on Pd.

The results of adsorption at —80° suggest that AsH3 
molecules breakdown on metal surfaces by a number 
of steps involving the following.

AsH3g — AsH3a 

AsH3a -. r.<  AsH2a +  V 2H 2g 

AsH2a . 3 > AsH a +  y 2H 2g 

AsH a Asa +  y 2H2g

where g and a refer to the gaseous and the adsorbed 
states, respectively. The surface phase at —80° may

(3) The maximum value of A  before incorporation 
occurred (at —80°) on Fe and Ni films was ~ 1 .7  cor­
responding, according to the previous scheme of gradual 
breakdown of AsH3, approximately to one AsH (or 
AsH 2) on two sites; the surface sites would be just 
sufficient to hold the adsorbed species at —80° with­
out necessary incorporation. In this way, the same 
extent of AsH3 adsorption (A  =  1.7) at this tempera­
ture, despite the different values of n in the adsorbed 
A sH m, can thus be accounted for. This conclusion 
is again based on the assumption of taking the krypton 
atom to be equivalent to three surface sites.

(4) The results of Table III probably refer to the 
formation of AsH a on W  film at temperatures > 30°, 
and this in turn may be an evidence in support of 
gradual breakdown mechanism which is depicted in 
the above scheme.

From the foregoing discussion, it would be reason­
able to suggest the following types of surface states on 
Fe and Ni films at — 80°.

H H 1
1 \  /

As As
/  \ 1
Fe Fe Ni

1 2 1
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where the Ni site denoted 2 is assumed to be blocked 
by AsH2a and the angle H -A s-H  remains almost sim­
ilar to that in AsH3 (/~920).

On Pd and W  films both reactions 1 and 2 may take 
place at —80° with the result that the value of n lies 
between 2 and 3. The desorption of molecular AsH3 
on warming the films (particularly W  film) from —80 
to 30° is evidence for the existence of AsH3a on 
the surface. These molecules may be coordinated to 
the surface through As atom in a similar manner to 
the coordination of sulfur atoms in dimethyl sulfide 
with P d .11 A sH3 is known1'2 as a poison toward a 
variety of catalytic reactions on transition metals due 
probably to the tendency of As atoms for coordination 
with metals. The comparatively low value of X  on 
W  film at —80° may be ascribed to the high energy of 
activation for further AsH3 adsorption on the metal 
at this temperature.

Oxidized Films at —80°. The final values of X  at
— 80° on oxidized films of Fe, Ni, and Pd, which were 
calculated in terms of Vkt, were substantially higher 
(Table II) than the corresponding values on clean films 
(Table I). Such high values of X  on oxidized films 
provide evidence for incorporation of AsH3 even at
— 80°. Both the metal and the oxide sites were likely 
involved in chemisorption of AsH3. On oxide sites such 
“ compounds”  as H3AsOm may be formed, where m 
refers to the number of oxygen atoms taking part in the 
adsorption of AsH3 molecule. The hydrogen atoms of 
the adsorbed AsH3 may be strongly attached to the 
surface phase so that no H2 evolution takes place at 
temperatures below 200°.

Kinetics of Tarnishing by AsH3. The tarnishing of 
clean and oxidized metal films at > 3 0° by AsH3 took 
place with constant energies of activation (Table V). 
The rate of tarnishing, at constant temperature and 
AsH3 pressure, decreased as X  increased due to the de­
crease of the frequency factor (A) in eq 3 which was 
given before. Since the pressure dependence (n) is 
-—'1.0, it would be reasonable to express A as8'12

A =  CeCskT/h exp(AS*/R) (4)

where AA* is the entropy of activation, Cg is the con­
centration of the gas molecules per cm 3, and Cs is the 
concentration of bare sites per cm2 of the surface. For 
an ideal gas P = CgkT so that

A =  Cs(P/h) exp(AS*/R) (5)

If AS^ remains constant, which is likely because of 
the constancy of E for each system,8'13 then the decrease 
in A at constant P would be attributed to the Cs term. 
Since Ca =  nsf(X), where na is the total number of 
reacting sites per cm 2 of the surface and f(X) is the 
fraction of the sites which is available for reaction with 
AsH3, it would be possible to write

A = ns(P/h)f(X) exp(AS*/R) (6)

The linear relationship between log A and X  in Figure 
3 suggests that

A =  A 0 exp( — aX) (7)

where A0 is the value of A at X  =  0 and a is a con­
stant independent of temperature. Since the terms n „ 
P, and A-S* are constants, then by comparing eq 6 
with 7 it would be concluded that

f(X) =  e x p ( -a X ) (8)

A0 = ns(P/h) exp(AS*/R) 19)

The reactivity toward AsH3 of the different metals 
having the same value of E can be deduced by compar­
ing (i) the values of A (or log A) at the same value of X  
and (ii) the extent of the decrease in A with increasing 
X, that is, by comparing the slopes of the log A vs. X  
plots of Figure 3. Since E is the same for both Ni and 
Fe films (Table V ), it would be, therefore, reasonable to 
assign higher reactivity toward AsH3 to the former metal 
because of the greater A values on one hand, and due to 
the less decrease of A values with increasing X  on the 
other hand. Also the values of E for both W  and Pd 
films were almost the same (Table Y) and for the same 
previous reasons W  may be considered more reactive 
than Pd particularly at X  >  2.0. Pd seems, from 
Figure 3, to be more active than W  at some values of X, 
but such activity, nevertheless, is compensated by the 
sharp drop of A to very low values over a small decrease 
in X  (Figure 3).

Reactivity of the Oxidized Films. The effect of surface 
oxide on subsequent AsH3 uptake, as indicated in Figure 
3, seems to differ as in the following ways.

(1) A  decrease in activity toward AsH3 was ob­
served due to the oxidation of Ni and W  films; the 
values of A at the same value of X  were in general lower 
on oxidized Ni and W  films than on the corresponding 
clean films, and also, the inclination of the plot (log A 
against X) of Figure 3 for oxidized films was sharper 
than for clean surfaces. On oxidized W  in particular, 
the reaction of AsH3 proceeded to a much less extent as 
compared with either clean W  or with the other oxidized 
films. This comparison ignored the slightly lower 
values of E  on oxidized than on clean films (Table V ) .

(2) The reactivity of Fe, and to a less extent of Pd, 
increased considerably toward AsH3 on preoxidation; 
this is substantiated by the comparatively higher values 
of A, even at X  >  5.0, and the smaller decrease of these 
values with increasing X  on oxidized than on clean Fe 
and Pd films.

The presence of an oxide layer on a metal probably

(11) M. H. Dilke, D. D. Eley, and E. B. Maxted, Nature {London), 
161, 804 (1948).
(12) S. Glasstone, K. J. Laidler, and H. Eyring, “ The Theory of 
Rate Processes,” McGraw-Hill, New York, N. Y., 1941.
(13) C. Kemball, Proc. Roy. Soc., Ser. A, 217, 376 (1953).
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alters the potential energy barrier to the outward diffu­
sion of the metal atoms; on oxidized Fe and Pd the 
barrier is likely to be lowered and thus increasing the 
concentration of the reacting sites on the surface. If 
we assume that 0.4 nm of oxide is equivalent to one 
oxide layer (X  =  1), then the thickness of the oxide 
phase in any case did not exceed 3.0 nm. Up to an 
oxide thickness of ~ 4 .0  nm, the presence of the super­
imposed electric field was assumed14 to have a marked 
influence on the observed kinetics of the tarnishing 
reaction on metals.

Behavior of the “Two-Metal” Film. A  solid solution or 
an alloy, with a superlattice structure, may be formed15,18 
on a slow cooling or anealing at low temperatures of two 
metals together. The tendency to form such structures 
increases with increasing difference in the atomic diam­
eter.15-18 In the present work, each of the binary 
systems (Pd-Pd and Pd-N i) was exposed to the follow­
ing heat effects: (i) the heat of condensation of Pb on
Pd (or Ni), (ii) the effect of sintering of the two-metal 
film, and (iii) the gradual heating of the film during the 
experiment with AsHs. These factors may enhance 
the mobility of the metal atoms and consequently facili­
tate the diffusion of Pd (or Ni) atoms into Pb lattice 
resulting in the formation of a solid solution or an alloy. 
Since the difference in the atomic diameter between Pb 
(r =  0.175 nm) and Ni (r =  0.124 nm) is greater than

the difference between Pb and Pd (r =  0.134 nm), we 
would expect a more stable solid solution or alloy to be 
formed by the system P b-N i than from Pb-Pd. The 
surface potential of the chemisorbed gas (AsH3) may 
lower the potential energy barrier to the outward move­
ment of Pd (or Ni) atoms through the Pb lattice.19 
Such an outward diffusion of metal atoms is likely to be 
greater in the less stable system, that is, Pb-Pd. This 
may account for the increased reactivity of the latter 
system toward AsHs. The introduction of a metal into 
another metal disturbs the ease with which the electron 
and the defect can migrate through the solid. The 
lattice spacing in an alloy almost invariably lies between 
the values of the two component metals. There are 
also important changes in magnetic properties associated 
with the filling of the d band. These and other factors 
probably operate together to form the characteristic 
properties of a solid solution or an alloy.

(14) M. W. Roberts, Quart. Rev., Chem. Soc., 16, 71 (1962).
(15) W. Hume-Rothery and H. M. Powell, Z. Kristallogr., 91, 23 
(1935).
(16) H. Lipson, Progr. Metal Phys., 2, 1 (1950).
(17) G. C. Bond, “ Catalysis by Metals,” Academic Press, New 
York, N. Y „  1962, pp 24-28 and 484^187.
(18) Y. M. Dadiza and J. M. Saleh, J Chem. Soc., Faraday Trans. 1, 
68, 1513 (1972).
(19) N. Cabrera and N. F. Mott, Rep. Progr. Phys., 12, 163 (1948)
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The esr spectra obtained during radiolysis of acid solutions of di- and trimethylamine are shown to be due to 
the radicals (CH3)2NH- + and (CH3)3N- + formed by OH attack on the respective ammonium ions. The 
parameters which give the minimum rms error between observed and calculated positions are the following: for 
(CH3)2NH- +, aN = 19.23 G,aNHH = 21.96 G,a0H!H = 33.61 G.andp = 2.00354 and for (CH3)3N -+, aN = 20.55 
G, a0H3H = 28.56 G, and g =  2.00357. The radical (CH3)2NH- + and its conjugate base (CH3)2N- were also 
produced by the reaction of eaq~ with (CH3)2NC1. The pA for the dissociation of (CH3)2NH • + is estimated to 
be 6.5-7.5.

A previous paper2 reported esr spectra obtained 
during the steady-state radiolysis of acid solutions of 
di- and trimethylamine. However, problems were en­
countered in attempting to assign the observed spectra 
to radicals resulting directly from reaction of H and 
OH with the solutes. As a result the observed spectra

were attributed to radicals arising in secondary pro­
cesses. The assignments given did not seem wholly 
satisfactory on a chemical basis and the need for fur-

(1) Supported in part by the U. S. Atomic Energy Commission.
(2) P. Neta and R. W. Fessenden, J. Phys. Chem., 75, 738 (1971).
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ther study was suggested. The results of that study 
are reported here.

The approach to be used in this reinvestigation was 
suggested by a recent photolysis study by Danen and 
Rickard.* 3 They report esr spectra of dialkylaminium 
radicals as formed by photolysis of dialkyl iV-chloro- 
amines and provide an unambiguous assignment of the 
spectrum of (CH 3)2NH • +. Their parameters (aN =  
19.28 G, aNHH =  22.73 G, acm11 =  34.27 G and g =  
2.0036) are essentially the same as found by us for the 
radical in irradiated solutions of dimethylammonium 
ion2 suggesting rather strongly that the same radical is 
responsible for the two spectra. Our previous assign­
ment,2 now known to be incorrect, was to an aminium 
radical with only four equivalent protons. This mis- 
assignment is clearly the result of having insufficient 
signal-to-noise ratio to detect the unit-intensity lines at 
both the extremes of the spectrum and in the second- 
order structures.4 The results reported here further 
substantiate this suggestion and show that a similar 
problem was encountered with trimethylammonium ion.

The improved signal-to-noise ratio, which made pos­
sible the detection of those lines missed previously, 
was largely the result of a recent improvement in mag­
netic field homogeneity through a new cavity design.5 
Experiments were carried out as described previously2 
with ~ 0 .5  M  solutions of amine in HC104 at pH 1. 
Experiments with dimethylammonium ion were also 
carried out at pH values of 3 and 6 in the presence of 
N 20 . Essentially the same spectrum was found at 
pH 3 as at pH 1 while no lines were found at pH 6. In 
addition to the studies of di- and trimethylammonium 
ions reported below monomethylammonium ion was 
also reinvestigated but (as found before) no radicals 
could be detected at pH 1.

The spectrum found with dimethylammonium ion 
consists of six septets with line positions and second- 
order structure appropriate to the radical (CH3)2NH • +. 
The six isolated unit-intensity lines at each end of the 
spectrum and many of the second-order groups were 
recorded and parameters fit by the computer program 
e x c a l i e s .6 The spectral parameters obtained in the 
present work for (CH3)2N H - + are given in Table I 
along with those of Danen and Rickard.3 The two 
sets of parameters are in satisfactory agreement al­
though the values of aNHH and och3h differ in each case 
by about 0.7 G. We attribute this difference to the 
effect of the solvent (H20  vs. 90%  H 2SO4). In the case 
of trimethylammonium ion the spectrum consists 
of three decets for nine equivalent protons as appro­
priate to the radical (CH3)3N • +. Again it was possible 
to detect the six unit-intensity lines at each end of the 
spectrum as well as those in the second-order groups. 
The parameters obtained from the computer calcula­
tion are given in Table I together with those of Tench7 
for (CH3)3N  • + in the solid. The hyperfine constants 
in the solid are each 2 G lower than those reported here

Table I : Esr Parameters of Di- and 
Trimethylaminium Radicals

---------- (CH3)iN
,-------------(CHj)2NH + Tench“

Present Danen and Present (solid
work“ ’6 Rickardc work“ -d phase)

g factor 2.00354 2.0036 2.00357
a N 19.23 19.28 20 . 55 18.0
O n h h ( — )21.96 22.73
U c h ¡ h 33.61 34.27 28.56 26.7

“ The irradiated solutions contained 0.3-0.5 M  of the amine 
at pH 1 or 3 and were saturated with N20. The hyperfine con­
stants are given in Gauss and are accurate to ±0.03 G. The g 
factors are measured relative to the peak from the silica cell and 
are accurate to ±0.00003. 6 Parameters were calculated using
53 lines. The rms error between observed and calculated spectra 
was 0.02 G. The maximum change in line position upon chang­
ing onhh from — to -f is less than the rms error so the sign 
cannot be determined. c Reference 3. d Parameters were calcu­
lated using 65 lines. The rms error was 0.02 G. '  Reference 7.

for aqueous solution.
The formation of aminium radicals can be written as

(CH 3)2NH2+ +  OH — > (CH ,)2N H- + +  H20  (1)

and regarded as either an oxidation by electron transfer 
or H abstraction from the N H  position. The fact that 
the spectrum observed at pH 3 in the presence of N 20  
(G(OH) =  5.6) was more intense than that at pH 1 
(G(OH) =  2.8, (7(H) =  3.6) shows that OH is the 
main contributor to the radical formation under these 
experimental conditions. The rate for this reaction 
can be estimated from the fact that 3 mM  ¿erf-butyl 
alcohol caused ~ 5 0 %  drop in the signal of (CH 3)2NH • + 
with 0.5 M  (CH3)2N H 2+. The rate constant for reac­
tion 1 so obtained is ^ lO 6 M ~x sec-1 . Because the 
overall rate constant for reaction of OH with these 
amines is ^ lO 7 M ~l sec-1 in acid solution8 a major 
fraction of the OH must react by another path. This 
path has been shown by both the product analysis9 * and 
esr spectra2 to be the abstraction of hydrogen from 
methyl groups to form carbon-centered radicals. In 
acid solutions the esr spectra of these carbon-centered 
radicals are not evident, apparently as a result of line 
broadening by exchange of the ammonium protons.

(3) W . C. Danen and R. C. Rickard, J. Amer. Chem. Soc., 94, 3254 
(1972).
(4) Even with this misassignment the parameters obtained by us2 
are accurate because the positions of the observed lines in the second- 
order groups are the same with either four or six equivalent protons.
(5) D. Behar and R. W. Fessenden, J. Phys. Chem., 76, 1710 (1972).
(6) R. W. Fessenden, J. Magn. Resonance, 1, 277 (1969).
(7) A. J. Tench, J. Chem. Phys., 38, 593 (1963).
(8) N. Getoff and F. Schworer, Int. J. Radiat. Phys. Chem., 3, 429 
(1971).
(9) See the review by W. M. Garrison in “ Current Topics in Radi­
ation Research,” M. Ebert and A. Howard, Ed., North-Holland
Publishing Co., Amsterdam, 1968, p 43.
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The large total signal intensity of the aminium radicals* 10 
together with only partial conversion of OH imply that 
the disappearance rate constants for these species are 
relatively low.

Although strong signals of (CH3)2NH • + were found 
at pH 3 in experiments with (CH3)2N H 2+ no signals 
were found at pH 6. This result was interpreted as 
the effect of the dissociation

(CH3)2NH+ (CH 3)2N- +  H+ (2)

and consequent line broadening. To investigate this 
dissociation further a source of radicals applicable over 
a wider range of pH was necessary. Following pre­
liminary experiments with a sample of iV-chlorodiiso- 
propylamine11 it was found that the reaction

eaq-  +  (CH3)2NC1 — (CH3)2N-  +  C l-  (3)

is a source of (CH3)2N • (or of its conjugate acid (CH3)2- 
N H -+ ). Experiments with (CH3)2NC112 at pH 4.0 
and 4.3 showed essentially the same signal intensity 
from (CH3)2NH- + while at pH 5.2 the lines were much 
weaker. No lines at all were detected at pH 7.2 and
8.0 but at pH 8.7 lines attributable to (CH3)2N- were 
found. Somewhat higher intensities of this latter 
species were found at pH 9-11. The parameters found 
for (CH3)2N • are shown in Table II together with those 
reported by Danen and Kensler.13 It should be noted 
that this radical was not found in a previous study2 
with dimethylamine solutions although its formation 
was expected.

The absence of lines in the region 5.2 <  pH <  8.7 is 
taken to mean that proton exchange (net result reaction 
2) causes line broadening and that the pK  of (CH3)2- 
NH- + is 6.5-7.-5. The exchange cannot involve H + 
or OH-  directly because of the near neutral conditions. 
Several solutes such as the ~ m l  phosphate buffer and

Esr Spectra of D i- and Trimethyla minium Radicals 2859

Table II: Esr Parameters of (CHhhN-

Present Danen,
work“ et a l . b

g factor 2.00440 2.0044
oN 15.65 14.78
acm11 28.48 27.36

° The irradiated solution contained '~10-3 M (CEhhNCl at 
pH 10.0 and was deoxygenated by bubbling with pure nitrogen. 
The hyperfine constants are given in Gauss and are accurate to 
±0.03 G. The g factor is measured relative to the peak from 
the silica cell and is accurate to ±0.00003. Second-order cor­
rections have been made. The unit-intensity lines both at the 
ends of the spectrum and in the second-order patterns were too 
weak to be observed. b References 3 and 13. The radical was 
prepared by photolysis of the corresponding tetrazene in cyclo­
propane solution at —90°.

the (CH3)2NC1 are, however, present at sufficient con­
centration to mediate the exchange. A more quanti­
tative study of the pK  and of the exchange is precluded 
by the weakness of the spectra of the two forms of the 
radical when produced in this way.
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(10) The unit-intensity lines represent V 3 8 1 and V 1536 of the total 
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(13) W. C. Danen and T. T. Kensler, J. Amer. Chem. Soc., 92, 5235 
(1970).

The Journal of Physical Chemistry, Vol. 76, No. 20, 1972



2860 E. F. Vansant and J. H. Lunsford

Electron Paramagnetic Resonance Study of Copper (II)-Ammonia 

Complexes in Y-Type Zeolites

by E. F. Vansant1 and J. H. Lunsford*
Department of Chemistry, Texas A & M University, College Station, Texas 77843 (Received February 28, 1972)

Publication costs assisted by the National Science Foundation

The epr spectra of some cupric ammonia, monomethylamine, and monoethylamine complexes in various ion- 
exchanged Y zeolites were studied. Particular attention was given to the influence of the adsorption and 
desorption temperature on the symmetry and composition of the copper(II)-amine complexes. Ammonia 
adsorption in Cu(II)Y zeolites at different temperatures resulted in the formation of a complex having a 
square planar symmetry with four ammonia molecules per Cu2+ ion. Desorption of the amines produced 
spectral changes corresponding to the transition from a square planar to a distorted tetrahedral symmetry 
with one amine per Cu2+ ion. Complete removal of the amine from the complex resulted in the formation 
of nonlinear pairs of Cu2+ ions in the sodalite cages.

Introduction
Complexes of the copper(II) cations in zeolite crys­

tals have been the subject of a number of electron para­
magnetic resonance (epr) studies.2-6 Small concen­
trations of Cu2+ yield a characteristic hyperfine spec­
trum, which may be correlated to a crystallographic 
coordination in the lattice framework. The hyperfine 
structure is sensitive to the symmetry and bonding 
character of the Cu2+ ions to their ligands. Nicula, 
et al.,2* Richardson,2b and Naccache and Ben Taarit3 
reported that the dehydration process of the copper- 
containing zeolites results in a transition from a dis­
torted octahedral to a square planar symmetry for the 
Cu2+ ions. Moreover, Richardson2b observed that the 
relative energy of the àxi-vi levels increased with in­
creasing polarizing power, e/r, of the neighboring cat­
ions. The spectrum also indicated a fully ionic bond 
between the copper(II) ions and the surrounding lattice 
oxygens. For ammoniated and hydrated C u(II)N aY  
zeolites, Naccache, et al.,3 and Nicula, et al.,2* pointed 
out that the Cu2+-ligand bond had considerable cova­
lent character, and they suggested a hexacoordinated 
copper(II) complex in the large cavities.

The purpose of this epr study was to examine the 
copper-ammonia complexes that were formed in Y  
zeolites under various adsorption and desorption condi­
tions. Complexes with monomethylamine and mono­
ethylamine were also investigated to determine the 
influence of the size of the ligand.

Experimental Section
The copper(II) zeolites were prepared by treating 

Linde type Y  zeolites (NaY Lot No. 13544-76) with 
aqueous 1 to 5 mixtures of Cu2+ and Na+, Ba2+, Ca2+, 
or M g2+ salts. After the exchange, the zeolite samples 
were washed several times with distilled water to re­

move the excess salts and dried at 100°. After an 
oxygen pretreatment the zeolite samples were then 
evacuated stepwise from room temperature to 500° 
under a vacuum of 10-5 Torr. The analyses of the 
Cu(II)N aY, C u(II)M gY, Cu(II)CaY, and C u(II)B aY  
zeolites indicated 3.5, 10.1, 5.1, and 3 Cu24 ions per 
unit cell, respectively.

The adsorption and desorption of ammonia on the 
copper(Il)Y  zeolites were carried out at different tem­
peratures in a vacuum system. The 14N H 3, 15N H 3 en­
riched to 95%  N-15, CH3N H 2, and C2H5N H 2 were ob­
tained from commercial sources and were used without 
further purification.

The epr measurements were made with a Varian 
spectrometer (Model V4502). The instrument was 
operated either at about 9.3 GHz (X  band) or at 35 GHz 
(Q band). The g values were determined by using a
2,2-diphenyl-l-picrvlhydrazyl {g =  2.0036) standard. 
The sample tubes were usually filled with zeolite 
powder to a height greater than that of the T E i02 
mode microwave cavity. All of the epr measure­
ments were made at room temperature and at —196°.

Results and Discussion
A. Paramagnetic Properties of the Copper(II) Ions 

in Various Ion-Exchanged Y Zeolites. The relative 
simplicity of the epr spectra of copper(II) ions and 
their complexes makes them ideal species to study in

(1) On leave from the Laboratorium voor Oppervlaktescheikunde, 
Heverlee, Belgium.
(2) (a) A. Nicula, D. Stamires, and J. Turkevich, J. Chem. Phys., 
42, 3684 (1965); (b) J. T. Richardson, / .  Catal., 9, 178 (1967).
(3) C. Naccache and Y. Ben Taarit, Chem. Phys. Lett., 11, 11 (1971).
(4) D. Mikheikin, V. A. Shvets, and V. B. Kazanskii, Kinet. Ratal., 
29, 1395 (1968).
(5) C. C. Chao and J. H. Lunsford, J. Chem. Phys., in press.
(6) H. B. Slot and J. L. Verbeek, J. Catal., 12, 216 (1968).
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Table I: Magnetic Parameters“ '6 of Copper(II) Ions in Y Zeolites

Temp,
Sample °C 0|!<I)C 0||(!) A i (I) A i ‘2’ »X A l

±0.005 ±0,005 ± 2 ± 2 ±0.005 ± 2
Cu(II)NaY RTd 2.32 2.27 150 130 2.063 20

-196 2.32 2.26 154 130 2.062 20
Cu(II)BaY RT 2.33 2.248 150 131 2.061 20

-196 2.32 2.248 153 132 2.062 20
Cu(II)CaY RT 2.33 135 2.058

-196 2.34 135 2.056 20
Cu(II)MgY RT 2.34 136 2.051

-196 2.34 136 2.052 20

a A || and A± are in Gauss. b g± computed from 1 /gL = 1 /gm -  0.342(l/</m -  1 /gc), where grm is the g value at the high-field mini­
mum and <7C is the g value taken where the spectrum crosses the baseline.8 c Superscripts refer to a particular spectrum. d RT denotes 
room temperature.

A B C D
dz2 \  E2g T2g /' ”  yZ

a*2-»2 -------- \  / '  ‘--------V
-------- V_____ /  \ _____/ --------a-2

dx, --------T2g E2g ''-------  d<2. ,2

Figure 1. The scheme of the splitting of the energy levels for a 
3df hole: A, tetrahedral symmetry with tetragonal elongation;
B, tetrahedral symmetry; C, octahedral symmetry; D, 
octahedral symmetry with tetragonal elongation or square 
planar symmetry.

zeolites. The free Cu2+ ion has an electron configura­
tion ls 22s22p63s23p63d8 giving rise to a 2D spectroscopic 
ground state, which splits in a crystal field. The 
scheme of the splitting of the energy levels of d9 ions 
for different types of symmetry is shown in Figure 1. 
The epr spectra of the copper(Il) ions in zeolite crystals 
may be generally described by the axially symmetrical 
spin Hamiltonian

36 =  /3[<7ii HaSz +  g±(HxSx +  HvSy)] +

A^ISz +  A X(IXSX +  IySy) ( 1 )

where z is the symmetry axis; H is the external mag­
netic field; S is the effective electron spin; g\; and g± 
are the spectroscopic splitting factors, parallel or per­
pendicular to the symmetry axis; I  is the nuclear spin; 
.An and A ± are the hyperfine constants; and ¡3 is the 
Bohr magneton. The principal values of the g and 
hyperfine tensors may be readily extracted from the 
poly crystalline spectra.2a

The epr spectra of dehydrated C u (II)Y  zeolites 
varied in appearance with the copper(II) concentration 
and the nature of the major compensating cations, but 
apart from the line width, no difference in paramagnetic 
parameters -was found in the spectra recorded at room 
temperature or at —196°. At room temperature the 
epr lines were rather broad. Kivelson, et al,,7 attributed 
the broad epr lines to rapid spin-lattice relaxation 
which results from modulated spin-orbit interactions. 
This relaxation rate is reduced at low temperatures.

The different paramagnetic parameters for the copper- 
i l l )  ions in various ion-exchanged Y  zeolites are sum­
marized in Table I.8

These parameters have been previously interpreted as 
evidence for the copper(II) ions existing in square 
planar or octahedral symmetry with tetragonal elonga­
tion.2 It is apparent from the work of Bleaney, et al.,Sa 
that one should also consider trigonal symmetry with 
tetragonal distortions as a possible coordination which 
would produce the observed magnetic parameters. 
The analyses of the C u(II)N aY  and C u(II)B aY  zeolites 
show two different g\\ values. Such spectra reflect the 
presence of Cu2+ ions in two different sites. Indeed, in 
an X -ray study of a dehydrated C u(II)N aY  zeolite, 
Gallezot, et al.,ib pointed out that the cation sites S7 and 
especially S7- in the small cavities were occupied by 
Cu2+ ions. Moreover, CO adsorption on the dehy­
drated C u(II)N aY  sample indicated that no Cu2+ ions 
are present in the large cavities. The paramagnetic 
parameters of C u(II)C aY  and C u(II)M gY  zeolites are 
fairly close to those obtained by Richardson2b and con­
firmed the influence of the major compensating cations 
on the splitting of the Cu2+ levels. In addition, these 
C u(II)C aY  and C u(II)M gY  samples produced spectra 
with epr lines attributed to a spin exchange phenomena. 
An epr study by Chao and Lunsford5 has shown that 
coupled Cu2+ ions are present in the sodalite cages of 
these samples.

B. Copper(II)-Ammonia Complexes. Several in­
vestigators10-12 have studied the ammonia-zeolite

(7) D. Kivelson and R. Neiman, J. Chem. Phys., 35, 149 (1961).
(8) J. W. Searl, R. C. Smith, and S. J. Wyard, Proc. Phys. Soc., 
London, Sect. A, 78, 1174 (1961).
(9) (a) B. Bleaney, K. D. Bowers, and R. S. Trenam, Proc. Roy. Soc., 
Ser. A, 228, 157 (1955); (b) P. Gallezot, Y. Ben Taarit, and B. 
Imelik, C. R. Acad. Sci., 272, 261 (1971).
(10) R. M. Barrer and R. M. Gibbons, Trans. Faraday Soc., 59, 
2569 (1963).
(11) P. A. Jacobs and J. B. Uytterhoeven, J. Catal., submitted for 
publication.
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equilibria. Barrer, et al.,w examined the adsorption of 
ammonia in various ion-exchanged X-type zeolites over 
a range of adsorption temperatures. They reported 
that the ammonia can enter both the sodalite cages and 
the supercages; however, the principal amount of the 
adsorbed ammonia must be situated in the large 
cavities. The amount varied from 4 to 1 NH3 molecule 
per cation.

Figure 2. Effect of the ammonia adsorption temperature on 
the epr spectra (recorded at —196°): A, C u (II)C a-14NH3 
complex formed at room temperature; B, C u (II)C a-14NH3 
complex formed at 100°; C, C u (II)C a-16NH3 complex formed 
at room temperature; D, C u (II)C a-16NH3 
complex formed at 100°.

The epr lines of ammoniated zeolite samples are very 
broad at room temperature but sharpen at —196°. The 
spectra of Cu(II)Ca-NH8 complexes are shown in 
Figure 2 . The magnetic parameters at —196° for the 
copper(II)-ammonia complexes in different ion-ex­
changed Y zeolites, formed at room temperature or at 
100°, are gu =  2.235 ±  0.005, g± = 2.035 ±  0.005, and 
A\ | = 175 ±  2 G. Comparing the g values of the de­
hydrated and ammoniated zeolite samples we may con­
clude that the symmetry of the Cu(II)-N H 3 complexes 
is also either square planar, octahedral with tetragonal 
elongation, or trigonal with tetragonal distortions.

The change in parameters during the adsorption of 
ammonia indicates that these ligands are coordinated 
with the copper(II) ions. The decrease of the g factors 
in the complexation process may result from two factors:
(1) the increase in the splitting between the ground and 
excited orbital levels of the Cu2+ ions or (2) the de­
crease of spin density in the Cu2+ ions as a result of a

delocalization of the unpaired electron by the NH3 
ligands.

The adsorption temperature of NH3, as shown in 
Figure 2, has no influence on the magnetic parameters; 
however, a small decrease of the Cu2+ epr signals occurs, 
which may be due to a reduction of Cu2+ into Cu1+. 
For the C u (II)-14NH3 complexes the high-magnetic 
field band was better resolved after adsorption at 100°. 
Nine hyperfine lines of nitrogen with a hyperfine split­
ting constant of 14 ±  2 G were observed. In order to 
determine the composition of the copper(II)-ammonia 
complexes similar experiments were carried out with 
15NH3. For the adsorption of 16NH3 at room tempera­
ture and at 100° (Figure 2) no difference in epr parame­
ters was observed; however, again the resolution in the 
high-field region was better at 100°. For both adsorp­
tion temperatures five hyperfine lines of 15N in the high- 
field region were detected.

The number of the hyperfine lines can be interpreted 
to mean that the unpaired electron is interacting with 
four equivalent nitrogen nuclei. One would expect 
2NI +  1 or 9 and 5 hyperfine lines for 14NH3 and 15NH3, 
respectively. Very similar spectra have been observed 
by Adato, et al.,u for planar bis(acetylacetonediox- 
imato)copper(II), a nitrogen chelate complex. The 
nitrogen hyperfine structure indicates that in the large 
cavities the Cu2+ ions are surrounded by four identical 
ammonia molecules in a square planar symmetry. This 
complex formation requires a migration of Cu2+ ions 
from the sodalite cages into the large cavities where they 
take positions which are favorable for the fourfold co­
ordination. The independency of the g values and 
hyperfine splitting constants with the coexchanged cat­
ions indicates that the ammonia molecules tend to 
stabilize the environment of the copper(II) ions and re­
move them from perturbations by the neighboring cat­
ions. From these observations one may conclude that 
upon adsorption of NH3 a redistribution of the ex­
changeable cations occurs which confirms the theory 
that a zeolite is a dynamic system.

Because the NH3 molecules are predominantly a 
bonding ligands, a strong delocalization of the unpaired 
electron may be expected. For the copper(II) com­
plexes in which the unpaired electron occupies the Big 
orbital, the density of the unpaired electron at the cen­
tral atom can be computed from7

a 2 =  0 r )  +  (<711 -  2) +  V tG/x -  2) +  0.04 (2)

where 1 — a2 measures the covalency associated with 
the bonding of the Cu2+ ions to the ligands and P = 
0.036 cm - 1 .7 Values of a2 = 1 or a 2 =  0.5 refer to a 
completely ionic and covalent bond, respectively. All

(12) J. E. Benson, K. Ushiba, and M. Boudart, J. Catal., 9 , 91
(1967).
(13) I. Adato, A. H. I. Ben Bassat, and S. Sarel, J . Phys. Chem., 75, 
3828 (1971).
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a 2 values are about 0.75 ±  0.02 for the different am- 
moniated copper(II)Y zoelites. This indicates a par­
tial delocalization of the unpaired electron to the ligand. 
The degree of delocalization is approximately the same 
for all of the ion-exchanged copper(II) zeolites; hence, 
it does not depend on the nature of the neighboring 
cations.

To calculate the density pn of the unpaired electron 
on the coordinating nitrogen atoms, the following 
equation may be used14

Pn  =  — a2 +  y/a2S)i (3)

where S is the overlapping integral, which is equal to 
0.093 for the Cu-N bond.7 Calculations with this 
formula show that pN was 0.086 ±  0.003. This means 
that the spin density at the nitrogen nuclei arises as a 
result of the delocalization of the unpaired electron into 
the sp3 orbital of the nitrogen.

Good agreement was found between the pn values 
calculated from eq 3 and from the experimental nitro­
gen hyperfine splitting constant. The total wave func­
tion for an sp3 hybridization of the nitrogen in ammonia 
can be expressed as

\p =  Cii/'s +  +  C 3^ Ps +  C.ii/'p, (4 )

wlfere Ci =  C2 =  C3 =  C4 =  W 5 with the normaliza­
tion condition Ci2 +  C22 +  C32 +  C42 =  1. Here i/'s,
\pPx, \pPll, and \pPz are the wave functions associated with 
the s, px, pj,, and p2 orbitals. The nitrogen hyperfine 
interaction is isotropic due to the equal probability of 
finding the electron in the px, py, or pz orbitals. From 
the theoretical separation between 14N-hyperfine lines16 
and the experimental 14N-hyperfine constant, a pn 
value of 0.089 was calculated.

In order to examine further the copper(II) complexes, 
adsorptions of monomethylamine (Me) and mono- 
ethylamine (Et) were carried out in Cu(II)NaY and 
Cu(II)CaY zeolite samples. Because of the size of the 
amines, copper(II) complexes are only possible in the 
large cavities. The magnetic parameters of these 
copper(II)-amine complexes at —196° are shown in 
Table II. In the low-field region two different Cu2+ 
centers were observed. In comparison with the g values 
of Table I we may assume that one Cu2+ spectrum is 
due to a Cu2+-amine complex and the other to the 
original Cu2+ ions. The g values of the copper(II)- 
amine complexes indicate an increasing influence of the 
major compensating cations with increasing size of the 
copper ligands. This indicates a larger perturbation of 
the copper environment from the neighboring cations 
through the intermediate lattice oxygens.2b Also the 
covalency of the Cu2+-ligand bond and the density of 
the unpaired electron on the nitrogen increase with in­
creasing ligand size. Therefore, the orbital overlap be­
tween the orbitals of the central copper(II) ion and the 
sp3 orbital of the nitrogen becomes more important. 
The second g factor, attributed to the original Cu2+

Figure 3. Effect of the desorption temperature on the 
C u (II)C a-l4NH 3 spectra (recorded at —196°): A, room 
temperature; B, 60°; C, 100°; D, 200°; E, 300°.

Figure 4. Epr spectra of a partially desorbed (100°) 
Cu(II)Ca-N H 3Y  zeolite: A, at X  band; B, at Q band.

ions, indicates that part of the Cu2+ ions do not react 
with the amines because of space requirement factors. 
These ions probably remain inside the sodalite cages.

C. Effect of Desorption on the CopperfJ/)-Ammonia 
Complexes in Y Zeolites. The different ammoniated 
zeolites were evacuated overnight at various tempera­
tures. Figures 3 and 4 show the effects of the desorp­
tion temperature on the Cu(II)CaY-NH 3 complexes.

(14) A. N. Zhitomurskii and K. I. Zamaraer, Zh. Fiz. Khim ., 10, 
435 (1969).
(15) A. Liberies, “Introduction to Theoretical Organic Chemistry,” 
Macmillan, New York, N. Y., 1968, pp 172, 173.
(16) H. Zeldes, G. T. Trammell, R. Livingston, and R. W. Holmberg, 
J. Chem. Phys., 32, 618 (1960).
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Table II: Magnetic Parameters of the Copper(II)-Monomethylamine and Copper (II )-Monoethylamine Complexes

Complex »11111 B||<» A ill)
±0 .0 05 ±0 .0 0 5 ± 2

C u(II)N a-M eY 2.235 2.33 167
Cu(II)Ca-M eY 2.23 167
C u(II)N a-EtY 2.229 2.328 170
C u(II)C a-E tY 2.22 170

A\\m on *>N

± 2 ±0 .0 05 ± 0 .0 2 ±0 .0 0 3
155 2.025 0.719 0.092

2.021 0.712 0.095
154 2.024 0.72 0.094

2.015 0.70 0.096

Table III: Influence of the Desorption Temperature on the Magnetic Parameters of Cu(II)Ca-Amine Complexes

Desorp­
tion temp,

Complex °C »llll>

± 0 . 0 0 5
Cu(II)Ca-N H 3 R T “ 2 . 2 3

60
100
200 2 . 3 3
300 2 . 3 3

Cu(II)Ca-M e 100

“ See footnote d, Table I.

A l (,) «11« A  i12’
± 2 ±0 .0 0 5 ± 2 ±0 .0 0 5
170 2.276 140

2.275 140 2.012
2.27 140 2.012

135 2.012
135

2.23 165 2.013

A,,») 0 X U' !> Ax u> 0X'!)

± 2 ±0 .0 05 ± 2 ±0 .0 0 5
2.035

141 2.035 2.24
141 2.049 20 2.24
141 2.051 20 2.24

2.052 20
140 (2.023) 2.25

Three important phenomena can be observed with in­
creasing desorption temperature: (1 ) reduction of
Cu2+ into Cu1+, (2) the change in symmetry of the 
Cu(II)-N H 3 complexes, and (3) the formation of 
coupled Cu2+ pairs.

(1) Reduction of Cu2+. The intensity of the epr
signals due to the different Cu2+ centers decreased 
significantly with the desorption of NH3. An intensity 
study of the epr adsorption lines of Cu(II)-H 20  and 
Cu(II)-N H 3 complexes as a function of the tempera­
ture, made by Kriierke, et al.,17 indicates a reduction of 
Cu2+ into Cu1+ at about 150° when ammonia is present. 
The decrease of the epr signals with desorption could 
be the result of two phenomena: (1) the reduction of
Cu2+ into Cu"!' or (2) formation of a pure tetrahedral 
complex which would result in a very short relaxation 
time. With increasing desorption temperature the 
reduction of the Cu2+ ions probably becomes more 
important.

(2) Change in Symmetry of the Cu(II)-NH3 Com­
plexes. The spectra of a Cu(II)Y zeolite following par­
tial desorption of the ammonia (Figures 3 and 4) illus­
trate that three different Cu(II) centers can be dis­
tinguished: (a) original copper(II) ions, (b) a dis­
torted octahedral Cu(II) complex, and (c) a distorted 
tetrahedral Cu(II)-N H 3 complex. The influence of the 
desorption temperature on the magnetic parameters is 
shown in Table III. The outgassing of ammoniated 
Cu(II)Y zeolites at room temperature created two 
copper(II) centers which are attributed to distorted 
octahedral Cu(II)-N H 3 complexes. Upon the partial 
desorption of NH3 an evolution in symmetry of the 
Cu(II)-N H 3 complex from a square planar symmetry

to octahedral symmetry with tetragonal elongation 
must be assumed.

At an elevated desorption temperature an inverted 
anisotropy was observed (g± >  g\\). The inversion of the 
anisotropy can be attributed to the formation of a tetrag- 
onally compressed octahedral or a tetragonally elon­
gated tetrahedral Cu(II)-N H 3 complex. The Q band 
spectrum of a partially desorbed Cu(II)Ca-NH 3 sam­
ple, shown in Figure 4, confirms the change in sym­
metry. The same behavior was found in the C u(II)- 
Me complex after a desorption at 100°. A similar in­
version of the Cu(II) spectrum upon desorption of 
ammonia has been reported by Naccache and Ben 
Taarit;3 however, they were unable to detect any hyper- 
fine structure. Spectroscopic investigations of Klier, 
et ah,18,19 indicated tetrahedrally coordinated C o(II)- 
NH3 complexes in partially ammoniated A-type zeolites. 
A similar situation was found for partially hydrated 
Ni(II) and Co(II) A zeolites. Therefore, we assign 
the spectrum to a distorted tetrahedrally coordinated 
ammonia complex which is present in the large cavities. 
As shown in Figure 5, the complex is formed by three 
0 4 lattice oxygens and one ammonia molecule.

Upon further increases in the desorption temperature 
(200-300°) the importance of the original Cu2+ center 
increases while the intensity of the tetrahedrally coordi­
nated Cu(II)-N H 3 complex decreases. At a desorption 
temperature of 300° only the original copper(II) centers

(17) U. Kriierke and P. Jung, Z. Phys. Chem. {Leipzig), 58, 53
(1968).
(18) K. Klier and M. Ralek, J. Phys. Chem. Solids, 29, 951 (1968).
(19) K. Klier, Proc. Int. Conf. Molec. Sieve Zeolites, Worchester, 2nd, 
782 (1970).
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Figure 5. Symmetry model of the Cu^-NH a complexes after 
partial desorption.

were observed. Adsorption isotherms of NH3 on 
Cu(II)NaY and NaY zeolites confirmed the changes in 
composition of the copper(II)-ammonia complexes. 
Table IV gives the variation in NH3 content with the 
desorption temperature.

Table IV : Variation of the NH3 Content in the Cu(II)NaY 
■Zeolite with the Desorption Temperature

Temp, NH3 molecules
°C perCu2+ion

RT« 1.5 ± 0 .3
100 1.1 ± 0 .3
200 0.4 ± 0 .3

0 See footnote d, Table I.

Generally we may conclude that the desorption of 
NH3 changes the Cu(II)-N H 3 complex from a square

planar to a distorted octahedral, and then to a distorted 
tetrahedral symmetry.

(3) Formation of Coupled Cu2+ Pairs. When am­
monia was evacuated from the Cu(II)Y zeolites, a 
strong tendency of interaction between Cu2+ ions was 
observed. Figure 4b shows a complete spectrum of a 
partially desorbed Cu(II)Ca-NH 3 Y  zeolite. The 
magnetic parameters at —196° for the spin exchange 
interaction are Am = 1, giso =  2.19 and Am = 2, g = 
4.22. The isotropic band at giso =  2.19 partially over­
laps the spectra of other copper(II) centers.

An extensive study of coupled Cu2+ ions was made 
by Chao and Lunsford5 in Cu(II)Y zeolites, coex­
changed with Ca2+ or Mg2+, and in Y zeolites with a 
high Cu2+ content. These authors found that the sym­
metry of the linkage between a pair of Cu2+ ions de­
pends on the Cu2+ concentration in the sodalite cages 
and the coexchanged cation. In the copper(II) zeolites 
following ammonia desorption the coupled Cu2+ ions 
form nonlinear pairs, which are probably linked to­
gether with an oxygen bridge in the sodalite cages. 
Chao and Lunsford5 pointed out that the Cu2+ ions in 
nonlinear coupled pairs are localized in the S7' sites. 
The absence of coupled Cu2+ ions at a desorption tem­
perature of 300° must be due to the strong reduction of 
the Cu2+ ions.
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Alkali metal hyperfine coupling constants (cm) for metal naphthalenides are measured in a number of sol­
vents and solvent mixtures. The variation of aLi in mixtures of tetrahydrofuran and alkane are quantita­
tively interpreted in terms of an equilibrium between ion pairs which differ in their outer solvation layers. 
Accordingly, rough correlations between a« and the solvent dielectric constant, D, are exemplified for Li 
and Na naphthalenides in a number of different solvents. A linear variation of cm with D~3, as is expected 
in case the solvent may be treated as a dielectric continuum, is shown to hold in some cases. A relationship 
between the hydrocarbon anion salts and the monomers observed in some alkali metal amine solutions is 
thereby inferred.

Introduction
The effect of solvent on alkali metal hyperfine cou­

pling constants in solutions of paramagnetic salts has 
been the subject of a number of investigations.1-13 
Studies on the effect of changing temperature have 
revealed a variety of behavior which indicates the 
complexity of the phenomenon. Alkali metal cou­
pling constants may increase, decrease, or stay con­
stant as temperature is increased. No clear picture 
has emerged as to what causes these changes, although 
an increase in coupling constant has been generally 
assumed to be associated with a change in structure of 
the ion pair such that the ions come closer together. 
The effect of lateral movement of the cation with re­
spect to the anion has been investigated theoretically 
and has been shown to correlate with anion structure 
in the case of substituted naphthalenes.12 However, 
the effect of changing solvent composition seems to be 
unpredictable. In some cases a change in solvent has 
a large effect on the metal hyperfine coupling constant, 
in other cases almost none.

In this paper we present determination of metal 
hyperfine coupling constants (hfc) in solutions of lith­
ium, sodium, rubidium, and cesium naphthalenides in 
a number of solvents and solvent mixtures, and examine 
the results in terms of a model in which variations of 
hfc are attributed to changes in solvation of the cation 
in the ion pair.

Experimental Section

Solvents were purified by predrying with Na wire or 
CaH2, followed by fractional distillation into a storage 
bulb with N a-K  alloy and anthracene. Details are 
given elsewhere.14 The alkanes, i.e., pentane, heptane, 
and decane from Fisher Scientific Co., were stored 
over N a-K  alloy. The mole fractions of the mixed 
solvents were determined by weighing the amounts of

each solvent. Esr spectra were obtained on a Strand 
Labs Model 602 B X-band spectrometer.

Results
Lithium hfc were measured for solutions of lithium 

naphthalenide in mixed solvents of THF plus pentane, 
heptane, and decane. The results of these measure­
ments are presented in Figure 1. Measurements for 
pure THF are given in Figure 2. The results for the 
different alkanes fall essentially all on the same curve. 
In each case at first, the metal coupling constant in­
creases slowly and linearly with increasing mole fraction 
of alkane ( X a ) up to about X a ~ 0.9. Beyond this 
point the coupling constant increases abruptly and 
more rapidly.

Sodium hfc were measured in solutions of sodium 
naphthalenide in THF-heptane mixtures. The results 
are presented in Figure 3. As for lithium, the hfc in­
creases slowly and linearly up to a heptane mole frac-

(1) N. M. Atherton and S. I. Weissman, J. Amer. Chem. Soc., 83, 
1330 (1961).
(2) H. Nishiguchi, Y. Nakai, K. Nakamura, I. Ishizu, Y. Deguchi, 
and H. Talaki, M ol. Phys., 9, 153 (1965); J. Chem. Phys., 40, 241 
(1964).
(3) A. H. Reddoch, ibid., 43, 225 (1965).
(4) E. DeBoer, Reel. Trav. Chim. Pays-Bas, 84, 609 (1965).
(5) Iwaizumi and T. Isobe, Bull. Chem. Soc. Jap., 37, 1651 (1964).
(6) P. B. Ayscough and P. F. Sargent, J. Chem. Soc. B, 900 (1966).
(7) N. Hirota and R. Kreilick, J. Amer. Chem. Soc., 88, 614 (1966).
(8) A. H. Crowley, N. Hirota, and R. Kreilick, J. Chem. Phys., 46, 
4815 (1967); N. Hirota, J. Phys. Chem., 71, 127 (1967).
(9) N. Hirota, J. Amer. Chem. Soc., 90, 3603 (1968).
(10) P. Graceffa and T. R. Tuttle, Jr., J. Chem. Phys., 50, 1908
(1969) .
(11) N. Hirota, R. Carraway, and W. Schook, J. Amer. Chem. Soc., 
90, 3611 (1968).
(12) I. B. Goldberg and J. R. Bolton, J. Phys. Chem., 74, 1965
(1970) .
(13) C. L. Dodson and A. H. Reddoch, J. Chem. Phys., 48, 3226 
(1968).
(14) J. C. Danner, Thesis, Brandeis University, 1966.
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Figure 1. Lithium splittings in lithium naphthalenide as a 
function of solvent composition: O, pentane as second solvent 
component; •, heptane; □, decane.

Figure 2. Metal splittings as a function of temperature for 
lithium and sodium naphthalenides : broken line, Na in THP 
(from ref 1); solid line, Na in THF (from ref 1 and 9); O,
Na in DM E; X , Li in THF.

Figure 4. Rubidium-87 splittings in rubidium naphthalenide 
in THF-heptane mixtures.

Figure 5. Metal splittings as a function of temperature for 
cesium and rubidium naphthalenides: •, Cs-TH F; O,
R b-T H F ; □, R b-D M E ; A, Rb-paraldehyde; V, Rb-TH P.
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Figure 3. Sodium splittings in sodium naphthalenide in 
THF-heptane mixtures.

tion of about 0.9. Unfortunately, we were unable to 
prepare stable solutions of sodium naphthalenide in 
solvents with a mole fraction of heptane greater than 
0.9. Our results for sodium naphthalenide dissolved 
in 1,2-dimethoxyethane (DME) are presented in Figure 
2 along with the results of other investigations1,9 in 
THF and tetrahydropyran (THP).

Rubidium-87 hfc were measured for rubidium naph­
thalenide dissolved in THF-heptane mixtures. The

Figure 6. Spectrum of cesium naphthalenide in THF in the 
presence of excess naphthalene.

results are given in Figure 4. Results for rubidium 
naphthalenide dissolved in THF, 1 ,2-dimethoxyethane, 
paraldehyde, and THP are presented together in Fig­
ure 5. Our results are in agreement with those of 
Dodson and Reddoch13 where there is overlap between 
the two studies.

Cesium hfc were measured for cesium naphthalenide 
in THF. These results are given in Figure 5. Because 
the cesium naphthalenide spectrum is so complicated 
we also measured the cesium hfc for a solution in which 
excess (~ 5  M) naphthalene was present. This solu­
tion yielded the simple eight-line spectrum shown in 
Figure 6 and gave essentially the same coupling con­
stant as was extracted from the complex spectrum of 
solutions without added naphthalene. The coupling 
constants obtained in THF solution are close to those 
obtained previously for cesium naphthalenide dissolved 
in DM E9,13 and 2-methyltetrahydrofuran8,9 (MTHF).

Discussion
The naphthalenide ion pairs with alkali metal ions
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may be divided roughly into two groups14 according to 
whether the metal hfc depends strongly on environ­
ment or not. The sodium and lithium ion pairs clearly 
belong to the first-mentioned group since their metal 
hfc vary strongly as temperature or solvent is changed, 
while the rubidium and cesium ion pairs belong to the 
second group. The temperature dependence of hfc 
has been accounted for on the basis of an equilibrium 
between two different ion pairs, one of which called a 
“ tight”  ion pair dominates at high temperatures and 
one of which called' a “ loose”  ion pair dominates at low 
temperatures.9 A change in solvent can also change 
this equilibrium and hence the metal hfc. In order to 
test whether the equilibrium-involved expulsion of 
solvent molecules from the complex we measured the 
Li hfc in mixtures of THF and alkanes. The coupling 
constant showed no specific dependence on which 
alkane was used as diluent, but varied as a function of 
solvent composition in the nonlinear manner shown in 
Figure 1. It was tempting to separate the dependence 
of the coupling constant on A t (mole fraction of THF) 
into two linear regions: (1) the gradual increase which
persists down to A T «  0.1 , and (2) the steep increase 
which takes place for A T <  0.1. However, since there 
was no obvious physical reason for performing this 
separation, we attempted and succeeded in fitting the 
data over the whole range of solvent composition to a 
single equilibrium expression. In order to account for 
this data consider the equilibrium15

IPi +  nk  IP, +  nT (1)

in which the two ion pairs are related through exchange 
of n THF (T) molecules for an equal number of alkane 
molecules (A). If the metal hfc au is assumed to be a 
weighted average of the values for the two different 
ion pairs

R m =  / i « i  +  /2U2 (2)

in which the subscripts refer to the two ion pairs of 
eq 1 and fi is the mole fraction of the total concentra­
tion of ion pair in form one. By combining the equi­
librium constant for reaction 1

= |IP8] IT]» =  f2 
[IPi] [A]” f x (3)

where R is the mole ratio of THF to alkane, with eq 2 
we obtain

1 1 (  Rn
aM — ai a, — ai\ K

which is a useful expression for testing eq 1. According 
to eq 4 a proper choice of n should lead to a linear plot 
of 1 / (aM — ai) vs. R n. Logically ai may be chosen as 
the value of aM in pure THF. Unfortunately, this 
quantity could not be obtained accurately because the 
lines overlapped seriously so ax was left as an adjustable 
parameter. No linear fit could be obtained with n >

Figure 7. Fit of lithium data from Figure 1 to eq 4 with n = 
Vi and ai =  0.15 G.

1. Howrever, the excellent fit shown in Figure 7 wras 
obtained with n = x/ 2 and ax — 0.15 G. This value of 
«i was judged to be reasonable as we had estimated 
ai =  0.2 ±  0.05 G from direct measurement in the pure 
solvent. Also Dodson and Reddoch estimate ax ~  
0.18 G .13

The value of n = 1/2 leads to a problem of interpreting 
the chemical equilibrium wdiich may be written

2IPi +  A ^  2IP2 +  T (5)

If taken literally this equation contains an inconsistency, 
for if two molecules of an ion pair either expel or accept 
one molecule of solvent these ion pairs cannot be identi­
cal as represented. A correct chemical representation 
of these solutions probably involves a complex set of 
coupled equilibria which are nevertheless well repre­
sented simply by eq 5. Equation 5 is interpreted to 
mean that relatively little exchange of solvating solvent 
between THF and alkane takes place over a very large 
change in solvent composition. What little exchange 
does take place affects the Li coupling constant mark­
edly. The fit of eq 4 to the data gives a2 =  1.15 G 
and K  =  0.27, or AG° =  0.75 kcal/mol, a not unreason­
able value for the change in solvation represented. 
For example, if the total solvation energy of an ion pair 
in THF is about 100 kcal/mol, the change in solvation 
free energy between THF and alkane can be represented 
roughly in terms of the Born equation as 100(1/1) A — 
I / D t) ~  100(V ,  — V 7) =  36 kcal/mol. Z)A and D t  

are the static dielectric constants of alkane and THF, 
respectively.16'17 If there are about 20 molecules in-

(15) We also considered the equilibrium in which alkane molecules 
were excluded so that the mole ratio which appears in eq 4 is simply 
replaced by mole fraction of THF. This equation was explicitly 
tested for n = V2, 1, and 2 by plotting 1 /a — ai, vs. X t . None of 
these plots came close to being linear. From the trends observed 
it was also clear that no value of n > 2 or < l/% would lead to a 
reasonable fit of the data.
(16) Nat. Bur. Stand. (U. S.), Circ., 514, 16 (1951).
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volved in solvation then a change in half a molecule on 
the average should be accompanied by a change in free 
energy of about 1 kcal/mol as is in fact observed.

Insufficient data are available to tell precisely how 
changes in coupling constant are related to changes in 
solvation. However, it may be inferred that the 
change in solvation represented in eq 5 probably does 
not involve the primary layer of solvating solvent 
molecules because of the small free energy of reaction. 
The exchange of THE for alkane most probably in­
volves the outer solvation sheath. If this is the case, 
representation of the solvent as a continuous dielectric 
medium may provide quantitative insight into varia­
tions of csm which occur on changing temperature or 
solvent.

If such a model is applicable in explaining changes in 
aM, a correlation between ciu and dielectric constant D 
is to be expected. For lithium naphthalenides6,9 the 
correlation between an and D is unmistakable. The 
value of an increases either as temperature is increased 
or as nonpolar solvent is added to polar solvent. In 
both cases an increases as D decreases. A similar cor­
relation is apparent between aNa and D for sodium 
naphthalenides1,8,9,13 as shown in Figure 8. The value 
of ana increases regularly as D decreases for solutions in 
THF, M THF, TH P ,1 and ethyl ether.8 However, a 
clear exception to this correlation occurs for solutions 
in DME. Another exception occurs for p-dioxane 
solutions.1 Furthermore, the values of a^& in ethyl 
ether solutions appear to be larger even at the same 
value of D than for the other solutions. Discussion of 
these exceptions to the correlation will be deferred for 
the moment.

Because of these rough correlations, the model of 
solvent as continuous dielectric medium is examined 
further. Solution of the quantum mechanical prob­
lem of a unit point positive charge immersed in a di­
electric medium and interacting with an electron yields 
a set of hydrogenic orbitals for which the values of 
|^ns(0)!2 depend on (1 /D )3. Accordingly, we expect 
that an which result from unpaired electron in the 
valence orbital of the metal should vary linearly18 with 
(1 /D )3. In Figure 9, aNa is plotted vs. (1 /D )3 for 
sodium naphthalenide in THF, THP, MTHF, and 
methyl ether. The data for THP, MTHF, and THF 
at high temperature fall approximately on the straight 
line drawn in the figure. However, the data for ethyl 
ether and for THF at low temperature deviate from 
this line significantly. It is clear that all of the ob­
served variations of aNa may not be attributed to the 
effect of the solvent on the valence orbital of the metal. 
Nevertheless, some of the variations may, and these are 
identified by their adherence to the expectation of the 
continuum model, i.e., linear plot of aN vs. (1 /D )3.

This linear correlation may be written as

a,m =  a°M +  SD~3 (6)

------------- 1----------------- 1----------------- 1----------------- 1----------------- 1----------------- r
+

2.0- +
+

+
1.6 -

0.4 - 0

o
o l---------------1------------------- 1------------------- 1------------------- 1------------------- 1------------- -— i----------------- L

5 6 7 8 9 10 II
D

Figure 8. Correlation of sodium coupling constants with 
dielectric constant for solutions of sodium naphthalenide: •,
TH F; O, M TH F; X , TH P; + ,  ethyl ether; 0 ,  D M E.

Figure 9. Variation of am with D ~ 3 for sodium 
naphthalenides: •, TH F; O, M TH F; X , TH P;
+  , ethyl ether.

In terms of the model, S is interpreted as a measure of 
the amount of electron in the valence orbital of the 
metal, i.e., the amount of electron transfer from anion 
to cation. The intercept a°M represents a contribution 
to om from a different mechanism. A natural candidate 
for this second mechanism is polarization of the core 
electrons4 of the alkali metal ion by the unpaired elec­
tron of the nearby anion. The contribution to aM 
from core polarization, i.e., a°m, will be relatively in­
sensitive to changes in temperature and/or solvent as 
long as the relative positions of anion and cation re­
main constant. The straight line in Figure 9 is de­
fined by a°M = 0.76 G and S = 90 G. The deviation 
of the low-temperature data for sodium naphthalenide

(17) C. Carvajal, J. K. Toelle, J. Smid, and M. Szwarc, J. Am er. 
Chem. Soc., 87, 5548 (1965); R. B. Slates and M. Szwarc, J. P hys. 
Chern., 69, 4124 (1965); P. Chang, R. V. Slates, and M. Szwarc, 
ibid., 70, 3180 (1966).
(18) Even though the mixed solvent experiments helped suggest 
representing the solvent as a continuous dielectric, the quantitative 
results of the model may not be applied in the case of mixed solvents 
because of preferential solvation.
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in THF from the straight line presumably occurs be­
cause a°M becomes temperature dependent as a result 
of the relative positions of anion and cation changing. 
Alternatively, this deviation may be explained in terms 
of a temperature-dependent equilibrium between two 
species9 each of which has characteristic values of 
a°Na and S. The other deviations from the correlation,
i.e., DME, p-dioxane, and ethyl ether, are also inter­
preted as reflecting a solvent, or temperature depen­
dence of a°Na and/or S. For cesium naphthalenide 
the available data indicate that S ~  0 because ocs 
depends little on solvent or temperature (see Figure 5 
and ref 8, 9, and 13) and that a°Cs =  —1.1 ±  0.1 G .19 
The data for rubidium naphthalenide indicate S ~  0, 
as for cesium, because â b is practically independent 
of solvent even though large changes in D are involved 
(see Figures 4 and 5), but that a°Rb depends on temper­
ature, as does a°Na for sodium naphthalenide in THF.

Because more than one source of temperature and/or 
solvent dependence for <zm exists, it is important to be 
able to distinguish between the possibilities when a 
variable aM is observed. One criterion is to see if the 
data conform to the requirements of eq 6. However, 
this may not be a very severe test when, as often is the 
case, both coupling constant and dielectric constant 
data20 are available over a restricted range. Never­
theless, among the solutions of naphthalenide, bi- 
phenylide, and anthracenide1-3'6-11'13'14 studied, a 
number yield aM’s which satisfy eq 6. Others do not. 
For those solutions of sodium salts which do satisfy 
eq 6 values of S range from 60 to 100 G (see Table I).

Table I : Parameters of Eq 6 for Ion Pairs 
in Several Solvents“

Anion Solvent o°Na S

A Et20 1.9 67
B M THF -0 .2 4 94
B THP -0 .3 5 65
N M THF 0.76 90
N THP 0.76 90

“ A =  anthracenide; B =  biphenylide; N = naphthalenide. 
a°Na and S are in Gauss.

The value of S measures the total amount of electron 
transfer since it gives the contribution to aNa from the 
electron transfer mechanism when D =  1. This range 
of values for S may be interpreted to mean that be­
tween 20 and 30% of the electron is transferred from 
the anion to cation. This appears to be an unreason­
ably large percentage of electron transfer in view of 
the fact that the hydrocarbon proton splittings are 
nearly independent of cation, upon which the amount of 
electron transfer depends. Thus, serious doubt arises 
about the source of the temperature dependence of 
aM even when eq 6 is satisfied.

One possible explanation for these unreasonably 
large values for electron transfer is that the simple 
model which leads to eq 6 is inadequate. Clearly, the 
potential function from the continuum theory does not 
give a very good representation of the actual potential 
function near the ion, so that it is probably unrealistic 
to expect literal adherence of the data to the simple 
theory. On the other hand, the monomer species ob­
served in solutions of alkali metals in amines21 provide 
experimental tests of the model which can reveal in­
adequacies in an empirical manner. Plots of aM vs. 
(l/D)3 for K, Rb, and Cs dissolved in ethylamine reveal 
linear relationships as shown in Figure 10. For con­
venience, values of om are in units of the respective 
atomic hyperfine coupling constants22 which are 82.4 
G for 39K, 375 G for 87Rb, and 821 G for 133Cs. The 
values of o°m and S in these units are given in Table II. 
In spite of the linear variation of aM with (l/D)3 in 
these three cases, deviation from the simple model is 
apparent. Most significantly the value of S for all 
three metals is 25 to 30 times too large; i.e., extrapola­
tion to D — 1 gives values of au 25 to 30 times the 
value for the gas-phase atom. In each case a value of 
aM equal to that for the gas-phase atom is attained for 
D »  3. Clearly, a linear relationship between aM and 
(l/D)3 cannot persist to very low values of D. Ap-

Figure 10. Variation of aji with D ~z for metal solutions in 
ethylamine (aji is in units of the atomic splitting):22 
•, K ; O, Rb; +  , Cs.

(19) The sign of the cesium coupling constant is obtained from nmr 
experiments. See T. Takeshita and N. Hirota, Chem. Phys. Lett., 
4, 369 (1969); B. M. P. Hendriks, G. W. Canters, C. Corvaja, 
J. W. M. De Boer, and E. de Boer, M ol. Phys., 20, 193 (1971).
(20) Dielectric constant data were obtained from (a) ref 16, p 142; 
(b) C. Carvajal, K. J. Toile, J. Smid, and M. Szwarc, J. Am er. 
Chem. Soc., 87, 5548 (1965); (c) D. Nicholls, C. Sutphen, and M. 
Szwarc, J. Phys. Chem., 72, 1021 (1968).
(21) K. Bar-Eli and T. R. Tuttle, Jr., J. Chem. Phys., 40, 2508 
(1964); 44, 114 (1966).
(22) N. F. Ramsey, “Nuclear Moments,” Wiley, New York, N. Y., 
1953, pp 12, 89.
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Table II : Parameters for Eq 6 for Alkali 
Metals in Ethylaminea

Metal o°M S

K 0.015 0.27
Rb 0.025 0.26
Cs 0.048 0.29

° o°m and S are in units of atomic gas-phase hyperfine coupling 
constants.

preciable deviations from linearity may be expected for 
D <  3.

Returning to the ion pairs, we now estimate the 
amount of electron transfer by substituting D = 3 in­
stead of D =  1. This leads to values of the order of 
1%  for the total amount of electron transfer, a much

more reasonable value than the 30% previously esti­
mated. Values of a°Na and S are listed in Table I for 
some systems which adhere to eq 6. Unfortunately, 
insufficient data are available at present to pick out 
trends in these quantities which may correlate with 
solvent structure, hydrocarbon structure, or metal. 
However, the efficacy of the analysis presented here 
may be tested by studying variations in aM over wider 
ranges of D by varying both temperature and solvent. 
Obtaining results for a homologous series of solvents 
may be particularly useful in this respect because D 
may be changed a great deal without at the same time 
changing specific effects which relate to the molecular 
structure of the solvent.
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The observed line shapes of the 4H nuclear magnetic resonance spectra of neat borazole and of borazole in 
toluene-ds, dimethyl-d6 sulfoxide, chloroform-d, and cyclohexane-di2 solutions are dominated by broadening 
due to the electric quadrupole-dependent nuclear spin-lattice relaxation of nitrogen and boron. Comparisons 
of observed spectra for borazole with those calculated for varying values of the nitrogen and boron spin- 
lattice relaxation rates establish that a parameter /  =  [r(eg)2]B/[r(eg)2]N'characterizing the relative response 
of the boron and nitrogen nuclei to rotational diffusion (eq 3) is indistinguishable from unity ( /  =  1.0 ±  0.1) 
over a range of experimental conditions in these media. These observations are rationalized satisfactorily 
by eq 1 and provide empirical support for the usefulness of this equation in describing the influence of molecular 
motion on the rates of spin-lattice relaxation of quadrupolar nuclei. Spin-lattice relaxation of nitrogen is 
more rapid than that of boron in solutions containing the stable free radical di-ieri-butylnitroxyl, presumably 
due to weak specific interactions between the borazole molecule and the nitroxyl radical. Combination of 
spin-lattice relaxation times inferred from the *H spectra of borazole with an estimate of its mean rotational 
correlation time in solution leads to approximate values for the quadrupole coupling constants: (e2qQ/h) =
7.6 ±  2.9 M H z (10B ) ; 3.6 ±  1.3 M H z (llB ); 1.4 ±  0.5 M H z (14N).

Introduction
The determination of spin-lattice relaxation times 

for quadrupolar nuclei is a technique of increasing im­
portance in the study of molecular motions in solu­
tion.3-5 Interpretation of these relaxation time mea­
surements in terms of molecular motions rests on the 
assumption that relaxation is dominated by quadru­
polar interactions and that contributions from dipole- 
dipole, anisotropic shielding, and spin-rotation inter­
actions are unimportant. With this assumption,

-quations having the form of eq 1 are used to relate re- 

1 /  3 N/ 27 +  3 V e 2gQ\Y, , v2\
T ix .4 0 /\ /2(27 -  1 )A  ñ 1 +  j ) r x  (1)

axation times to molecular motion. Here Tix is the

(1) Acknowledgment is made to the donors of the Petroleum Research 
Fund, administered by the American Chemical Society (Grant No. 
4032), and to the National Institutes of Health (Grant No. GM- 
16020) for support of this research.
(2) A. D. Little Fellow, 1969-1970.
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spin-lattice relaxation time of nucleus X , I  is the nu­
clear spin of X , eQ is the electric quadrupole moment 
of the nucleus, eq =  dE/dz = d2F fbz2 =  Vzz is the 
principal component of the electric field gradient tensor 
at the nucleus, 77 =  [Vxx — Vvv\/Vzz is the asymmetry- 
parameter describing the deviation of the electric field 
gradient tensor from axial symmetry, and rx , at the 
simplest level of interpretation, is a mean correlation 
time characterizing the power spectrum of the electric 
field gradient fluctuations at the nucleus that are effec­
tive in inducing magnetic dipole transitions.6-7

The assumptions underlying this equation are un­
doubtedly tenable in the great majority of studies in 
solutions of normal viscosities, and the equation ap­
pears to have very generally applicable form. How­
ever, despite theoretical expansions of rx in terms of 
other microscopic parameters, particularly the com­
ponents of the rotational diffusion tensor,3 the physical 
interpretation to be placed on this correlation time re­
mains vague, depending significantly on the model 
chosen to generate the power spectrum of the electric 
field fluctuations resulting from molecular motion. 
In particular, the relative usefulness of inertial and 
diffusional models for molecular reorientation, and the 
interpretation of the “ microscopic”  viscosities com­
monly used in the diffusional treatments,4-8_1° are not 
clear. Further, although there is some agreement that 
for most nonionic molecules the major contributions to 
the field gradient fluctuations responsible for spin- 
lattice relaxation arise from the reorientation of the 
molecule containing the quadrupolar nucleus being ob­
served, rather than from motions of other molecules in 
solution,8 the influence of relatively weak intermolec- 
ular interactions on the relaxation behavior of quadru­
polar nuclei has not been thoroughly explored.

This paper describes measurements of the tempera­
ture, viscosity, and solvent dependence of the spin- 
lattice relaxation times of the nitrogen and boron atoms 
of borazole, obtained by examination of the 4H nmr 
line shapes of this substance. These measurements 
were intended to search for deviations of the experi­
mental relaxation times from the behavior expected 
from an equation having the form of eq 1 and to help 
to define, in an empirical sense, the sensitivity of 
quadrupole relaxation rates to the intermolecular and 
environmental effects that are presently impractical to 
include in theoretical discussion. Borazole was chosen 
for the subject of this study because the presence of two 
chemically distinct11 quadrupolar nuclei in a single 
rigid molecule of high symmetry provides an oppor­
tunity to circumvent some of the uncertainties inherent 
in eq 1 by focusing attention on comparison of the 
magnitudes of nitrogen and boron spin-lattice relaxa­
tion rates rather than on the absolute magnitudes of 
these rates. Thus, on the basis of eq 1, the spin-lattice 
relaxation times of, e.g., nB and UN should be related 
by eq 2.12 We assume at the outset that the term con-

T i , h N  _  /  4 \ / tubN /e 2 q Q u B  V / 3 d~ 7 ?2 u b \

7\,iiB \15/\thjh)  \e2qQuNJ \3 +  ij2mn/

taining the asymmetry parameters 77 in this equation 
can be neglected. The magnitudes of these terms are 
not known for borazoles; however, for most organic 
compounds 77 is sufficiently small that rj2 is less than 
0.1.12 Thus, in all probability, the contributions from 
77ub and 77hN could individually be safely neglected in 
eq 2 ; the error introduced by setting equal to unity the 
quotient that constitutes the last term in this equation 
is undoubtedly well within the final experimental un­
certainty in this work (~ ± 1 0 %  for the ratio T ,,, N/  
Tin B; vide infra). Thus, since the nuclear quadrupole 
moments Q are known quantities,13-14 eq 2 can be re­
written in more compact form (eq 3). It is not prac­

tical to make a reliable a priori estimate of the ratio 
(eçB/eçN)2; however, it is possible to estimate the ratio 
tb/ tm- The nitrogen and boron nuclei occupy sym­
metry-equivalent positions in the borazole skeleton.

(3) Review: W. T. Huntress, Jr., Advan. M agn. Resonance, 4, 2
(1970); J. Chem. Phys., 48, 3524 (1968); R. A. Dwek and R. E. 
Richards, Discuss. Faraday Soc., 43, 196 (1967); J. A. Pople, ibid., 
192 (1967).
(4) T. T. Bopp, J. Chem. Phys., 47, 3621 (1967); T. D. Alger and 
H. S. Gutowsky, ibid., 48, 4625 (1968); R. K. Harris and N. C. 
Pyper, M ol. Phys., 20, 467 (1971); and references in each.
(5) R. P. Hangland, L. Stryer, T. R. Stengle, and J. D. Balde- 
schwieler, Biochemistry, 6, 498 (1967); R. G. Bryant, J. Am er. 
Chem. Soc., 89, 2496 (1967); Ch. Brevard and J. M. Lehn, ibid., 92, 
4987 (1970).
(6) A. Abragam, “The Principles of Nuclear Magnetism,” Oxford 
University Press, London, 1961, Chapters VII and VIII; C. P. 
Slichter, “Principles of Magnetic Resonance,” Harper and Row, 
New York, N. Y., 1963, Chapters 5 and 6.
(7) H. S. Gutowsky, R. L. Void, and E. J. Wells, J. Chem. Phys., 
43, 4107 (1965), and references therein.
(8) E. W. Randall and D. Shaw, Spectrochim. Acta, Part A , 23, 
1235 (1966); D. W. Aksnes, S. M. Hutchinson, and K. J. Packer, 
M ol. Phys., 14, 301 (1968); M. Arnold and K. J. Packer, ibid., 10, 
141 (1966); C. Deverell, D. J. Frost, and R. E. Richards, ibid., 9, 
564 (1965).
(9) W. A. Steele, J. Chem. Phys., 38, 2404 (1963); P. S. Hubbard, 
ibid., 53, 985 (1970); S. G. Brush, Chem. Rev., 62, 513 (1962); 
A. Bondi, J. Amer. Chem. Soc., 88, 2131 (1966).
(10) D. E. Woessner, J. Chem. Phys., 40, 2341 (1964); K. T. Gillen 
and J. H. Noggle, ibid., 52, 4905 (1970); W. B. Moniz and H. S 
Gutowsky, ibid., 38, 1155 (1963); H. Shimizu, ibid., 40, 754 (1964)
(11) For a review of borazoles, see H. Steinberg and R. J. Brother- 
ton, “ Organoboron Chemistry,” Vol. II, Wiley, New York, N.Y., 
1966, pp. 174—434; O. T. Beachley, Jr.; J. Am er. Chem. Soc., 93 
5066 (1971), and references therein.
(12) For examples, see C. T. O’Konski, “Determination of Organic 
Structures by Physical Methods,” F. C. Nachod and W. D. Phillips, 
Ed., Academic Press, New York, N. Y., 1962, Chapter 11.
(13) The values of the nuclear quadrupole moments used in this 
paper are (in esu cm2) eQ(14N) = 1.56 X 10-26;14a cQ(10B) = 8.04 X 
10—26;14b eO(nB) = 3.86 X 10~26.14b
(14) (a) C. T. O’Konski and T. Ha, J. Chem. Phys., 49, 5354 (1968) ; 
see also C. C. Lin, Phys. Rev., 119, 1027 (1960); (b) H. Schaefer, 
R. Klemm, and F. Harris, ibid., 176, 49 (1968).
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In consequence, in the absence of association between 
borazole and other components of the solution, the 
diffusional motion of boron and nitrogen nuclei with 
respect to the external magnetic field should be identi­
cal. Thus, the ratio t b / t n , at the simplest level of 
interpretation, would be expected to be unity.

The technique used to determine relaxation times in 
this work yields simultaneous measurements on nitro­
gen and boron, two nuclei having magnetic dipole 
transitions at different frequencies |Vo(uN) =  4.33 
MHz, r0(nB) =  19.25 MHz at 14 kG], and charac­
terized by different chemical shift anisotropies and 
dipole-dipole interactions with other spins in the solu­
tion. Since comparison of the ratio of the relaxation 
times of these two nuclei should serve to reduce the 
importance of several possible types of experimental 
error, small contributions to relaxation rates from 
sources other than the fairly restricted set covered by 
eq 1 might be detectable in borazole that would be 
difficult to detect in other compounds. Thus, in 
particular, fluctuations in the magnitude of the param­
eter /  (eq 3b) on changing solution composition, vis­
cosity, or temperature should be attributable either to 
a failure of eq 1 , or to the influence of specific intermo- 
lecular association between solvent and the boron or 
nitrogen nuclei, since eq 1 clearly implies that /  should 
be invariant to the nature of the medium in the absence 
of inter molecular association effects.

The influence of quadrupole relaxation on the LH 
nmr spectrum of borazole and its analogs has been dis­
cussed previously.15

Results

The 4H nmr spectrum of a sample of neat borazole 
containing a small amount of benzene as an internal 
resolution standard at —8° consists of a triplet arising 
from protons bonded to 14N [J(JH, 14N) =  54 ±  2 Hz] 
centered at 8 5.47, superimposed on a quartet due to 
protons on ‘ ^ [ « / ( ‘H, nB) =  135 ±  3 Hz, 8 4.43]; the 
expected septet due to protons on 10B (~ 1 9 %  natural 
abundance) is obscured by the more intense UB-H  
resonances (Figure 1 ). Lowering the temperature of 
the sample to —72° results in partial collapse of the 
NH and BH signals to broad superimposed singlets. 
Although complete collapse cannot be observed in 
samples composed mainly of borazole because these 
samples freeze at ~  —55°, samples in dimethyl-d6 
sulfoxide (DMSO-de, 68%  v /v ) show two relatively 
sharp peaks at —62°. Samples of borazole in toluene- 
<h could be cooled to —80° before freezing; spectra at 
these low temperatures resemble those observed for 
68%  borazole in DMSO-c?6. The line widths charac­
teristic of all of these spectra were never sufficiently 
narrow to permit observation of 'H -N -B -IH , lH -B - 
HN, or 1H -N -nB spin-spin coupling, although partial 
decoupling indicated that two bond heteronuclear cou­
plings were not important: thus, the 4H nmr spectrum

Figure 1. *H nmr spectra at 60 M H z of (A ) borazole in 
DMSO-d6 (68%  v /v )  at —62°, (B ) borazole in toluene-d8 (33%  
v /v )  at —80°, (C ) borazole (neat) at —72°, and (D ) borazole 
(neat) at —8°. The sharp line at low field in each spectrum is 
the benzene used as an internal line width standard.

of neat borazole at 30° showed that no significant 
change in the shape of the lines comprising the H -14N 
triplet accompanied collapse of the H -11 B quartet on 
irradiation at the boron resonance frequency.

The difference in the appearance of the borazole 
spectra in neat samples and in toluene and DMSO solu­
tion are primarily a reflection of the differences in 
viscosities of these samples, rather than of sample tem­
peratures.16 The Gierer and Wirtz modification of the 
Stokes equation provides a fairly satisfactory empirical 
relation between the temperature and bulk viscosity of 
the sample, dimension of solvent and solute molecules, 
and the nmr rotational correlation times of the solute 
(eq 4).17 This equation contains the assumptions that

(15) H. Watanabi, T. Totani, and M. Ohtsuru, M ol. Phys., 14, 367
(1968). A recent paper by E. K. Mellon, B. M. Coker, and P. B. 
Dillon, Inorg. Chem., 11, 852 (1972), describes an investigation of 
the nmr spectrum of borazole closely related to that described in 
this article.
(16) See G. M. Whitesides and H. L. Mitchell, J. Am er. Chem. Soc., 
91, 2245 (1969), for a discussion of this point.
(17) A. Gierer and K. Wirtz, Z . Naturforsch. A , 8, 532 (1953); 
D. Herbison-Evans and R. E. Richards, M ol. Phys., 7, 515 (1964). 
See R. A. Assink, J. DeZwaan, and J. Jonas, J. Chem. P h ys., 56, 
4975 (1972), for a recent experimental investigation of certain of 
the assumptions underlying this treatment.
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one correlation time is sufficient to describe the rota­
tional behavior of the solute and that the difference 
between the macroscopic and “ microscopic”  viscosities 
can be taken into account by the “ microviscosity fac­
tor” of W 17

rsoluteTg (̂ solute) (Fsolute)  ̂ , ,
7"X — ------------  =  ----------------------------

6 ŝolvent 6&71(? solvent)

Here rsoiute and rsoivent are hard-sphere radii for solute 
and solvent molecules (cm), rs is the Stokes correlation 
time (sec), F s o i u te  is the hard-sphere “ volume”  of the 
solute, and 77 is the macroscopic solution viscosity 
(poise). On the basis of this equation, rx should de­
pend on both 77 and T; however, in practice, the change 
in sample viscosity 77 on changing temperature is nor­
mally much larger proportionately than the change in 
the reciprocal temperature; hence, the spectra of 
Figure 1 illustrate primarily the influence of solution 
viscosity on the spin-lattice relaxation rates of 1 'B and 
14N of borazole.

Relaxation rates for boron and nitrogen were ex­
tracted from the experimental spectra using a pro­
cedure outlined previously16 by treating the relaxation 
processes responsible for the collapse of the 14N77, 
nB77, and 10B77 multiplets separately as equivalent to 
chemical exchange between equally populated sites 
separated in frequency by m7Jx ,h, corresponding to 
the (27 -f- 1) substates of mr of a nucleus having spin 7. 
The appropriate transition rates between the m, sub­
states are given by eq 5-7 .18

kjn+l ,m

(2m ±  1)2(7 +  m ±  1)(7 T m) 
2T1X(2I -  1)(27 +  3)

k m  ,m ± 2  k 'm ± 2  ,m =

(7 =f m)(7 =f m -  1)(7 ±  m +  1)(7 ±  m +  2) 
2Tix(2I -  1) (27 +  3)

)  ' km,m'
m^m'

(5)

(6) 

(7)

With these equations, the calculation of the ampli­
tude of the proton signal at frequency oj for any values 
of Ti ,hN, Ti,nB, and Ti .iob is reduced to the solution 
of eq 8.

7(to) <x Re\ ((*/3)1 • [io>nN ~b R un 4~
( l / T ^ K ^ - ' - l )  +  ((1/ 4)0 .811-[ iu iiB  +  R ub +

( / / T W K h b ] - 1-!) +  ( ( V 7)0 .1 9 1 - [ iu .B  +  R » b  +

(8)
Here, e.g., (oi4N is a diagonal matrix whose elements are 
the values (wijJn ,h  — cuon — co); R « n  is a diagonal 
matrix whose elements describe the widths of the N77 
lines in the absence of quadrupole relaxation; and the 
matrix ( l /T i  »N)KuN contains the transition rate con­
stants obtained from eq 5-7, describing the transfer of

magnetization between the various N77 resonances 
under the influence of 14N relaxation.19 The influence 
of unresolved 'T/NB'Tf couplings on the ‘H line shapes 
was approximated by assuming a line width in the 
absence of relaxation that was uniformly 10 Hz broader 
than the observed width of the benzene internal resolu­
tion standard (typically 3 Hz in nonviscous solutions 
and 5 Hz in DMSO-d6 at —62°). The relative isotopic 
abundances of 14N, nB, and 10B (1.00:0.81:0.19) were 
taken into account by appropriate adjustment of in­
tensities. The multiplicative factor /  in eq 8 was used 
to adjust the fit of calculated to observed spectra inde­
pendently for N77 and Bf7 resonances; it can be inter­
preted as the deviation of the ratio of relaxation times 
at nB and 14N from the value calculated in eq 3 (eq 9).

/  T  l,i<N
\T l.iiB obsd

. / T i .hn

\ T  1.11B caled
1.64/ (9)

Calculated spectra were obtained from eq 8 using 
standard computer routines.19,20 Representative spec­
tra illustrating the dependence of the proton line 
shapes on the spin-lattice relaxation times are given in 
Figure 2; chemical shifts used in these calculations 
were obtained in neat borazole. Relaxation times 
characterizing the experimental spectra were obtained 
by visual fitting of spectra calculated by varying the 
boron and nitrogen relaxation times to these spectra; 
variations in chemical shifts and in the assumed proton 
T2 (as inferred from the benzene line width) with tem­
perature were taken into account.

By varying viscosity and/or temperature, the XH 
spectrum of borazole could be easily adjusted in a 
medium of interest to give spectra at any point between 
the limits in which NH and BH couplings were fully 
resolved or collapsed. For determinations of /  (eq 8 
and 9) it was found most convenient to compare cal­
culated and experimental spectra in the region in which 
the N77 and Bi7 resonances were single, broad lines. 
Comparisons were carried out by varying 7Y i<n to give 
the best fit between calculated and experimental shapes 
for the N77 line and then calculating several complete 
spectra for several values o f /  centered around /  =  1 .0. 
Three representative theoretical spectra are compared 
with the experimental spectrum of borazole in DMSO- 
(¿6 at —44° in Figure 3. In this instance, /  =  1.0 ap-

(18) Numerical values for these rate constants are given in eq 4.43 
(for I  = 1) and 4.44 (for I  = •/*) of ref 7, and /  = 3 in J. Bacon, 
R. J. Gillespie, J. S. Hartman, and U. R. K. Rao, M ol. Phys., 18, 
561 (1970). They will not be reproduced here. For discussions 
of the limitations of this computational procedure, see N. C. Pyper, 
ibid., 21, 977 (1971), and references therein.
(19) For reviews of techniques, see C. S. Johnson, Jr., Advan. M agn. 
Resonance, 1, 33 (1965).
(20) Calculations were carried out using a version of the program 
n m r c t l  {cf. J. K. Krieger, Ph.D. Thesis, Massachusetts Institute of 
Technology, Cambridge, Mass., 1971. Matrix inversions were car­
ried out using procedures based on the routine a l l m a t  (c f. G. Binsch, 
/ .  Amer. Chem. Soc., 91, 1304 (1969); R. E. Schirmer, J. H. Noggle, 
and D. F. Gaines, ibid., 91, 6240 (1969); R. G. Gordon and R. P. 
McGinnis, J. Chem. Phys., 49, 2455 (1968)).
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Figure 2. Calculated nmr line shapes for borazole as a 
function of a uniform relaxation time Ti°. The individual 
relaxation times are related to Ti° by the following expressions: 
7T ,»n =  7YV6.73; T i ,..b  =  2YY11.06; T i .iob =  7Y>/7.20.

Figure 3. Comparison of the observed spectrum of borazole in 
DMSO-dc (68% v /v )  at —44° with spectra calculated assuming 
the following values of /  (eq 7): /  =  1.0 (— ); /  = 1.1 (— ); 
and /  =  0.9 (• • • •). The single resonance downfield from the 
N H  line is benzene used as an internal line width standard.

Figure 4. Plot of y/T as a function of 1/T i ,hn for borazole in 
DMSCM6 (68% v /v )  (□ ); borazole in toluene-d8 (33% v /v )  (A); 
and borazole (neat) (O). Relaxation times for nB can be 
obtained from this plot using the relation I / T i .u b  =

1.64(1/7T,»n ).

pears to give better agreement between calculated and 
experimental line shapes than /  = 1.1 or /  =  0.90. 
The results of similar experiments in several other 
media are summarized in Table I.

Table I : Values of /  (Eq 8) for Borazole in Several Solvents

Solvent Temp,
(concn, v /v ) °C

Neat 1.0 ±  0.1 - 3 7
DMSO-ds (68%) 1.0 ±  0.1 - 4 4
CDCh (44%) 1.0 ±  0.1 25
Toluene-dg (33%) 1.0 ±  0.1 - 1 1
Cyelohexane-di2 (42%) 1.0 ±  0.1 25
CCU (60%) with added 0.17 ±  0.08 25

di-terf-butylnitroxyf“

“ The concentration of nitroxyl radical was ^ 5 % .

The significant conclusion to be drawn from these 
data is that /  =  1 in a variety of “ typical”  solvents 
within the limits of the experimental technique 
(~ ± 1 0 % ). Thus, these data provide support for the 
contention that eq 1 does provide a useful functional 
relationship between the molecular motions charac­

terized by rx and the spin-lattice relaxation time of a 
quadrupolar nucleus and that other factors not in­
cluded in eq 1 that might in principal contribute to Ti 
apparently are not experimentally significant.

The one medium in which there is a significant devia­
tion of /  from unity is one composed of ca. 60% borazole 
in CC14 containing the stable free radical di-fert-butyl- 
nitroxyl, in which the 14N is selectively relaxed.21 
Whether the selective relaxation of UN is due to a <j- 
complex formation between a boron atom of borazole 
and nitroxyl radical (1) or hydrogen bonding between 
a proton bound to nitrogen and nitroxyl (2), both of 
which could selectively place the 14N nuclei in close 
proximity to an unpaired electron, or to some other 
more complex mechanism, is not clear. However, it 
is pertinent to considerations of the utility of eq 1 that 
only a drastic change in medium ( i . e . ,  addition of a 
paramagnetic species to the solution containing bor­
azole) is capable of inducing an observable deviation 
o f /  from its expected value.22'23

(21) Increasing the concentration of di-ier<-butylnitroxyl broadens 
and collapses the NH  resonances more rapidly than the BH  reso­
nances. Since the solvent viscosity is not appreciably changed by 
addition of nitroxyl, the deviation of /  from unity thus appears to 
be due to a decrease in T i .n  rather than an increase in T i .b .
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The Gierer-Wirtz equation (eq 4) predicts a linear 
relation between 1/7Y,4N (and I /T ^ ub) and ri/T. 
This relation is only approximately obeyed by the re­
laxation time data obtained in this study (Figure 4): 
a plot of the reciprocal relaxation times vs. -q/T shows a 
significant curvature. This curvature has the sense 
that would be expected if reorientation of borazole 
around its C3 axis were faster than that around the Cj 
axes. However, the presently available data are not 
sufficient to distinguish between a failure of the approx­
imations underlying the Gierer-Wirtz equation17 and 
errors in the line shape analysis at the fast- or slow- 
exchange limits, due to neglect of spin-spin couplings, 
cross-relaxation effects, or other factors influencing 
line shapes.

Regardless, the observation that the relaxation data 
for borazole in toluene, DMSO, and borazole solutions 
fall approximately along a common curve provides 
support ■ for the assertion that specific interactions 
between borazole and typical diamagnetic solvent 
molecules do not strongly influence the relaxation 
behavior of the former.

Keeping in mind the failure of the relaxation data 
obtained in this study to obey eq 4 in detail, these data 
can nonetheless be used in conjunction with eq 4 to 
obtain crude estimates of the quadrupole coupling 
constants of nitrogen and boron in borazole. To
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evaluate the dimensional parameters contained in eq 4, 
borazole and toluene were assumed tô  be hard spheres: 
/borazole =  2.96 A and ttoluene = 3.09 A.24- 26 Inserting 
these values and the experimentally determined 
viscosity of a 33% (v /v) solution of borazole in toluene 
(1.07 cP at —39°) into eq 4, the correlation time for 
reorientation rx is estimated to be 5.7 X 10-12 sec;27 
this value, together with the experimental value for 
Tiun in toluene at —39° (=  5.5 X 10-3 sec), yields 
values for the quadrupole coupling constants: (e2qQ/
h) ^  3.6 ±  1.3 MHz (nB); 7.6 ±  2.9 MHz (10B); 
1.4 ±  0.5 MHz (14N ).28-31

Experimental Section
General. Nmr spectra were taken on Varian HA-100 

and A-60 spectrometers equipped with V-6040 variable- 
temperature controller. Calibration of the tempera­
ture control unit was accomplished by measuring peak 
separations in methanol or ethylene glycol samples. 
Viscosities of neat borazole as a function of temperature 
were taken from the literature;25 viscosities of borazole 
in toluene (33% v /v ) and borazole in DMSO (68% 
v /v ) were measured using a Cannon-Manning semi-

(22) Di-ieri-butylnitroxyl forms relatively stable complexes with a 
number of Lewis acids.23 Nucleophilic attack on borazole seems 
to involve the boron centers.11
(23) B. M. Hoffman and T. B. Eames, J. Amer. Chem. Soc., 91, 5170
(1969) ; W. Beck and K. Schmidther, Chem. Ber., 100, 3363 (1967); 
L. A. Krinitskays and S. Dobryakov, Bull. Acad. Sci. USSR, 3, 
558 (1966); B. M. Hoffman and T. B. Eames, J. Amer. Chem. Soc., 
91,2169 (1969).
(24) The density of borazole at —39° is 0.904 g/cm3;25 the density 
of toluene at —39° is 0.921 g/cm3.26 Hard sphere radii were calcu­
lated assuming a closest packing relation between the hard spheres 
and the molar volume = 0.74vm =  4irr3/3.
(25) L. B. Eddy, H. Smith, Jr., and R. R. Miller, J. Amer. Chem. 
Soc., 77, 2105 (1955).
(26) E. D. Washburn, Ed., “International Critical Tables,” Vol. Ill, 
McGraw-Hill, New York, N. Y., 1928, p 29.
(27) For comparison, values of rc of 1.3, 1.7, and 2.4 X 10 ~12 sec 
have been determined for benzene-d6 and benzene at ~30°: D. E. 
Woessner and B. S. Snowden, J. Chem. Phys., 52, 1621 (1970); 
T. E. Bull and J. Jonas, ibid., 52, 4553 (1970); G. Bonera and A. 
Rigamonti, ibid., 42, 171 (1965); see also D. E. O’Reilly, ibid., 53, 
850 (1970).
(28) The value of the coupling constant for nB is of interest in a 
qualitative estimation of the 7r-bond order of the N-B bond of 
borazole. Ring and Koski29 have suggested that the 7r-bond order 
of B-N multiple bond can be determined by the expression 7tb- n = 
1 —  [e2qQ/h]h b / 5 . 3 9 .  Our estimate of the quadrupole coupling 
constant leads to 7tb- n = 0.33 =fc 0.13, in rough agreement with 
previous estimates of this parameter (~0.5).30 31 The estimate of 
this parameter by Mellon, et al.,15 based on similar quadrupole 
coupling constants appears to be too high by a factor of 2.
(29) M. Ring and W. Koski, J. Chem. Phys., 35, 381 (1961). For 
other recent discussions pertinent to the electronic structure of 
borazole, see D. R. Armstrong and D. T. Clark, Chem. Commun., 
99 (1970); H. Bock and W. Fuss, Agnew. Chem., Int. Ed. Engl., 10, 
182 (1971); G. J. Bullen and N. H. Clark, J. Chem. Soc. A , 992
(1970) ; S. D. Peyerimhoff and R. J. Buenker, J. Chem. Phys., 49, 
312 (1968); K. E. Blick, J. W. Dawson, and K. Niedenzu, Inorg. 
Chem., 9, 1416 (1970); S. D. Peyerimhoff and R. J. Buenker, Theor. 
Chim. Acta, 19, 1 (1970).
(30) R. W. Rector, G. W. Schaeffer, and J. R. Platt, J. Chem. Phys., 
17, 460 (1949); H. Watanabe, K. Ito, and M. Kubo, J. Amer. Chem. 
Soc., 82, 3294 (1960).
(31) For a listing of representative 14N quadrupole coupling con­
stants in heterocyclic compounds, see E. A. C. Lucken in “Physical 
Methods in Heterocyclic Chemistry,” Vol. IV, A. R. Katritzky, 
Ed., Academic Press, New York, N. Y., 1971, Chapter 2.
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micro viscometer modified for operation under a 
nitrogen atmosphere. The viscometer was calibrated 
against literature values for toluene32 (temperature, 
viscosity in cP): 24°, 0.560; 6°, 0.720; —12°,
0.970. Measured values for the solutions of borazole 
in toluene were 24°, 0.410; 6°, 0.532; —12°, 0.759. 
Values for solutions of borazole in DMSO were 24°, 
1.17; 6°, 1.61; -1 2 ° ,  2.47.

Borazole was prepared using a literature procedure33 
and was purified by three successive bulb-to-bulb 
distillations immediately before use. Samples for 
spectroscopic examination were prepared on a vacuum

line in flame-dried glassware using standard pro­
cedures.34

Acknowledgment. We are indebted to Mr. Calvin 
Powell and Dr. Jeanne K. Krieger for extensive 
assistance with the computer programs used in this 
work.

(32) L. G. Belinskaya, Uch. Zap.. M osk. Oblast. Pedagog. Inst., 33, 
221 (1955); Chem. Abstr., 52, 821i (1958).
(33) H. Watanabe and M. Kubo, J. Am er. Chem. Soc., 82, 2428 
(1960).
(34) Borazole is inert to oxygen, but sensitive to moisture: A. Stock 
and E. Pohland, Chem. Ber., 59, 2215 (1926).
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Steric interactions in a series of alkyl-substituted (erf-butylethylenes have been studied through their proton 
13C satellite spectra. The parent compound, mono-ferf-butylethylene, has an unusually low D uc-h value 
for the ethylenic C-H bonded to ferf-butyl (150.07 Hz). Further methyl or ferf-butyl substitution, regardless 
of stereochemistry, causes little change in this value. Assuming that the inductive effect on lJnc-n for alkyl 
substituents is relatively small, the usual interpretation of 1Jnc_h leads to the conclusion that these low values 
reflect sterically induced changes in s character, but particularly interesting is the fact that most of this 
change occurs with the introduction of a single ferf-butyl group on ethylene. ferf-Butyl substituent effects 
have also been determined from the three ethylenic lJac - h  values in mono-ferf-butylethylene. These accu­
rately predict V « c- h  for frans-di-ferf-butylethylene. The observed deviation from additivity of substituent 
effects for the cis isomer reflects the steric interaction of the cfs-ferf-butyl groups in this compound. 13C 
chemical shifts and proton nmr parameters are also reported for this series.

Introduction
There has been considerable interest in cis-di-tert-

f-Bu
\

(1) O  
/  

H

a, Ri = R2 = H
b, Ri =  H; R2 =  f-Bu
c, Ri =  f-Bu; It2 =  H

R2
/C (2)
\

Ri

d, Ri =  H; R 2 =  CH3
e, Ri =  CH3; R 2 =  H
f, R, =  R 2 =  CH3

butylethylene (lb) because of the apparently large 
steric effects of the ferf-butyl substituents.1-6 Ex­
amination of the Fisher-Hirschfelder model for this

compound indicates that an undistorted structure with 
normal bond angles and bond lengths would result in 
nearly rigid conformations of the ferf-butyl groups. 
Strain in this molecule is reflected in the large differ­
ences in heats of combustion and hydrogenation be-

(1) W. Puterbaugh and M. S. Newman, J. Amer. Chem. Soc., 81, 
1611 (1959).
(2) R. E. Turner, D. E. Nettleton, and M. Perelman, ibid., 80, 1430 
(1958).
(3) F. H. A. Rummens, Reel. Trav. Chem. Pays-Bas, 84, 5 (1965).
(4) R. C. Fahey, J. Amer. Chem. Soc., 88, 4681 (1966).
(5) R. W. Murray, R. D. Youssefyeh, and P. R. Story, ibid., 89, 
2429 (1967).
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tween it and its trans isomer lc  (10.5 kcal/mol for 
combustion and 9.3 kcal/mol for hydrogenation).1’2 
Rummens3 has reported on an infrared study of strain 
relief in alkyl-substituted ethylenes, including lb. 
His analysis was based upon frequency shifts for the 
= C -H  stretch, the C = C  stretch, and the in- and out- 
of-plane C = C -H  deformations. He concluded that 
rehybridization of the sp2 orbitals seemed to be most 
important for accommodating small distortions in 
bond angles, but that bond bending is likely the most 
important strain relief mechanism in molecules like lb 
which presumably require large bond angle distortions.

Strain caused by vicinal di-feri-butyl groups is also 
apparent in o-fert-butylbenzenes. For example, o-di- 
fert-butylbenzene itself is reported to have a strain 
energy of 22 kcal/mol.6 This strain apparently causes 
significant geometric distortions. • Although 1,2,4,5- 
tetra-ie?'i-butylbenzene is coplanar, the interior bond 
angles between the feri-butyl substituents and the ring 
edge are increased from the usual 120 to 130° and the 
benzene ring bond angles are distorted.7 In addition, 
the bonds connecting the terf-butyl groups are elongated 
somewhat compared to bonds in related but unstrained 
molecules.

There have been some reports on nmr studies of 
stereochemistry in tert-butyl-substituted molecules. 
Based upon proton nmr chemical shifts, it has been 
suggested that the peri-tert-butyl groups in pen'-di- 
feri-butylnaphthalene relieve strain by bending away 
from each other above and below the plane of the 
naphthalene ring.8 Rummens9 has recently reported 
on allylic proton coupling constants in disubstituted 
ethylenes where one substituent is ¿erf-butyl. In this 
system, he finds that the relative magnitudes of the 
cis and trans allylic proton coupling constants are 
anomalous and attributes it to rehybridization of sp2 
bonds in the cis isomers caused by steric constraints. 
Cooper and Manatt10 have published a detailed evalua­
tion of the dependence of 3J H - h  on C = C -H  bond angles 
in alkenes. Included in their report is the 3J h - h  

value for lb (14.2 Hz), the largest value yet reported 
for a cfs-dialkylethylene. They also proposed the 
interesting possibility of obtaining accurate estimates 
of bond angles from these coupling constants. Trends 
in 3Jh - h  for cis hydrogen atoms with ring size in cyclo­
olefins have also been reported.11-13

One would expect that ethylenic 13C-H  coupling 
constants would also be sensitive to strong steric inter­
actions from double bond substituents. In fact, the 
low values of V i.-c- h observed for the di-teri-butyl- 
ethylenes10 might suggest just that. For hydrocar­
bons, lJ i!c- h values generally provide an index of hy­
bridization and stereochemistry of the C-H bond.14 
Unfortunately, very few 'J uc- h values for ¿e?t-butyl- 
ethvlenes have been reported, but such data are 
essential if one is to understand the cause of the low 
lJuc - h  values observed for the di-fert-butylethylenes.

Although these data are available from 13C-H satellites 
of the proton spectra, no corrections have been made 
for isotope shifts and second-order effects for the few 
Vi,c- h values reported.10 An analysis of the 13C-H 
satellite spectrum of mono-terf-butylethylene (la) has 
never been reported. It is also reasonable to expect 
13C chemicals shifts to be sensitive to strong steric 
effects, but no 13C chemical shift data have been 
reported for the terf-butylethylenes.

This paper reports the results of a detailed study of 
1H, 13C, and 13C-H satellite spectra for a series of tert- 
butylethylenes and the stereochemical implications of 
these spectra.
Experimental Section

All spectra were taken on a Bruker Scientific HFX-90 
spectrometer operating at 90 MHz for protons and
22.63 MHz for carbon-13. All proton spectra were 
taken on the neat liquids with 1% TMS added for in­
ternal reference and for field-frequency lock. The 
carbon-13 spectra were taken on neat liquids in 10-mm 
sample tubes with a small capillary of hexafluoroben- 
zene added for external 19F lock. Most of the car­
bon-13 spectra were taken using broadband proton de­
coupling although some undecoupled spectra were 
taken in order to check 13C chemical shift assignments 
and to determine if some long-range 13C-H coupling 
information could be extracted from the spectra. 
When it was necessary to time average 13C satellite or 
carbon-13 spectra, a Fabri-Tek 1074 signal averaging 
system was employed.

¿ra??.s-Di-fert-butylethylene (lc) was a gift from 
Professor R. Murray, University of Missouri. This 
compound was further purified by preparative gas 
chromatography (gc) using a 20 ft X 0.25 in. 5%  
Bentone 34/5%  DIDP on 60-80 M Chromosorb W 
column. cfs-Di-fer£-butylethylene was prepared by 
hydrogenation of di-iert-butylacetylene with 5% Pt on 
alumina using Newman’s procedure.1 This reduction 
was followed by gc and purified by preparative gc. 
The infrared spectra for both lb and lc were in accord 
with those previously reported.3 Di-fert-butylacetyl- 
ene was prepared according to the procedure described 
by Hennion and Banigan.15 All other compounds in

(6) E. M. Arnett, J. C. Sanda, J. M. Bollinger, and M. Barber, J. 
A m er. Chem. Soc., 89, 5389 (1967).
(7) A. van Bruijnsvoort, C. Eilermann, H. van der Meer, and 
C. H. Stam, Tetrahedron Lett., 2527 (1968).
(8) R. W. Franck and E. G. Leser, J. Amer. Chem. Soc., 91, 1577 
(1969).
(9) F. H. A. Rummens and J. W. de Haan, Org. Magn. Resonance, 
2, 351 (1970).
(10) M. A. Cooper and S. L. Manatt, ibid., 2, 511 (1970).
(11) P. Laszlo and P. von R. Schleyer, J. Amer. Chem. Soc., 85, 
2017 (1963).
(12) G. V. Smith and H. Kriloff, ibid., 85, 2016 (1963).
(13) O. L. Chapman, ibid., 85, 2014 (1963).
(14) J. N. Schoolery, J. Chem. Phys., 31, 1427 (1959).
(15) G. F. Hennion and T. F. Banigan, J. Am er. Chem. Soc., 68 
1202 (1946).
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Table I : Proton Chemical Shifts“ and 13C Isotope Shifts6 for ¿eri-Butylethylenes

H ieri-Butyl-
Compd (carbon 1) methyl H (R2) H (Ri) Methyl (R2) Methyl (Ri)

la 5 . 7 9 1 .0 1 4 . 8 8 4 .7 9
( + 0 . 3 0 ) 4 ( + 0 . 3 0 ) 4 ( + 0 . 3 0 ) 4

lb 5 . 1 5 1 .1 5 5 . 1 5
( + 0 . 3 0 ) ( + 0 . 3 0 )

lc 5 . 3 4 0 . 9 9 5 . 3 4
( + 0 . 2 8 ) ( + 0 . 2 8 )

Id 5 . 2 9 1 .1 2 5 . 2 3 1 .6 9
( + 0 . 4 0 ) ( + 0 . 3 4 )

le 5 . 4 2 0 . 9 7 5 . 3 0 1 .6 0
( + 0 . 2 8 ) ( + 0 . 3 9 )

If 5 . 1 6 1 .0 8 1 .6 9 1 .6 3
( + 0 . 2 1 )

“The proton chemical shifts are given in parts per million downfield from internal TMS. b The isotope shifts observed are given 
in parentheses below the corresponding proton shifts and are reported in Hz at 90 MHz. For compound la  an isotope shift of 0.3 
Hz was assumed in each instance.

this series were purchased from Aldrich Chemical Co. 
and were used without further purification.

Spectral Analysis
The proton and 18C-H  satellite spectra for each com­

pound in this series were analyzed to obtain values of 
the coupling constants and chemical shifts, l a o c n  4, 
a modification of the program l a o c n  3,16 was used 
with a Digital Equipment Co. PDP-10 computer to 
obtain iterative fitted values. Resonance lines were 
calibrated in both the methyl and ethylenic regions in 
obtaining an iterative fit for compounds having methyl 
substituents. Multiple scans in both the forward and 
reverse frequency sweep directions were taken in order 
to minimize calibration errors. As has been pointed 
out before,2 no measurable coupling was observed be­
tween the protons in the ¿erf-butyl group and the 
ethylenic protons. Upheld and downfield 13C satellite 
spectra were analyzed using l a o c n  4 to obtain the 
directly bonded 13C-H  coupling constants, isotope 
shifts, and H -H  coupling constants. The satellite 
spectrum from the ethylenic hydrogen on the carbon 
bearing the ¿erf-butyl group (carbon 1) overlaps with 
both the other ethylenic satellite spectra and the ABC 
vinyl spectrum. Only the downfield half of the geminal 
proton 13C satellite spectrum could be analyzed, while 
only the upfield portions of the cis and trans proton 
13C satellite spectra could be analyzed. Assuming 
positive isotope shifts, as was the case for all other 
isotope shift determinations in this series (Table I), 
the iJ 13C—h (carbon 1) value obtained from the analysis 
of the downfield pattern for la would understate the 
actual value by twice the magnitude of the isotope 
shift. Therefore, the values reported for la
were corrected for isotope effects by assuming approx­
imately the same value found for the other members of 
this series (Table I). The chemical shifts and cou­
pling constants obtained from our iterative analyses

accurately reproduced the ‘H and outer lH -13C satellite 
spectra observed for each compound. The rms errors 
between observed and calculated spectra for the ethyl­
enic and methyl proton as well as the proton 13C satel­
lite spectra were less than 0.05 Hz in all cases.

We did not determine the absolute signs of the cou­
pling constants in any instance. However, in agree­
ment with Rummens,9 we found that the spectra for 
cis- and ¿rans-4,4-dimethyl-2-pentene (Id and le) were 
sensitive to the relative signs of the vicinal and allylic 
H -H  coupling constants. The signs shown in Table 
II for these two compounds are based on the assump­
tion9 of a positive value for the vicinal vinylic coupling. 
The proton 13C satellite spectra were insensitive to 
differences in long-range fiH-^C coupling constants. 
Although high-resolution 13C spectra were obtained for 
this series of compounds, their complete analysis would 
be impractical at this time.

Results
Shown in Table III are the carbon-13 chemical shifts 

for the substituted ¿ert-butylethylenes la -f expressed 
in parts per million upfield from external CS2. The 
absolute carbon-13 chemical shifts are estimated to be 
accurate to within 0.1 ppm. However, the relative 
shifts are more accurate. Table I gives the proton 
chemical shifts in parts per million relative to TMS. 
For compounds Id and le, the assignments of the vinyl 
proton chemical shifts are reversed relative to the 
assignments given by Rummens.9 Only the assign­
ments shown in Table I lead to a fit of the observed 
spectra. Also listed in Table I are the 13C isotope 
shifts which were determined for cases where it was 
possible to observe both the upfield and downfield 13C 
satellite spectra. Table II gives the H -H  coupling

(16) S. M. Castellano and A. A. Bothner-By, J. Chem. Phys., 41, 
3863 (1964).
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Table II: J h- h and U+c- h Coupling Constants'* for ¿ert-Butylethylenes

*7H—H ---------------------- , ------------- 1J 13C—H ---------------
Compd J H.Ri J h,r2 •/Ri.Ri J l . H Jl,R\ Ji.R ,

la 10.69 17.48 1.42 150.07 157.21 153.29
(10.71)6 (17.46)6 (1.41 )6
(10.8)/ (17.5)/ (1 .4 )/ (150.3)« (157.0)* (152.6)«

lb 14.15 148.33 148.33
(14.2)6 (150.4)6 (150.4)6

lc 15.92 147.56 147.56
(16 .10)6 (149.4)d (149.4)d

Id 11.93' -1 .9 1 7.32 149.95 152.24
(12.02)« ( -1 .8 2 )« (+7.41)*

le - 1 .6 3 15.47 6.37 147.38 149.38
( -1 .6 6 )« (15.50)« (6.42)«

if 1.4 1.4 0.3 148.01

° All coupling constants are given in Hz. b Reference 10. « G. C. Graham, Ph.D. Dissertation, University of California, San Diego, 
Calif., 1967. d S. L. Manatt, private communication. « Reference 9. /  S. Alexander, J. Chem. Phys., 28, 358 (1958).

Table III : Carbon-13 Chemical Shifts for ¿eri-Butylethylenes“

-Carbons-
íer¿-Butyl- ieri-Butyl- Methyl Methyl

Compd l 2 methine methyl (R¡> (R.)

la 4 4 . 1 8 8 4 . 5 8 1 6 0 .0 5 1 6 4 .4 0
lb 5 4 . 0 7 5 4 . 0 7 160 .7 1 1 6 0 .7 8
lc 5 7 . 2 0 5 7 . 2 0 1 6 1 .1 0 1 6 3 .2 3
Id 5 2 . 7 8 7 1 . 3 5 1 6 0 .4 5 1 6 2 .5 8 1 7 9 .6 2
le 5 0 . 7 7 7 4 .5 1 1 6 0 .8 1 1 6 3 .6 8 1 7 5 .8 3
If 5 8 . 2 2 6 3 .9 1 1 6 1 .4 2 162 .3 1 1 7 4 .8 9 1 6 5 .6 4

“ The chemical shift value given for each carbon is in parts per million upheld from external CS2.

constants and the directly bonded I3C-H  coupling con­
stants along with literature comparisons where avail­
able. The H -H  coupling constants are conservatively 
estimated to be accurate to within 0.1 Hz while the 
lJ .sc-H values should be accurate to ±0.25 Hz.

Discussion

The carbon-13 chemical shifts given in Table III for 
this series of terf-butylethylenes show that the largest 
variations occur among the ethylenic carbon atoms. 
However, the 13C chemical shifts for these carbon atoms 
do not appear to establish any particular trend. The 
terf-butylmethine carbon shifts are almost constant 
throughout this series, indicating that this carbon atom 
is highly insulated from effects produced by the struc­
tural changes in this series. However, there is a 
definite trend in the ferf-butylmethyl carbon chemical 
shifts. These decrease to lower field as the size of the 
cfs-(R 2) or trans-( Ri) substituent increases. The 
largest effect results from the cis substituents where 
the ferf-butylmethyl chemical shifts relative to CS2 
are in the order cfs-f-Bu <  cfs-Me <  m -H . The trend 
is the same for the trans substituents. The overall 
order for all compounds in this series is l b  <  I f  ~  Id  
<  l c <  l e < l a .  Coincidently, the tert-butylmethyl

and methine carbon atoms for m-di-te?7-butylethylenc 
(lb) have almost identical chemical shifts.

The coupling constants for this series of ferf-butyl- 
ethylenes show the most striking departures from nor­
mal values. Cooper and Manatt have previously called 
attention to the unusually large value for 3J h - h  (~14.2 
Hz) in lb .10 This appears to be the largest reported 
value for cisJn-n in any alkylethylene. It has been 
interpreted as resulting from reduction of the C = C -H  
bond angle caused by steric repulsion of the cis-tert- 
butyl substituents.

Although only 3< /H - h  for lb appears to be unusual 
among the H -H  couplings (Table II), virtually every 
lJ isc-H value in Table II falls well below that expected 
for ethylenic hydrocarbons. Of the 12 V hc- h values 
listed, all are unusually low except that for J 2,r„ the 
unsubstituted carbon in mono-teri-butyl ethylene (la).

The expression 1J,3c_h =  500a2, where a2 is the 
fractional s character in the bonding orbital, represents 
a simple interpretation of directly bonded 13C-H  cou­
pling constants.14'17-19 This relationship is reasonably

(17) N. Muller and D, E. Pritchard, J. Chem. Phys., 31, 768 (1959).
(18) N. Muller and D. E. Pritchard, ibid., 31, 1471 (1959).
(19) R. M. Lynden-Bell and N. Sheppard, Proc. Roy. Soc., Ser. A , 
269, 386 (1962).

The Journal of Physical Chemistry, Voi. 76, No. 20, 1972



Steric Interactions in ¿erf-BuTYLETHYLENES 2881

valid in cases where inductive effects are minimal as is 
the case with hydrocarbons. There are examples in 
the literature to justify the assumption that alkyl sub­
stituents have only a minor inductive effect on V uc- h- 
For example, the ’J isc- h values for unhindered cyclo- 
alkenes are nearly identical with that for ethylene, 
even though they are di-sec-alkylethylenes.20-22 Sim­
ilarly, alkyl and even halomethyl substituents on 
methane cause little change in the original 1J uc- h 
value for the sp3 bonds in methane.23 The 'Juc- h 
values in Table II are sufficiently lower than 156.4 Hz 
value for ethylene19 as to indicate that appreciable 
perturbation of the ethylenic system has taken place. 
Assuming that the inductive effect on c_h for alkyl 
substituents is relatively small, we can conclude that 
these low values reflect sterically induced changes in 
s character.

The low values for t/nc-n in cis- and trans-di-tert- 
butylethylene have been noted,10 but no explanation 
has yet been offered for the fact that their V hc- h val­
ues are nearly equal. When considered alone, these 
data appear anomalous. One would normally expect 
the steric interaction of the two tert-butyl groups in 
lb to cause appreciable differences in 'J ic- h for these 
two isomers, but as the present study reveals, most 
of the decrease in ethylenic '. /k-c- h results from the 
introduction of the first ¿erf-butyl substituent. Sub­
sequent methyl or ¿erf-butyl substitution, regardless of 
stereochemistry, has little further effect on V uc- h 
for the ethylenic C-H  bonded to ¿erf-butyl. So it 
must be concluded that a sizable steric interaction 
occurs between the ¿erf-butyl and vinyl groups. Never­
theless, there are indications of measurable, though 
smaller, steric effects on h/wc-H caused by the inter­
action of the czsrferf-butyl groups in lb. Evidence for 
this is the fact that lb shows a deviation from additivity 
of ¿erf-butyl substituent effects on V uc- h-

From the three lJnc-h values for monorferf-butyl- 
ethylene (Table II), the following ¿erf-butyl substit­
uent effects on ‘J uc- h in ethylene can be easily deter­
mined: gem-tert-butyl =  —6.33 Hz, ¿ransrferf-butyl 
= +0.81 Hz, and ««-¿erf-butyl = —3.11 Hz. Whether 
or not these effects are additive in multiple substituted 
¿erf-butylethylenes will depend on the extent of inter­
action between the substituent groups. If we tenta­
tively assume additivity of the above substituent 
effects, we predict h/lc-H values of 146.96 and 150.88 
Hz for trans- and cis-dirferf-butylethylene, respectively. 
The predicted value for the trans isomer is very close 
to the observed value of 147.56 Hz, but the observed 
value for the cis isomer (148.33 Hz) is more than 2.5 Hz 
lower than predicted. This difference likely reflects 
the extra steric effect resulting from the interaction of 
the asrferf-butyl groups. Additivity treatments for 
the methyl-substituted compounds Id, e, and f are not 
possible at this time since the substituent effects on 
lJ i!c- h in propylene are not known.
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It has been found that phenol forms a strongly chemisorbed surface species on y-alumina at 300° and that it 
resists evacuation up to 450°. The infrared spectrum of this surface species (in the region 4000-1200 cm-1) 
differs markedly from that of liquid or physisorbed phenol and is characterized by loss of OH stretching and 
in-plane bending modes (3350 and 1360 cm-1, respectively), a ring stretching mode (1473 cm-1), and a shift 
of the C-0 stretching mode from 1259 to 1286 cm-1. Based on these data, a chemisorbed aluminum phen- 
oxide surface species (>Al-0-CeH5) is proposed and mechanisms for its formation are discussed. Related 
infrared studies for a series of methylated phenols suggest that the phenol molecule is oriented with the aro­
matic ring almost coplanar with the surface but tilted upward such that the para position is farther from the 
surface than the ortho position. This conclusion is based partly on the fact that a methyl group in the ortho 
position experiences a stronger interaction with the surface than a methyl group in the meta or para position.

Introduction
Alumina reacts with a large number of chemical 

compounds to give chemisorbed species which can be 
studied by infrared techniques to yield information 
about the adsorbed species as well as the adsorption 
sites1,2 themselves.

Phenol reacts with alcohols over dehydrated y- 
alumina catalysts to yield ring-alkylated products;3 
recently, cyclohexadienone intermediates have been 
proposed4 as key intermediates in this reaction. Since 
the alkylation of phenol is of interest, an attempt was 
made to detect this intermediate by infrared techniques. 
No evidence for a cyclohexadienone intermediate was 
found, but it was determined that phenol is strongly 
chemisorbed on y-alumina and resists evacuation at 
450°.

Although other chemisorbed hydroxy-containing 
compounds (mainly alcohols) have been studied by 
infrared techniques,5-8 and phenol has been reported 
to be physisorbed on various catalysts,9-11 no definitive 
infrared studies on chemisorbed phenol have been 
published. A study of the structure of chemisorbed 
phenol was therefore undertaken.

Experimental Section
Materials and Apparatus. The y-alumina used in 

these experiments has a surface area of 102 m2/g  (deter­
mined by BET method using N2 adsorption). Ex­
amination by X-ray diffraction spectroscopy revealed 
the presence of some x-alumina.

About 100 mg of the catalyst was ground to a fine 
powder and pressed into a disk to be placed in the in­
frared cell of the spectrometer. The samples for 
chemisorbed phenol were heated under vacuum at 
450° overnight prior to being exposed to phenol. 
Samples exposed to methylated phenols were heated 
at 550° under vacuum overnight, then cooled to 350° 
prior to exposure.

For deuterium studies the catalyst was outgassed 
under vacuum at 450° overnight, exposed to D20  vapor 
at room temperature for 15 min, and evacuated (re­
peated three times), and the catalyst was heated to 
450° for 2 hr and cooled to room temperature under 
vacuum. Repetition of this entire procedure and in­
frared examination of the catalyst showed that OH 
bands were barely observable and that the OD bands 
were quite large.

The D 20  used was from N M R Specialties Inc. re­
ported to be 99.8% D20  by the supplier. Before use 
it was put through several freeze-thaw cycles. Oxygen 
gas (99.0% minimum purity) was obtained from the 
Linde Co.

The phenol ((99 +  %  pure) used in these studies was 
obtained from James Hinton, 268 Ewing Court N.W., 
Fort Walton Beach, Fla. Before use it was put through 
several freeze-thaw cycles.

o-Cresol (puriss), p-eresol (puriss), 2,6-dimethyl- 
phenol (puriss), and 3,4-, 2,3-, and 3,5-dimethylphenol 
were obtained from Aldrich Chemical Co. and are 
claimed to be 97-100% pure (puriss grade is 9 9 + %

(1) J. B. Peri and R. B. Hannan, J. Phys. Chem., 64, 1526 (1960).
(2) J. B. Peri, ibid., 69, 231 (1965).
(3) E. Briner, W. Pltlss, and H. Paillard, Helv. Chim. Acta, 7, 1046 
(1924).
(4) L. H. Klemm and D. R. Taylor, J. Org. Chem., 35, 3216 (1970), 
and references cited therein.
(5) R. Greenler, J. Chem. Phys., 37, 2094 (1962).
(6) D. Treibmann and A. Simon, Naturwissenschaften, 53, 107 
(1966).
(7) R. Kagel, J. Phys. Chem., 71, 844 (1967).
(8) R. Kagel, J. Catal., 16, 316 (1970).
(9) V. N. Abramov, A. V. Kiselev, and V. I. Lygin, Zh. Fiz. Khim ., 
38, 1045 (1964).
(10) G. A. Galkin, A. V. Kiselev, and V. I. Lygin, Trans. Faraday 
Soc., 60, 431 (1964).
(11) (a) G. Karagounis and O. Peter, Z. Elektrochem., 61, 827 (1957); 
(b) ibid., 63, 1120 (1959).
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Figure 1 . Spectrum of 7 -alumina taken after heating in vacuo 
at 450° overnight (LiF prism).

pure). m-Cresol (99 +  %  pure) was obtained from 
K & K Rare Fine Chemicals. All chemicals were used 
without further purification.

The apparatus used in these experiments was a modi­
fied Perkin-Elmer Model 12B infrared spectrometer 
and has been described previously.12 Associated with 
this instrument was a conventional Pyrex high-vacuum 
system for handling gases and volatile liquids. Both 
LiF and CaF2 prisms were used in these studies for ex­
amination of various regions of the infrared spectrum.

Results and Discussion
1. Phenol Chemisorption. After heating the cata­

lyst to 450° under vacuum and cooling to room tem­
perature, the 7-alumina showed infrared bands at 
3701, 3638, 3479, and 3247 cm - 1  in the background 
spectrum which were attributed to OH stretching fre­
quencies (see Figure 1 ). The catalyst was then ex­
posed to phenol vapor (0.4 Torr) at 300° for 4 hr and 
evacuated at 150° for 1 hr, and spectra were obtained 
(see Figures 2 and 3). The phenyl C -H  stretching 
vibrations13 show up as bands at 3050 and 3020 cm -1  
in Figure 2. By comparing curve A with curves B and 
C in Figure 3, it is apparent that the phenol O-H 
stretching and in-plane bending vibrations (3350 and 
1360 cm-1, respectively) as well as a phenyl ring vibra­
tion (1474 cm-1) disappear upon chemisorption.

Since the 1474-cm_1 ring stretching vibration is 
thought to be coupled14 with the 1360-cm-1 O-H in­
plane bending vibration, its disappearance is expected 
if the O-H  in-plane bending vibration is also destroyed 
by chemisorption. The band at 1286 cm - 1  for chemi­
sorbed phenol is believed to be due to a C -0  stretching 
vibration and hence is shifted to a higher wave num­
ber than is normal for this vibration (Evans13 reports a 
value of 1260 cm -1  for this band). Although this 
shift indicates some strengthening of the C -0  bond,

Figure 2. Spectrum of phenol chemisorbed on 7 -alumina (at 
room temperature, LiF prism).

Figure 3. Comparison of spectrum of liquid phenol on alumina: 
(A ) liquid phenol; (B ) phenol on alumina at 450°; and (C ) at 
150° (CaF2 prism).

and possibly even some partial double bond character 
(C—O), it does not even remotely approach a value of 
1650 cm - 1  expected15 of conjugated C = 0  vibration 
for a cyclohexadienone. The remaining very strong 
phenol bands at 1602 and 1490 cm - 1  are due to phenyl 
ring vibrations.13 The two highest frequency OH 
bands of the 7-alumina are gone and, as shown in Fig­
ure 2, a broad band now extends from 3510 cm ^ 1 to 
lower frequencies. The 3247-cm_1 band is still dis­
cernible, but the 3479-cm_1 band, if present, is covered 
by the 3510-cm_1 band. This broad OH band may 
indicate hydrogen bonding between chemisorbed phenol 
and surface hydroxide groups or between the surface 
hydroxide groups themselves.

A representation that is consistent with these ob­
servations is one in which the phenol molecule loses a 
proton to the surface and the resulting phenoxide ion is 
chemisorbed on an exposed surface aluminum ion 
(see below). The extent and character of bond for-

(12) R. P. Eischens and W. A. Pliskin, Advan. Catal., 10, 1 (1S58).
(13) J. C. Evans, Spectrochim. Acta, 16, 1382 (1960).
(14) R. Mecke and G. Rossmy, Z. Elektrochim., 59, 866 (1965).
(15) H. Hart, P. M. Collins, and A. J. Waring, J. Am er. Chern. Soc., 
88, 1005 (1966).
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Table I : Effect of Chemisorption on the Relative Intensity of CH3 Symmetrical Bending Modes of Methylated Phenols

o-Cresol m-Cresol p-Cresol 2,3-DMP 3,4-DMP 3,5-DMP 2,6-DMP

Position of CH3 symmetrical 1383 1380 1384 1388 1377 1380 1383
bending mode (CC14) 

Position of CH3 symmetrical 1379 1384 1385 1361?
1388
1411? 1384 1383

bending mode (A120 3) 
Rel intensity (CCh)0'6 0.54 0.42 0.52

1382
0.53 0.58 0.50 0.72

Rel intensity (A120 3)° 0.20 0.31 0.50 0.50
0.79
1.20 0.37 0.43

%  decrease of rel intensity“ 63 26 0.4
0.50
d d 26 40

a Relative intensity =  absorbance CH3 symmetrical bending mode/absorbance aromatic C -H  stretching mode. h Solution spectra 
were obtained on a Beckman IR-12 using 6 wt %  phenol in CC14. c Per cent decrease of relative intensity = [relative intensity (CC14) — 
relative in tensity (Al20 3)/relative intensity(CCl4)] X  100. d The presence of ortho methyl groups apparently leads to a doubling 
(or coalescence) of bands due to changes of state in a manner similar to that observed b}' Richards and Thompson, Proc. Roy. Soc., 
Ser. A , 195, 1 (1948), for CH2 deformation frequencies of hydrocarbons. Since there might be unknown intensity components associ­
ated with the phenomenon, no attempt was made to calculate a per cent decrease in relative intensity for 2,3- and 3,4-dimethylphenol.

mation between the phenoxide oxygen and the alumi­
num surface ion cannot be determined from our data. 
A known ionic compound such as aluminum phenoxide, 
Al(OC6H6)3, would provide an excellent model for 
spectral comparisons but attempts to purchase or pre­
pare pure samples of aluminum phenoxide were un­
successful, and unfortunately, no infrared spectral 
data on aluminum phenoxide have been published. 
However, the infrared spectrum of a related com­
pound,16 thallous phenoxide, is practically identical 
with spectra reported here (especially with regard to 
loss of OH stretching and in-plane bending vibrations 
and the 1473-cm_1 ring stretching mode) and suggests 
considerable ionic character for the surface species.

2. Methylated Phenol Chemisorption. Examination 
of curve A, Figure 3, reveals a number of low-intensity, 
out-of-plane combination bands13 at 1705, 1772, 1843, 
1930, and 2050 cm-1. Comparison of curve A with 
curves B and C shows that these bands have practically 
disappeared for the chemisorbed phenol molecule even 
though the intensities of the remaining bands are com­
parable. Karagounis and coworkers11*'17 have inter­
preted a decrease in the intensity of out-of-plane C-H  
vibrations of chemisorbed aromatic molecules to mean 
that these molecules are adsorbed with the plane of the 
aromatic ring parallel to the adsorbent surface. Ap­
plying a similar interpretation to the above observa­
tions leads to the conclusion that the chemisorbed 
phenol molecule also has its benzene ring more or less 
coplanar with the surface such that interaction with the 
surface results in a lack of bands in the region 1700- 
2050 cm-1. It was felt that an independent check for

this hypothesis could be obtained by studying the 
changes of intensity for the methyl symmetrical bend­
ing vibrations (1375-1390 cm-1) for a series of meth­
ylated phenols.

For these studies, the catalyst was heated to 550° 
under vacuum and then lowered to 350° at which time 
the catalyst was exposed to vapors of the methyl phe­
nol. Exposure was continued overnight at 350°, the 
system was evacuated, and a spectrum obtained (at 
350°) as in Figure 3 over the region 1200-4000 cm -1.

For methylated phenols, methyl groups exhibit a 
characteristic symmetrical bending mode in a narrow 
frequency range between 1375 and 1390 cm -1. By 
comparing the absorbance of the C -H  aromatic 
stretching mode with the absorbance of the symmetrical 
CH3 bending mode, a relative intensity value (relative 
intensity = the absorbance of CH3 symmetrical 
bending mode divided by the absorbance of aromatic 
C -H  stretching mode) can be obtained. This was done 
for a series of monomethylphenols and dimethylphe- 
nols, both in solution (CCU) and chemisorbed on y- 
alumina; the results are presented in Table I.

Using the absorbance of the aromatic C -H  stretching 
mode as an internal standard of comparison has prece­
dent in the work of Kiselev, et al..w who employed a 
similar method in studying the effect of surface OH 
groups on C -H  out-of-plane bending vibrations. One 
assumption is that if the extinction coefficient of the 
aromatic C -H  stretching mode is altered by chemisorp­
tion,17 then the extent or degree of that alteration must 
be approximately the same for each of the phenols in 
Table I. The assumption seems intuitively correct 
because the compounds are practically identical and it 
would be expected that the mode of their attachment 
to the surface (and hence effects on the extinction co-

(16) C. J. Pouchert, “The Aldrich Library of Infrared Spectra,” 
Spectrum No. 15,389-3, Aldrich Chemical Co., Milwaukee, Wis.
(17) G. Karagounis and O. Peter, Z. Elektrochem., 61, 1094 (1957).
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Figure 4.

efficient for the aromatic C -H  stretching bands) would 
also be similar.

Examination of the relative intensity values for the 
CH3 symmetrical bending modes in Table I reveals 
(in all cases) a decrease in passing from solution to the 
chemisorbed state and is expected if the methyl groups 
interact in some manner with the surface.18 Even 
more important, however, is the observation that a 
correlation exists between the value for the percentage 
decrease in intensity and the position of the methyl 
group with respect to the oxygen; i.e., compare the 
series 0-, m-, p-cresol and compare 2,6- with 3,5-di- 
methylphenol.

Attempts to quantitatively interpret the data in 
Table-1 were considered premature because relative 
intensity values for the chemisorbed state, obtained 
from the symmetrical CH3 bending bands with a prism 
instrument, suffer somewhat from poor resolution (and 
concomitant loss of accuracy). However, the qualita­
tive picture that emerges and is most consistent with a 
trend of smaller values for the percentage decrease in 
intensity with increasing distance between methyl 
groups and oxygen is one in which the benzene ring is 
more or less coplanar but tilted upward such that a 
methyl group in the para position is more removed from 
the surface than one in the ortho or meta position (see 
Figure 4). In this configuration, a decreasing interac­
tion of the methyl groups with the surface in going 
from ortho to meta to para is expected and supported 
by observation. A strictly parallel and coplanar 
orientation between the benzene ring and the surface 
(A l-O -C  bond angle of 90°) should result in essentially 
no difference in the effect of the surface on the CH3 
symmetrical bending intensities as a function of posi­
tion, but on the basis of data presented here, this pos­
sibility seems unlikely. Although the A l-O -C  bond 
angle for compounds like aluminum phenoxide has not 
been reported, it seems likely that it would fall close to 
the range 118-121° (ZC O H  for phenol and ZCOC 
for anisole, respectively).

As with phenol itself, the C -0  stretching bands for 
chemisorbed methyl phenols are found in a relatively 
narrow region between 1263 and 1294 cm-1 which rep­
resents a shift (Ar 25-40 cm-1) to higher frequencies 
upon chemisorption; O-H stretching and in-plane 
bending modes are, of course, absent. Although a 
previous study19 of isomeric cresols assigns bands in the

Figure 5. Spectrum of 7 -alumina taken after phenol burnoff : 
(A ) Figure 1 replotted; (B ) after phenol burnoff.

1260-1290-cm-1 region to A1-CH3 symmetrical defor­
mation vibrations, phenol (no methyl groups possible) 
exhibits a band at 1286 cm-1 which supports the idea 
that bands in this region should be assigned to chemi­
sorbed C -0  stretching vibrations.

3. Mechanism of Phenol Chemisorption. As men­
tioned previously, the two highest frequency hy­
droxide bands for alumina, 3701 and 3638 cm-1, 
disappear when phenol is chemisorbed on the sur­
face while the two low-frequency bands at 3479 
and 3247 cm-1 are relatively unaffected (see Figures 
1 and 2). This observation was confirmed using a 
deuterated surface; of the four OD bands (2750, 2701, 
2596, and 2440 cm-1) only the first two disappear when 
phenol is chemisorbed.

If the chemisorbed phenol is burned off (flowing 0 2 
for 3 hr at 450°) and a new background spectrum ob­
tained (Figure 5), we see that the 3701-cm-1 band is 
still gone, or at best has shifted to a very weak shoulder 
on the 3638-cm-1 band which is itself restored. The 
3479- and 3247-cm-1 infrared bands remain unchanged. 
Exposure of this sample to phenol a second time gives 
a spectrum identical with Figure 2 (even though the 
3701-cm_1 band was not originally present in this case). 
Finally, burnoff (as before) gives a spectrum identical 
with that obtained in Figure 5, i.e., 3701-cm_1 band 
gone, 3638-cm-1 band restored, 3479- and 3247-cm“ 1 
bands unaffected. Only by heating the catalyst (after 
phenol burnoff) to 450° in the presence of water vapor 
could the 3701-cm-1 band be restored; exposure to 
water vapor at room temperature was not sufficient to 
restore it.

(18) L. H. Little, “Infrared Spectra of Adsorbed Species,” Academic 
Press, New York, N. Y., 1966, pp 382-405.
(19) L. A. Ignat’eva, A. Sideridu, and T. Slovokhotova, Kinet. 
Ratal., 5, 1069 (1964).
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All of these observations can be interpreted in terms 
of Peri’s description20 of the surface of y-alumina cata­
lysts. In his paper, it is suggested that different kinds 
of isolated hydroxyl groups exist on the surface de­
pending on the arrangement of next nearest neighbors 
(he., adjacent hydroxyls, oxide ions, or exposed alumi­
num ions). It is also proposed that the highest fre­
quency OH band has four oxide nearest neighbors, and 
furthermore, that this is the most basic hydroxyl group on 
the surface (conversely, the lowest frequency OH band is 
associated with the most acidic surface hydroxyl). 
The following mechanism (Scheme I) is suggested to

Scheme I : Loss of 3701-cm-1 Band via Dehydration

account for the disappearance of the 3701-cm_1 band 
and the fact that it can not be restored by phenol burn- 
off. Here, the phenol molecule loses a proton to the 
high-frequency (most basic) hydroxyl and is chemi­
sorbed on a nearby exposed aluminum ion. The water 
molecule that results by combination of the phenol 
proton and the surface hydroxyl is then desorbed and 
the corresponding high-frequency OH band is lost. 
Thus, the 3701-cm-1 OH group is removed not by burn- 
off, but by a classical acid-base-type reaction.

The mechanism in Scheme II can account for the 
disappearance of the 3638-cm_1 OH band upon phenol 
chemisorption and its subsequent restoration with 
phenol burnoff. According to Peri’s interpretation, 
the next most basic surface hydroxyl would have three 
oxide nearest neighbors and one adjacent exposed 
aluminum ion. The difference here is that this surface

Scheme II: Loss of 3638-cm_1 Band via Hydrogen Bonding

hydroxyl does not have the necessary basicity to ab­
stract a phenol proton, and a nearby oxide ion performs 
this operation. However, once the phenoxide ion has 
settled over the exposed aluminum ion, hydrogen 
bonding (between the phenoxide oxygen and/or the 
phenyl ring tt cloud) and the surface hydroxyl will shift 
the frequency of this band to a lower value and it will, 
in effect, disappear. The mechanism proposed here is 
similar to that proposed by Kagel7 for the adsorption 
of ROH compounds on 7-Al20 3 and supports the present 
contention. In contrast to the previous case (where 
the OH band can not be restored by phenol burnoff 
because that hydroxyl group has actually been removed 
from the surface as water), phenol burnoff here will 
destroy the hydrogen bonding and the 3638-cm_1 OH 
band should reappear, in agreement with observation.

The reason for two of the four OH groups not be­
coming involved in the reaction with phenol remains 
obscure.

Summary

Phenols are strongly chemisorbed on y-alumina to 
form phenoxide surface species whose orientation with 
respect to the surface is more or less coplanar but tilted 
upward such that the para position is more removed 
from the surface than the ortho. The two highest fre­
quency OH groups interact with the chemisorbed 
phenol; the highest frequency OH group is removed 
from the surface as water, the next highest frequency 
OH group forms a hydrogen bond with an adjacent 
chemisorbed phenoxide.

(20) J. B. Peri, J. Phys. C h e m 69, 220 (1965).
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Bromobis(2-(2-aminoethyl)pyridine)copper(II) bromide, [Cu(C7N 2Hi0)2Br]Br, has been prepared by the 
reaction of copper(II) bromide with excess 2-(2-aminoethyl)pyridine (AEP) in 95% ethanol, and its crystal 
and molecular structure has been determined from three-dimensional X-ray data collected by counter methods. 
The material crystallizes in the monoclinic space group C2/c with four formula units in a cell of dimensions 
a =  8.883(6) A, b =  11.853(13) A, c =  16.940(14) A and 0 = 67.57(3)°. The observed and calculated densities 
are 1.87 (2) and 1.885 g cm -3, respectively. The structure has been refined by least-squares methods to a final 
value of the R factor (on F) of 0.044 for 1620 independent data. The complex consists of five-coordinate 
[Cu(AEP)2Br] + cations which are well separated from discrete Br~ anions. The copper atoms and both 
bromine atoms lie on a twofold rotation axis in the cell, and the geometry at the copper atoms is intermediate 
between tetragonal pyramidal and trigonal bipyramidal. The pyridine nitrogen atoms are trans, the N -C u -N  
angle being 178.0(2)°, while the N(amine)-Cu-N(amine) and Br-Cu-N(amine) angles are 149.4(3)° and 
105.3(1)°, respectively. The Cu-Br bond length of 2.702(2) A is very long, but does not appear to result 
from intramolecular contacts. The monomeric nature of the complex, which is in contrast to the structure 
of Cu(AEP)Br2, is consistent with its magnetic properties.

Introduction

The preparations of complexes of the types Cu- 
(AEP)2X 2 and Cu(AEP)X2, where AEP is 2-(2-amino- 
ethyl)pyridine, have been reported by Uhlig and 
Maaser,1 and these workers suggested that the com­
plexes Cu(AEP)X2 are dimeric with five-coordinate 
geometry at the copper atoms while those of formula­
tion Cu(AEP)2X 2 are monomeric and six coordinate. 
Our recent report of the structure2 of Cu(AEP)Br2, 
however, shows that this complex is polymeric, con­
taining both Cu-Br-Cu chains and dimer-type Cu- 
Br-Cu-Br linkages, and that the copper atoms are six 
coordinate.

The magnetic properties of the complex of formula­
tion Cu(AEP)2Br2 are consistent with a monomeric 
structure, since the Curie-Weiss law is obeyed to 
2.9°K,3 but weak dimeric or polymeric interactions 
cannot be ruled out on the basis of magnetic suscepti­
bility data alone. The great water solubility of this 
complex, however, did not seem to us to be consistent 
with any polymeric model, but suggested that the com­
plex might be ionic. Such an ionic species could not be 
ruled out in view of the known, five-coordinate geom­
etry of the complex Cu(bipy)2I2 (where bipy =  2,2'- 
bipyridine), in which there are [Cu(bipy)2I ]+ cations 
and discrete I -  anions.4

In order to further our studies of the relationship 
between structural and magnetic properties,2'3,5-10 
and especially to make a comparison between the com­
plexes Cu(AEP)2X 2 and Cu(AEP)X2, we have under­

taken a precise three-dimensional structural investiga­
tion of the complex Cu(AEP)2Br2.

Experimental Section
The preparations of complexes of formulation Cu- 

(AEP)2X 2- H20, where AEP is 2-(2-aminoethyl)pyr- 
idine and X  is chlorine or bromine, have been reported 
by Uhlig and Maaser.1 These authors report that the 
complex Cu(AEP)2Br2-H20 , for example, is formed by 
the reaction of CuBr2 with excess AEP in aqueous solu­
tion, and assumed that the complex is probably a te- 
tragonally distorted octahedron with trans bromine 
atoms, analogous to the known structure11 of trans- 
dinitrotetraamminecopper(II).

(1) E. Uhlig and M. Maaser, Z . Arwrg. Allg. Chem., 322, 25 (1963).
(2) V. C. Copeland, P. Singh, W. E. Hatfield, and D. J. Hodgson, 
Inorg. Chem., 11, 1826 (1972).
(3) D. Y. Jeter, W. E. Hatfield, and D. J. Hodgson, J. Phys. Chem., 
76, 2707 (1972).
(4) G. A. Barclay, B. F. Hoskins, and C. H. L. Kennard, J. Chem. 
Soc., 5691 (1963).
(5) D. L. Lewis, W. E. Hatfield, and D. J. Hodgson, Inorg. Chem., 
in press.
(6) J. A. Barnes, D. J. Hodgson, and W. E. Hatfield, ibid., 11, 144 
(1972).
(7) D. J. Hodgson, P. K. Hale, and W. E. Hatfield, ibid., 10, 1061 
(1971).
(8) D. Y. Jeter, D. J. Hodgson, and W. E. Hatfield, Inorg. Chim. 
Acta, 5, 257 (1971).
(9) D. Y. Jeter, D. J. Hodgson, and W. E. Hatfield, Inorg. Chem., 
11, 185 (1972).
(10) J. A. Barnes, W. E. Hatfield, and D. J. Hodgson, Chem. Com­
mun., 1593 (1970).
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We find that the reaction of CuBr2 with excess AEP 
in 95% ethanol gives a deep blue solution from which 
blue crystals of formulation Cu(AEP)2Br2 (anhydrous) 
precipitate. The complex melts at 140°, while Cu- 
(AEP)2Br2-H20  melts1 at 130°. Anal. Calcd for 
CuBr2Ci4N4H2o: C, 35.95; N, 11.98; H, 4.31; Br, 
34.17. Found:12 C, 35.84; N, 12.04; H, 4.50; Br, 
33.99.

Examination of the crystals by precession and 
Weissenberg photography indicated that the crystals 
belong to the monoclinic system, and the observed sys­
tematic absences of hkl for h -f- k odd and hOl for l 
odd suggest that the space group is either C2/c or Cc; 
examination of the statistical distribution of the nor­
malized structure factors obtained from a Wilson plot 
suggested that the centrosymmetric space group (C2/c) 
is appropriate, and this was confirmed by the successful 
refinement of the structure. The cell constants, ob­
tained by the least-squares procedure of Busing and 
Levy,13 are a =  8.883(6) A, b =  11.853(13) A, c =  
16.940(14) A and /3 =  67.57(3)°. A density of 1.885 
g cm-3 calculated for four formula units in the cell is 
in acceptable agreement with the value of 1.87(2) g 
cm-3 obtained experimentally by flotation in dibromo- 
ethane-dichloromethane solution. Hence, the copper 
atom is constrained to lie either on a twofold axis or on 
an inversion center.

Diffraction data were obtained from a hexagonal 
plate crystal with hexagonal faces (110) and (110) and 
rectangular faces (001), (001), (110), (TlO), (111), and 
(111). The separations between opposite faces were 
the following: (001) and (001), 0.074 cm; (llO) and 
(110), 0.033 cm; ( i l l )  and (111), 0.074 cm; (110) and 
(110), 0.027 cm. The crystal was mounted normal to 
the (103) planes, and data were collected using Mo K a  
radiation and a Nb filter on a Picker four-circle auto­
matic diffractometer in the manner previously de­
scribed,7 at a scan rate of l° /m in  and with scans from 
—0.7° from the calculated Ken peak to +0 .7° from the 
calculated K a 2 peak position. Data were collected 
out to a value of 26 =  55°, a total of 2061 independent 
intensities being recorded. Most of the data with 26 
>  52° were extremely weak, and there were very few 
intensities above background at values of 26 >  55°.

The data were processed by the method of Corfield, 
Doedens, and Ibers,14 the standard deviations of the 
intensities being estimated from the usual expression

a(I) =  [C +  0 .2 5 (isAb)2(B H +  Bl) +  p 2/ 2] *

with p chosen as 0.05.16 An absorption correction was 
applied to the data; the linear absorption coefficient u 
for these atoms and Mo Ka radiation is 65.2 cm-1, and 
for the crystal used the transmission coefficients were 
found to lie in the range 0.138-0.311.16 Of the 2061 
independent intensities measured, 1539 exceeded three 
times their estimated standard deviations and 1620 
exceeded twice their estimated standard deviations.

Solution and Refinement
The locations of the copper atom and two indepen­

dent bromine atoms were found in a three-dimensional 
Patterson function. The presence of two independent 
bromine atoms instead of the expected single bromine 
atom is due to the bromine’s lying on special positions 
in the cell; both bromine atoms and the copper atom 
were found to lie on the twofold axis. Four cycles of 
least-squares refinement of these positions were run. 
All least-squares refinements in this analysis were car­
ried out on F, the function minimized being 2w(\F0\ — 
|F„|)2 and the weights w being taken as 4F02/<r2(F02). 
In all calculations of Fc the atomic scattering factors 
for Cu and Br were taken from Cromer and Waber,17 
that for H was taken from Stewart, Davidson, and 
Simpson,18 and those for C and N were taken from the 
tabulation of Ibers.19 The effects of anomalous dis­
persion were included in calculations of Fc,20 the values 
of A /' and A /"  being taken from the tabulation of 
Cromer.21 Only the 1539 independent intensities 
which were greater than three times their estimated 
standard deviations were used in the initial refinement 
of the structure.

Initially, the three atoms were assigned variable iso­
tropic thermal parameters. After four cycles of least- 
squares refinement, using the data before they had been 
corrected for absorption effects, the usual agreement 
factors Ri =  2||F0| — |FC|/S|F0| and R2 =  (2iu(|F0| 
— |F0|)2/ 2 w(Fo) 2) 1/! were 0.249 and 0.283, respectively. 
A difference Fourier synthesis revealed the carbon and 
nitrogen atoms of the AEP ligand, and two cycles of 
least-squares with variable isotropic thermal param­
eters assigned to all atoms gave values of 0.122 and 
0.159 for Ri and R2. The positions of the hydrogen 
atoms were located in a difference Fourier synthesis. 
After the absorption correction had been applied (vide 
supra), two cycles of least-squares refinement using the 
1620 intensities which were greater than twice their

(11) M. A. Porai-Koshits and M. Bukovska, Kristallografiya, 6, 381 
(1961).
(12) Analyses were performed by Galbraith Laboratories, Inc., 
Knoxville, Tenn.
(13) W. R. Busing and H. A. Levy, Acta Crystallogr., 22, 457 (1967).
(14) P. W. R. Corfield, R. J. Doedens, and J. A. Ibers, Inorg. Chem.,
6, 197 (1967).
(15) W. R. Busing and H. A. Levy, J. Chem. Phys., 26, 563 (1957).
(16) The programs for the IBM 360/75 used in this analysis were 
local modifications of Hamilton’s g o n o  absorption correction pro­
gram, Ibers’ n u c l s  least-squares program, Busing, Martin, and 
Levy’s o r f f e  function and error program, Zalkin’s f o r d a p  Fourier 
program, Doedens’ r s c a n  program, and various local programs.
(17) D. T. Cromer and J. T. Waber, Acta Crystallogr., 18, 104 
(1965).
(18) R. F. Stewart, E. R. Davidson, and W. T. Simpson, J. Chem. 
Phys., 42, 3175 (1965).
(19) J. A. Ibers, “ International Tables for X-Ray Crystallography,” 
Vol. Ill, Kynoch Press, Birmingham, England, Table 3.3.1 A.
(20) J. A. Ibers and W. C. Hamilton, Acta Crystallogr., 17, 781 
(1964).
(21) D. T. Cromer, ibid,., 18, 17 (1965).
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estimated standard deviations were run. The non­
hydrogen atoms were assigned variable anisotropic 
thermal parameters and the hydrogen atoms were 
assigned variable isotropic thermal parameters, and 
all positional and thermal parameters (including the 
hydrogen parameters) were refined. The final values 
of R\ and R2 were 0.044 and 0.056, respectively.

A final difference Fourier map was featureless, with 
no peak higher than 0.6 e A~3; the peak height of a 
nitrogen atom in this analysis was about 7 e A -3. Ex­
amination of the data suggested to us that no correc­
tion for secondary extinction was necessary. In the 
final cycle of least-squares refinement, no parameter 
experienced a shift greater than one-half of its esti­
mated standard deviation, which was taken as evidence 
that the refinement had converged.

The positional and thermal parameters derived from 
the last cycle of least-squares refinement, along with 
their associated standard deviations as estimated from 
the inverse matrix, are presented in Tables I and II. 
A table of observed and calculated structure amplitudes 
is available.22

Table I : Positional Parameters for [Cu(C7N2Hio)2Br]Br

Atom X V 2

Cu ‘A 0.38308(6)“ ‘A
B r(l)6 ‘A 0.15509(5) *A
Br(2) ’A 0.72343(6) 4A
N (l) 0.4590(4) 0.3801(3) 0.3784(2)
N(2) 0.2672(5) 0.4282(4) 0.2725(3)
C (l) 0 .3379(5) 0.4351(3) 0.4393 (3)
C(2) 0.3086(6) 0.4190(4) 0.5250(3)
C(3) 0.4062(6) 0.3519(4) 0.5496(3)
C(4) 0.5342(6) 0.2978(4) 0.4864(3)
C(5) 0.5548(5) 0.3134(4) 0.4034(3)
C(6) 0.2314(6) 0.5103(4) 0.4122(3)
C(7) 0.1526(5) 0.4492(4) 0.3608(3)
H (2)c 0.241(7) 0 .458(4 ) 0 .554(4)
H(3) 0 .393(6) 0 .357(4 ) 0 .604(3)
H(4) 0 .597(7) 0 .264(4) 0 .498(3)
H(5) 0 .620(6) 0 .284(4) 0 .373(3)
H(61) 0 .129(7) 0 .538(5) 0 .467(4)
H(62) 0.299 (7) 0 .577(5) 0 .379(4)
H(71) 0 .070(7) 0 .507(6) 0 .359(3)
H(72) 0 .127(6) 0 .370(5) 0 .384(3)
H(N1) 0 .293(9) 0 .491(9) 0 .246(4)
H(N2) 0 .266(8) 0 .344(9) 0 .240(4)

a The numbers in parentheses here and elsewhere in this 
paper are the estimated standard deviations in the least sig­
nificant digit. 6 The numbering scheme for the nonhydrogen 
atoms is shown in Figure 1. c The H atoms are numbered with 
reference to the C or N atoms to which they are bonded. Thus, 
H(4) is bonded to C(4), H(61) and H(62) to C(6), H(N1) and 
H(N2) to N(2).

Description of the Structure
The complex consists of monomeric, five-coordinated 

[Cu(AEP)2Br] + cations and discrete Br~ anions. The

C 7

Figure 1. View of the coordination geometry around the 
eopper(II) in [Cu(AEP)2Br]+. Hydrogen atoms have been 
omitted for clarity, and the thermal ellipsoids are drawn at 
the 40%  probability level. The Cu and Br atoms lie on a 
twofold rotation axis, and atoms designated by a prime are 
related to the reference atom by the twofold rotation.

copper and both bromine atoms lie on a twofold rota­
tion axis, and the geometry of the cation is shown in 
Figure 1. The coordination around the copper atoms 
is intermediate between trigonal bipyramidal and 
tetragonal pyramidal, the observed bond angles being 
within two standard deviations of the average of the 
values for the two idealized forms; thus, for example, 
the N (2)-C u -N (2)' angle of 149.4(3)° is approximately 
the average of the values of 120 and 180° calculated for 
trigonal bipyramidal and tetragonal pyramidal geom­
etries. The five-coordinate, ionic nature of the com­
plex is analogous to that found4 in [Cu(bipy)2I]I, but 
the geometries at the copper atoms in the two struc­
tures are very different since in [Cu(bipy)2I ]+ there are 
only small deviations from trigonal bipyramidal ge­
ometry.4 The bond distances and angles found in 
[Cu(AEP)2Br]+ are listed in Table III.

The complex is clearly monomeric, which is consis­
tent with the observation3 that its magnetic suscepti­
bility follows the Curie-Weiss law to at least 2.9°K;

' o
the closest Cu-Cu approach is 7.408(2) A. The non- 
bonded bromide ion is 4.034(2) A from the copper in 
the direction trans to the bonded bromine atom. The 
C u -N (l) bond length of 2.065(3) A is similar to the 
values reported for other Cu(II) complexes of pyridine 
and substituted pyridines. Thus, it is slightly longer 
than the values of 1.980(6) and 1.985(6) A in^dibromo- 
bis(2-methylpyridine)copper(II),23 2.00(1) A i% di- 
chIorobis(4-ethylpyridine)copper(II),24 2.021(5) A in 
dibromo(2-(2-aminoethyl)pyridine)copper(II),2 1.98(1) 
and 2.02(1) A in dichlorobis(2-methylpyridine)cop- 
per(II),25 and 2.02 A in dichlorobis(pyridine)cop-

(22) A listing of structure factors will appear following these pages 
in the microfilm edition of this volume of the journal. Single copies 
may be obtained from the Business Operations Office, Books and 
Journals Division, American Chemical Society, 1155 Sixteenth St., 
N.W., Washington, D. C. 20036, by referring to code number 
JPC-72-2887. Remit check or money order for $3.00 for photocopy 
or $2.00 for microfiche.
(23) P. Singh, D. Y. Jeter, W. E. Hatfield, and D. J. Hodgson, 
Inorg. Chem., 11, 1657 (1972).
(24) M. Laing and G. Carr, J. Chem. Soc. A , 1141 (1971).
(25) V. F. Duckworth and N. C. Stephenson, Acta Crystallogr., 
Sect. B, 25, 1795 (1969).
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Table II: Thermal Parameters for [Cu(C7N2Hi0)2Br]Br

Atom
0n“ or 
B(A!) 022 033 012 013 023

Cu 0.0081 (1) 0.00586(6) 0.00220(3) 0 -0 .0 0 0 7 6 (4 ) 0
B r(l) 0.0153(1) 0.00486(4) 0.00311 (3) 0 -0 .0 0 2 7 6  (4) 0
Br(2) 0.0114(1) 0.00944(7) 0.00405(3) 0 -0 .00261  (5) 0
N (l) 0.0101(5) 0.0047(2) 0.0024(1) 0.0007(3) -0 .0 0 1 0 (2 ) - 0 .0 0 0 1  (1)
N(2) 0.0101(6) 0.0081(3) 0.0031(2) 0.0018(3) -0 .0 0 1 4 (2 ) -0 .0 0 0 2 (2 )
C (l) 0.0097(6) 0.0043(3) 0.0026(2) 0.0001(3) -0 .0 0 1 0 (3 ) -0 .0 0 0 2 (2 )
C(2) 0.0114(7) 0.0061(3) 0.0022(2) 0.0002(4) 0.0000(3) -0 .0 0 0 2 (2 )
C(3) 0.0149(8) 0.0073(4) 0.0021(2) -0 .0 0 0 4 (4 ) -0 .0 0 1 7 (3 ) 0.0002(2)
C(4) 0.0130(8) 0.0060(3) 0.0038(2) 0.0010(4) -0 .0 0 3 2 (3 ) -0 .0 0 0 2 (2 )
C(5) 0.0087(6) 0.0057(3) 0.0029(2) 0.0016(4) -0 .0 0 1 2 (3 ) -0 .0 0 0 5 (2 )
C(6) 0.0126(7) 0.0053(3) 0.0028(2) 0.0027(4) -0 .0 0 0 3 (3 ) 0.0000(2)
C(7) 0.0079(6) 0.0072(4) 0.0031(2) 0.0017(4) -0 .0 0 0 5  (3) 0.0008(2)
H(2) 3 .3 (12)
H (3) 4 .0 (12 )
H(4) 2 .6 (10)
H (5) 2 .3 (10)
H(61) 4 .1 (1 3 )
H(62) 5 .1 (13)
H(71) 4 .3 (1 3 )
H(72) 4 .3 (1 1 )
H(N1) 9 (3 )
H(N2) 10(2)

» The form of the anisotropic thermal ellipsoid is exp [ — (0nh2 +  fefc2 +  /W 2 +  20nhk +  20uhl +  2f3xkl)].

Table III : Internuclear Distances and Angles 
in [Cu(C7N2H10)2Br]Bra

•Distance, A-------------. ----------------- Angle, deg-

C u -B r(l) 2.702(2) N (l) -C u -N (l ) ' 178.0(2)
Cu-Br(2) 4.034(4) N (2 )-C u-N (2)' 149.4(3)
C u -N (l) 2.065(3) N (l)-C u -N (2 ) 92 .8 (2 )
Cu-N (2) 2.027(4) N (l)-C u -N (2 )' 87 .7 (2 )
N (l) -C ( l) 1.342(5) B r (l)-C u -N (l) 89.01(9)
N (l)-C (5 ) 1.342(5) B r(l)-C u -N (2 ) 105.3(1)
N (2)-C(7) 1.475(6) C (l)-N (l)-C (5 ) 117.6(4)
C (l)-C (2 ) 1.388 (6) N (l)-C (l) -C (2 ) 120.9(4)
C(2)-C (3) 1.355(7) N (l)-C (l)-C (6 ) 118.1(4)
C (3)-C(4) 1.387(7) C (2 )-C (l)-C (6 ) 121.0(4)
C (4)-C(5) 1.359(7) C (l)-C (2 )-C (3 ) 121.1(4)
C (l)-C (6 ) 1.493(6) C (2)-C (3)-C (4) 117.8(4)
C (6)-C(7) 1.495(7) C (3)-C (4)-C (5) 119.0(5)
C(2)-H (2) 0.77(6) N (l)-C (5 )-C (4 ) 123.7(4)
C(3)-H (3) 0.89(5) C (l)-C (6 )-C (7 ) 112.4(4)
C(4)-H (4) 0.77(5) C (6)-C (7)-N (2) 112.1(4)
C(5)-H (5) 0.70(5)
C(6)-H (61) 1.08(6)
C(6)-H(62) 1.03(6)
C(7)-H (71) 1.02(7)
C(7)-H(72) 1.01(5)
N (2)-H (N 1) 0.86(10)
N (2)-H (N 2) 1.14(9)

“ Atoms designated with a prime are related to the reference 
atom by the twofold rotation.

per(II),26 but is shorter than the value of 2.16(1) A 
found in 2-methylpyridinecopper(II) chloroacetate.27 
Similarly, the Cu-N(2) bond length of 2.027(4) A is

consistent with the copper(II)-amine bond lengths of
o

1.971(2) and 1.984(2) A in carbonatodiamminecop- 
per(II),28 2.012(9) and 2.017(9) A in selenatotetraam- 
minecopper(II),23 2.031(6) and 2.032 A in sulfatotetra- 
amminecopper(II),29 and in many other related sys­
tems,30-35 all of which fall in the range 1.97-2.07 A.

The bonded Cu-Br(l) distance is longer than any 
terminal Cu-Br bond that could be found in the litera­
ture. In dibromobis(2,3-dimethylpyridine)copper- 
(II),36 Cu(AEP)Br2,2 and dibromobis(2-methylpyri- 
dine)copper(II),23 the terminal Cu-Br bond lengths 
fall in the range 2.388-2.413 A, which might, therefore, 
be considered “ normal”  for systems of this type. In 
CuBr63~, the Cu-Br distances are37 2.450(2) and 2.519-
(2) A, and this latter is the longest terminal Cu-Br 
bond length found in the literature; the sum of the

(26) J. D. Dunitz, Acta Crystallogr., 10, 307 (1957).
(27) G. Davey and F. S. Stephens, J. Chem. Soc. A , 2803 (1970).
(28) M. H. Meyer, P. Singh, W. E. Hatfield, and D. J. Hodgson, 
Acta Cryst., Sect. B, 28, 1607 (1972).
(29) B. Morosin, Acta Crystallogr., Sect. B, 25, 19 (1969).
(30) M. B. Cingi, C. Guastini, A. Musatti, and M. Nardelli, ibid., 
26, 1836 (1970).
(31) I. Agrell, Acta Chem. Scand., 20, 1281 (1966).
(32) T. Distler and P. A. Vaughan, Inorg. Chem., 6, 126 (1967).
(33) Y. Iitaka, K. Shimizu, and T. Kwan, Acta Cryst., 20, 803 
(1966).
(34) B. W. Brown and E. C. Lingafelter, ibid., 17, 254 (1964).
(35) Y. Komiyama and E. C. Lingafelter, ibid., 17, 1145 (1964).
(36) W. Stahlin and H. R. Ostwald, Acta Crystallogr., Sect. B, 27, 
1368 (1971).
(37) S. A. Goldfield and K. N. Raymond, Inorg. Chem., 10, 2604 
(1971).
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covalent radii38 of Cu(II) (1.35) and Br (1.14) leads to 
a single bond value of 2.49 A, in good agreement with 
these values. The bond length of 2.702(2) A found 
here is significantly greater than all of these examples, 
and is very similar to the value of 2.70 A found for the 
Cu-I bond4 in [Cu(bipy)2I] + ; the sum of the covalent 
radii38 of Cu(II) and I is 2.68 A.

In an attempt to discover the cause of this anomalous 
Cu-Br bond length, we made a series of calculations in 
which the B r(l) atom was bonded more closely to the 
Cu atom but the other atoms maintained their ob­
served positions. When the Cu-Br bond length was 
set to 2.41 A there were Br- -N  and Br - ■ - C contacts 
of 3.146 and 3.235 A, respectively, and with a Cu-Br 
bond length of 2.52 A these contacts were 3.230 and

o
3.290 A, respectively; in the observed molecule, the 
closest separations are 3.372 and 3.388 A. While 
these Br ■ • • N contacts are less than the sum of the 
atomic van der Waals radii reported by Pauling,38 none 
of them can be regarded as severe since in dibromobis- 
(2-methylpyridine)copper(II) there are four B r -•-N 
separations in the range 3.118(7)-3.148(7) A ,23 in Cu- 
(AEP)Br2 there is a Br - ■ - N distance of 3.195 A,2 and 
in dibromobis(2,3-dimethylpyridine) there are Br - • -N 
contacts of 3.101(9) and 3.105(9) A .36 In none of these 
cases cited is the apparent contraction of the Br • • • N 
separations due to hydrogen bonding, since the nitro­
gen atoms involved are pyridine nitrogen atoms and 
have no hydrogen atom attached. Hence, the length­
ening of the Cu-Br bond cannot be attributed to intra­
molecular contacts. There is no evidence of any hy­
drogen bonding involving this bromine; the closest 
B r (l)---N (2 ) separation is 3.702(3) A, with a corre­
sponding B r(l)- • -H separation of 3.11 A and an as­
sociated B r(l)- • -H -N (2) angle of 112°. These values 
preclude any hydrogen bond formation,39 since the 
Br • • • N separation is considerably larger than the sum 
of the van der Waals radii and the Br - • - H distance 
in hydrogen bonded systems has been reported to be 
approximately 2.43 A.40-41

The geometry of the substituted pyridine ring is 
normal. The C -N (l) bond lengths of 1.342(5) and 
1.342(5) in the AEP ligand are in excellent agreement 
with the mean value of 1.342(11) A in dibromobis(2- 
methylpyridine)copper(II)23 and the values of 1.33(1) 
and 1.342(9) A in the AEP ligand in Cu(AEP)Br2,2 
and also with the mean value of 1.352 A reported for 
heterocyclic compounds by Sutton.42 While there are 
wide variations in the C -C  bond lengths in the ring, it 
is evident that the C (l)-C (2 ) bond, which is adjacent 
to the exocyclic portion of the ligand, is slightly longer 
(1.388(6) A) than the average length of 1.367(13) A 
for the other ring C -C  bonds. The exocyclic C -C  
bond lengths of 1.493(6) and 1.495(7) A, however, are

relatively short. This shortening of the exocyclic C -C  
bond and lengthening of the adjacent ring C -C  bond 
have been observed in analogous systems,2,23-25 and 
can be ascribed to a drift of electron density from the 
ring toward the exocyclic moiety.23 The bond angles 
in the ring are normal, falling in the range of 117.6(4)— 
123.7(4)°. The pyridine ring is planar, with no atom 
deviating from the least-squares plane by more than 
0.018 A.

The geometry at the copper(II) atoms is quite differ­
ent from that proposed by Uhlig and Maaser,1 and we 
have made some calculations of the intramolecular con­
tacts which would result if the AEP ligands maintained 
their observed geometry and position but the non- 
bonded Br(2) ion were within bonding distance of the 
metal. In these models as in the previous calculations 
involving B r(l) (vide supra) the bromine atom was con­
strained to lie on the twofold axis. With a normal 
bonded Cu-Br separation of 2.41 A, there would be
Br- • -N(2) contacts as short as 2.709 A, and when the

°Cu-Br distance is increased to 2.52 A there are still 
Br - • -N(2) interactions of 2.786 A; this contact is in­
creased to only 2.919 A when the Cu-Br(2) bond length 
is set equal to the very long C u-B r(l) value of 2.702 A. 
All of these Br- • - N contacts would cause severe strain 
in the molecule and are significantly shorter than any 
Br • ■ • N contacts which could be found in the litera­
ture. While these calculated contacts do explain why 
the Br(2) ion cannot bond to the [Cu(AEP)2Br] + 
moiety if the cation maintains its present geometry, 
there is no obvious reason why the AEP ligands could 
not move upward (in the direction of B r(l)) to reduce 
this strain. It would be of great interest to compare 
this structure with those of the corresponding iodo and 
chloro complexes to see whether any further light can 
be shed on this problem.
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The dielectric properties of ethylene carbonate and propylene carbonate have been studied by  a pulse reflec­
tion technique and ac measurements in the frequency range 1-9000 M H z. Equilibrium dielectric constants 
for the pure liquids and mixtures with other liquid dielectrics are consistent with the absence of specific inter- 
molecular forces. The dipole relaxation process is described by  the Debye equations with relaxation times 
in the picosecond region at room temperature and the nanosecond region for supercooled propylene carbonate 
at — 78°. The apparent limiting high-frequency dielectric constant in both liquids is approximately 10 suggest­
ing the existence of a second dispersion region at frequencies above 9000 M H z. The relaxation times and the 
viscosity of propylene carbonate are described by  an empirical rate equation of the form previously applied 
b y  Davidson and Cole to their measurements for 1-propanol, propylene glycol, and glycerol.

Introduction
Several studies of the dielectric properties of the 

cyclic carbonates have been reported in the litera­
ture.1-3 They show that these compounds have un­
usually high dielectric constants which in general can 
be attributed to large permanent dipole moments 
rather than to specific intermolecular association of the 
type responsible for the high dielectric constant of, for 
example, water or the N monoalkyl amides.4 How­
ever, the evidence is not entirely unambiguous. For 
example, the Trouton’s constants for both ethylene 
carbonate and propylene carbonate are significantly 
higher than the usual value for nonassociated liquids. 
Also the occurrence of doublets in the carbonyl 
stretching band of the ir spectrum has been reported in 
the case of ethylene carbonate and some closely re­
lated compounds, but not however in propylene car­
bonate.5 Similar effects in the ir spectra of halogenated 
esters of acetic acid have been attributed to molecular 
association6 or rotational isomerism.7 Since the latter 
could hardly explain the phenomenon in the case of 
ethylene carbonate the spectroscopic data seem to 
point to the possibility of association.

In order to explore this problem further, we have in­
vestigated the dipole relaxation process in these com­
pounds by extending the dielectric measurements into 
the microwave frequency range. Accurate measure­
ments of the static dielectric constant at 1 MHz for 
ethylene carbonate, propylene carbonate, and mixtures 
of the latter with methanol, 4-butyrolactone, and di­
ethyl carbonate are also reported.

Experimental Section
A. Purification and Manipulation of Solvents. Pro­

pylene carbonate (Matheson Coleman and Bell) was

purified by distillation under reduced pressure on a 
Podbielniak Semi-Cal (Series 3650) adiabatic frac­
tional distillation column using a reflux ratio of 10. 
The pressure and temperature at the head of the column 
were maintained at 0.1-0.3 Torr and 55-60°, respec­
tively. The kettle temperature was kept below 110° 
to avoid decomposition. The middle fraction was col­
lected and analyzed by gas chromatography using a 2- 
ft copper column packed with cross-linked polystyrene 
beads (Porapak Q) in a Model 500 F & hi chromato­
graph with thermal conductivity detector. The dis­
tillate contained less than 10 ppm of water and no other 
detectable low-boiling impurities. Specific conduc­
tance was in the range 10-7-10 -8 (ohm cm)-1. Eth­
ylene carbonate (Matheson Coleman and Bell) was 
dried with 4A molecular sieves then distilled twice 
under reduced pressure on a 40-cm heated glass column 
packed with glass helices. Chromatographic analysis 
of the middle fraction indicated less than 10 ppm of 
water and one other unidentified low-boiling impurity 
of low concentration. The melting point was 36.6° 
and the specific conductance 10-7-10 -8 (ohm cm )-1.

Diethyl carbonate, methanol, and 4-butyrolactone 
were likewise purified by distillation after drying with 
molecular sieves. All solvents were routinely analyzed 
for water and other impurities. All manipulation of

(1) R. P. Seward and E. C. Vieira, J. Phys. Chem., 62, 127 (1958).
(2) R. Kempa and W. H. Lee, J. Chem. Soc., 1936 (1958).
(3) L. Simeral and R. L. Amey, J. Phys. Chem., 74, 1443 (1970).
(4) C. P. Smyth, “Dielectric Behavior and Structure,” McGraw- 
Hill, New York, N. Y., 1955.
(5) J. L. Hales, J. I. Jones, and W. Kynaston, J . Chem. Soc., 618 
(1957).
(6) E T. McBee and D. L. Christman, J. Amer. Chem. Soc., 77, 755 
(1955).
(7) M. Josien and M. R. Callas, C. R. Acad. Sci., 240, 1641 (1955).
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nonaqueous solvents was performed in a drybox 
(Vacuum Atmospheres Model HE-553-2).

Ordinary distilled water was redistilled from alkaline 
permanganate and again distilled under reduced pres­
sure on a 1-m insulated Pyrex column packed with 
Raschig rings. The specific conductance of the product 
was in the range 2-5 X 10~7 (ohm cm )-1.

B. Measurement of Static Dielectric Constant. The 
static dielectric constant was measured at a fixed fre­
quency of 1 MHz using a cell similar to that described 
by Connor, Clarke, and Smyth.8 Concentric brass 
electrodes were threaded onto a Teflon base which also 
formed part of a water circulation jacket. Banana 
plugs screwed into the electrodes at the base of the cell 
enabled the cell to be plugged directly into General 
Radio Type 938 binding posts.

The cell capacitance was measured by a substitution 
method using a General Radio Type 1606A bridge and 
Type 1722N precision variable capacitor. The overall 
sensitivity of the arrangement was 0.05 pf or 0.01% for 
the water-filled cell. The accuracy of the 1722N ca­
pacitor was improved from the nominal value of ±0.3 pf 
to better than ±0.1 pf by calibration against a General 
Radio Type 1615A transformer ratio-arm bridge at 1 
kHz.

The cell constants were determined, from measure­
ments made with air, water, and methanol in the cell 
using standard dielectric constant values at 25° of 
78.30 for water9 and 32.63 for methanol.10 The capac­
itance of the air-filled cell measured on a Hewlett- 
Packard Type 250A R X  bridge at 1 MHz was 8.26 pf. 
The capacitance of the cell filled with a liquid of di­
electric constant e is given by

C  =  Co« +  C  ( 1 )
where C0 is the geometric capacitance of the air-filled 
space and C  is the invariant capacitance associated 
with the Teflon-spaced portion of the electrode area 
and the terminals. The values of C0 and C  were estab­
lished as 5.890 and 2.37 pf, respectively. A small 
change in Co was observed over a long period of time.

In arriving at the cell constants (and in subsequent 
measurements) due consideration was given to the 
effects of solvent conductance and residual inductance 
of both the precision condenser and the cell. The 
1606A bridge measures the equivalent series RC com­
bination. It was necessary therefore to transform the 
cell impedance to the equivalent parallel combination 
in cases where the effect of solvent conductance was 
measurable. However, the difference between the 
series capacitance and equivalent parallel capacitance 
was usually negligible and amounted to less than 1% in 
the worst case {i.e., in the case of water). The correc­
tion for inductance from all sources was usually less 
than 0.1%.

The temperature of the cell was controlled to ±0.03° 
by circulating water through the jacket from a thermo­

stat bath. The water temperature was measured in 
the jacket using NBS calibrated ASTM thermometers 
with a precision of 0.02°. Partial immersion errors 
were shown to be negligible under the experimental 
conditions. The variation with temperature of Co, the 
air capacitance of the cell, was calculated from consid­
eration of the thermal expansion of the electrodes. 
This was considered a more accurate procedure than 
measuring the cell constant at different temperatures 
using a standard calibration liquid such as water. 
This was however also done routinely as a check on the 
procedure using the accurate water data of Malmberg 
and Maryott.9 The total calculated variation of C0 
between 0 and 70° was 0.13% which was confirmed 
within experimental error by the measurements.

C. Measurement of Dielectric Constant and Loss at
1-250 MHz. Measurements at frequencies up to 250 
MHz were made with a coaxial displacement cell sim­
ilar to the cell described by Lovell and Cole,11 using a 
Hewlett-Packard Type 250A bridge. Improved elec­
trical characteristics were obtained by constructing the 
cell from General Radio Type 900 precision rod and 
tubing using a Type 900 BT precision coaxial connector 
with a slightly modified bead to form the base of the 
cell.

For a perfectly fitting plunger the complex dielectric 
constant of the liquid (e*) is related to the measured 
changes in the parallel capacitance (AC) and con­
ductance (AG) for a given displacement (/) according to

C0l(e* -  e<) = A C - j  —  (2)
Cd

where C0 is the geometric capacitance per unit length 
of the cell, et is the dielectric constant of the plunger 
material, and u is the angular frequency of the ac 
signal. By equating real and imaginary parts in eq 2, 
the dielectric constant (e') and loss (e") are shown to 
be

«' = «< +  AC/CoZ (3)

e" = AG/uCol (4)

From a prior knowledge of et and the dimensions of 
the cell the method in principle allows absolute measure­
ment of the complex dielectric constant by measuring 
the changes of capacitance and conductance with dis­
placement of the plunger. In practice, however, the 
cell is imperfect since the plunger does not fit tightly. 
Also the fringing capacitance at the end of the inner 
electrode varies at small plunger settings due to collec-

(8) W. P. Connor, R. P. Clarke, and C. P. Smyth, J. Am er. Chem. 
Soc., 64, 1379 (1942).
(9) C. G. Malmberg and A. A. Maryott, J. Res. Nat. Bur. Stand., 
56, 1 (1956).
(10) R. Parsons, “Handbook of Electrochemical Constants,” 
Butterworths, London, 1959.
(11) S. E. Lovell and R. H. Cole, Rev. Sci. Instrum., 30, 361 (1959)
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tion of liquid above the electrode. This effect causes 
curvature of the capacitance vs. displacement plot at 
small (<0.05 cm) displacements. This problem was 
solved by extending the inner electrode with a Teflon 
cap 0.5 cm long. The cell capacitance was then found 
to be linearly dependent on the plunger displacement 
at least down to 0.005 cm above the cell floor. The 
problem of the imperfectly fitting plunger was 
considered by Lovell and Cole, who treated that part 
of the cell occupied by the plunger as two series con­
nected capacitors, i.e., the capacitance of the plunger 
(Ci) and the capacitance of the annular gap (C2) . The 
change in the cell impedance with plunger displacement 
is then given by

AC* =  e*C0l - (  Cl\ 6*6,Col
\  Cì)  t* +  etCi/Ci (5)

where AC* is defined by

AC* = AC (6)

An approximation for e* from eq 5 valid when |«*| >  3 
and Ci/C2 <  0.1 is

1 +  C1/C 2) +
AC*
C0l

Cx[~ e,2C01 '
C2_ AC* +  e,C„Z_ (7)

from which by equating real and imaginary parts 

t' — ««(I +  C1/C 2) +

AC _  Ci
Col ~  C2

et +  AC/CoZ
(1 +  A C/e«Co02 +  (AC/e(CoM2J

AC/ ColeoAC _  Ci
aCJ, C2_ (l +  AC/etCoiy +  (AC/e(C0(co)2 J

(8)

(9)

The value of Ci/C2 for our cell was 0.08 obtained from 
measurements on the air-filled cell using the exact 
formula of eq 5. The specified value of C0 (0.6667 pf 
±  0.07%) for the GR Type 900 coaxial stock was as­
sumed. The value of e7 was taken as 2.08. As a check 
of the correctness of the cell constants, calibration 
measurements were made at 1 MHz with air, methanol, 
and dimethyl sulfoxide which gave dielectric constants 
in satisfactory agreement with established values. The 
conditions for the approximation involved in eq 7-9 
were met for all the liquids studied. The last terms 
in eq 8 and 9 were negligibly small under all experi­
mental conditions encountered.

The problem of the impedance transforming proper­
ties of the internal transmission line connecting the 
bridge to the bridge terminal at high frequencies was 
solved by isolating the cell from the bridge by a X/2 
section. For measurements on nonconducting liquids 
below 20 MHz the cell could be mounted directly on 
the bridge using a GR Type 900-QNP adaptor. The 
effect of the series inductance of the internal line (0.019 
/uH) at 20 MHz calculated from the lead correction

equations given by Lovell and Cole proved to be neg­
ligible. For higher frequencies X/2 sections were con­
structed from General Radio Type 874 50-ohm line 
using a Type 874 LIvlOL adjustable line for the final 
adjustment of the length. For a loss-free line the 
measured impedance is equal to the impedance of the 
cell.12 The effect of resistive losses in the line on the 
measured impedance was checked by measurements 
with standard transmissions. The correction to the 
measured values of the cell capacitance and conductance 
was always less than 1%.

The temperature of the cell was controlled by cir­
culating water through a copper coil wrapped around 
the cell surrounded by fiber glass insulation. For 
measurements at low temperatures the cell was sur­
rounded by a reservoir filled with a mixture of Dry 
Ice in methanol.

D. Dielectric Constant and Loss at 250-9000 MHz. 
Impedance measurements at frequencies over 250 MHz 
were made by means of a General Radio Type 900 LB 
precision-slotted line. Up to 1000 MHz it was found 
possible to use the coaxial cell described in the previous 
section after replacing the inner electrode with a shorter 
electrode of only 1 mm total length. With this arrange­
ment the cell could be treated as a lumped impedance 
up to 1000 MHz. The cell was connected to the slotted 
line in a vertical orientation using a 90° ell section (GR 
900L) and its impedance obtained as a function of 
plunger displacement from measurements of the voltage 
standing wave ratio (VSWR) and the location of the 
voltage nodes on the line. The equivalent parallel RC 
components of the impedance were obtained directly 
from the measurements by solution of the transmission 
line equations.

At frequencies above 1000 MHz the dielectric con­
stant and loss were obtained by measuring the input im­
pedance of a short-circuited section of coaxial line filled 
with the dielectric using the method of Roberts and 
Yon Hippel.13 Details of the cell and experimental 
procedure are given elsewhere.14

E. Pulse Reflection Measurements. The response of 
a dielectric-filled section of transmission line to a fast 
rise-time square pulse was investigated using the 
method of time-domain reflectometry (TDR). The 
TDR method can, under favorable conditions, give 
quantitative information on the dielectric constant and 
loss.18,16 We have used the technique in this work to 
supplement the more accurate bridge and slotted line 
measurements.

The instrumentation used is essentially that described

(12) H. H. Skilling, “ Electric Transmission Lines,”  McGraw-IIill, 
New York, N. Y., 1951.
(13) S. Roberts and A. Von Hippel, J. Appl. Phys., 17, 610 (1946).
(14) R. Payne and I. E. Theodorou, Rev. Sci. Instrum., 42, 218 
(1971).
(15) H. Fellner-Feldegg, J. Phys. Chem., 73, 616 (1969).
(16) H. Fellner-Feldegg and E. F. Barnett, ibid., 74, 1962 (1970).
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previously.17 A transmission line of approximately 
250-cm electrical length was constructed from 40-cm 
lengths of General Radio Type 874 50-ohm air line. 
The cell consisted of a General Radio Type 900 LZ30 
reference air line terminated with a Type 900 WNC 
short circuit to give a dielectric-filled length of 30 cm. 
Hewlett-Packard pulse generators Type 215A (1 nsec 
rise time) and 213B (150 psec rise time) supplied the 
square pulses. The pulse and reflections were ob­
served on the line at the generator end by means of a 
Tektronix VP1 coaxial tee and P6034 or P6035 passive 
probe connected to a Tektronix Type 661 sampling 
oscilloscope with Type 4S2 sampling unit. The signal 
was usually recorded directly on a Moseley 135M X Y  
recorder. The overall rise time of this system is ap­
proximately 100 psec.

Results
A. Low-Frequency Measurements. Equilibrium di­

electric constants were measured at 1 MHz for ethylene 
carbonate from 40 to 70° and for propylene carbonate 
from 0 to 65°. The results given in Table I were cor-

Table I: Static Dielectric Constant (eo) Measured 
at 1 MHz and Kirkwood Correlation Factor (g) for 
Ethylene Carbonate and Propylene Carbonate“

Liquid T °c €0 0

Ethylene car­ 25 5.4
bonate 40 89.78 1.20(1.10)

50 85.81 1.20(1.09)
60 82.01 1.19(1.08)
70 78.51 1.18(1.06)

Propylene car­ -7 8 89 0.73(0.66)
bonate 0 71.03 0.99(0.89)

10 68.64
15 67.41
20 66.14
25 64.92 1.01(0.89)
30 63.70
35 62.58
40 61.42 1.02(0.89)
45 60.27
50 59.17
55 58.05
60 56.89 1.02(0.88)

“ Estimated accuracy of dielectric constant 0.1%. Correla­
tion factor calculated from eq 17.

rected for scale errors and inductance in the standard 
capacitor and cell inductance, and for the temperature 
dependence of the cell constant. The dielectric con­
stant of propylene carbonate was also measured at 
— 78° with the coaxial displacement cell using a General 
Radio Type 1615A bridge at 10 kHz. The uncertainty 
of the 1-MHz measurements is estimated at 0.1 % . The 
results are compared with previous measurements in 
Figures 1 and 2. The agreement is generally good.

Figure 1. Static dielectric constant as a function of temperature 
for ethylene carbonate.

Figure 2. Static dielectric constant as a function of 
temperature for propylene carbonate.

However, the ethylene carbonate data of Seward and 
Vieira1 are systematically lower than our results by up 
to 3%. A sample of propylene carbonate rigorously 
purified by the method of Jasinski and Kirkland,18 and 
supplied by them, gave results indistinguishable from 
those found with our material.

Dielectric constants were measured at 1 MHz for 
mixtures of propylene carbonate with water, diethyl 
carbonate, and 4-butyrolactone. The results are 
summarized in Figure 3 in the form of plots of the 
excess dielectric constant Ae defined by

A« =  em — (x ie i +  £ 2 6 2 ) G O )

where em is the measured value for the mixture, ei and 
e2 are the values for the pure components, and X\ and x2 
are their respective mole fractions in the mixture.

(17) R. Payne, J. Electroanal. Chem., 19, 1 (1968).
(18) R. J. Jasinski and S. Kirkland, Anal. Chem., 39, 1663 (1967).
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Figure 3. Excess dielectric constant as defined by eq 10 for 
mixtures of propylene carbonate with 4-butyrolactone, water, 
and diethyl carbonate at 25°.

Figure 4. Excess dielectric constant as defined by eq 10 for 
mixtures of ethylene carbonate with methanol, water, 
propylene carbonate, and benzene at 25° (data of 
Seward and Vieira1).

Similar results for ethylene carbonate mixtures cal­
culated from the data of Seward and Vieira1 are shown 
in Figure 4. In both cases mixtures of the cyclic car­
bonate with strongly polar liquids (and with each other) 
produce small deviations from ideal behavior whereas 
large negative deviations occur in mixtures with low- 
dielectric constant liquids. A miscibility gap occurs 
in the propylene carbonate-water system between 
approximately 30 and 90 mol %  of water at 25°.

B. Pulse Reflection Measurements. The pulse reflec­
tion technique gives two experimental parameters 
related to the dielectric constant of the liquid: the 
propagation time and the reflection coefficient. For a 
system which remains in equilibrium (no dispersion) 
the propagation time is proportional to the square root 
of the dielectric constant which can therefore be deter­
mined.

The reflection coefficient is the ratio of the height of 
the reflected pulse (ET) at the impedance discontinuity 
to that of the incident pulse (E ¡) and is given by trans­
mission line theory

Er Z — Zq

E\ Z -J- Zo ( 11)

where Z is the input impedance of the dielectric-filled 
line and Z0 the characteristic impedance of the trans­
mission line. For a loss-free dielectric the impedance 
at the surface of the liquid is a pure resistance given 
by

Z = Z o /V i  (12)

Since Z is always less than Z0, the reflection coef­
ficient is negative and the reflected pulse for the loss- 
free dielectric is an inverted square pulse. Combina­
tion of eq 11 and 12 gives

Hence the dielectric constant is also obtained from 
the measured reflection coefficient. For the general 
case of a dielectric with loss the reflection coefficient 
varies with time. If the relaxation is slow compared 
to the response of the system the infinite frequency 
dielectric constant is obtained from the height of the 
reflected pulse at t = 0. Similarly the static dielectric 
constant follows from the height of the pulse when t »  
r0 (the relaxation time). Determination of the relaxa­
tion time from the time dependence of the reflection 
coefficient is difficult even for the simple case of a Debye 
liquid and requires a full analysis of the spectrum of the 
input and reflected wave forms.19 A simplified analysis 
of this type was given recently by Fellner-Feldegg and 
Barnett using the Laplace transform method.16

A typical pulse reflection measurement for propylene 
carbonate at room temperature is shown in Figure 5. 
The delay time of the transmission line in this case is 
approximately 10.5 nsec giving a time separation of the 
incident pulse and the first reflection of 21 nsec. The 
various features of Figure 5 are identified as follows. 
The first pulse is the incident signal sampled as it passes 
the probe. The second (inverted pulse) is the reflection 
from the dielectric discontinuity at the liquid surface: 
it is inverted because the reflection coefficient of the 
discontinuity “ seen”  by the line is negative (see eq 11). 
The next pulse, also inverted, is the reflection of the 
transmitted portion of the signal from the short circuit 
at the floor of the cell. Subsequent pulses are due to 
repeated internal reflection with partial transmission 
occurring at the dielectric-air interface and total reflec­
tion at the short circuit. The amplitude of the nth. 
reflected pulse is easily shown to be

ETn =  E i(l -  p2)C— p)"_ *( —1)“_1 (14)

(19) T. A. Whittingham, J. Phys. Chem., 74, 1824 (1970).
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Figure 5. Pulse reflections from a 30-cm section of 50-ohm 
coaxial transmission line terminated by a short circuit and 
filled with propylene carbonate at 21°.

Figure 6. Pulse reflections from a 30-em section of 50-ohm 
coaxial transmission line terminated by a short circuit and 
filled with propylene carbonate at —78°.

for n >  2 where p is the forward reflection coefficient 
(i.e., air to dielectric).

A qualitative examination of Figure 5 shows that the 
dipole relaxation process in propylene carbonate at 
room temperature is extremely rapid. The measure­
ments for ethylene carbonate at 40° are similar and 
closely resemble the behavior of water (relaxation time at 
25°, 8.3 X 10~12 sec).4 However, some high-frequency 
absorption is indicated in Figure 5 by the rounding of 
later reflections. At —40° the high-frequency attenua­
tion is marked and at —78° the pulse is completely 
attenuated after two passes through the cell (Figure 6) .

The ac measurements described below show that the 
relaxation time at —78° is 1.3 X 10 _9 sec. Some time 
dependence of the dielectric constant (and hence the 
reflection coefficient) therefore should be apparent at 
times <5 nsec. The rounding of the first reflection in 
Figure 6 confirms that this is the case. Closer examina­
tion of the rise of this pulse using a 150-psec rise-time 
pulse showed that the pulse rises “ instantaneously”  to a 
height of ~ E ¡/2 corresponding to p =  —0.5 and e = 9

according to eq 13. The subsequent rise is approxi­
mately exponential and is substantially complete after 
5 nsec. This behavior is consistent with the ac mea­
surements. The equilibrium reflection coefficients are 
also consistent with the static dielectric constant values. 
The time separation of the first and second reflections in 
Figure 5 is 16.2 nsec giving a value for e of 66 in excellent 
agreement with the bridge value.

At room temperature ethylene carbonate is a solid. 
The reflection coefficient and propagation time indicate 
a dielectric constant of 2.5 to 3.

C. High-Frequency Measurements. Dielectric con­
stant and loss measurements were made in the fre­
quency range 10-250 MHz for ethylene carbonate at a 
single temperature (40°), and for propylene carbonate 
at six temperatures ranging from — 78 to 70° using the 
Hewlett-Packard 250A bridge and the coaxial displace­
ment cell. Dispersion was observed in this frequency 
range for both liquids. The dielectric constant and 
loss were determined from plots of the measured parallel 
capacitance and conductance, respectively, against 
plunger displacement using eq 8 and 9, neglecting the 
last term in each case.

The relaxation times given in Table II were obtained

Table II : Dielectric Relaxation Times for Ethylene Carbonate 
and Propylene Carbonate Calculated from Eq 16

Liquid
T,

° C
10“ r0,
sec €co

Ethylene car- 40 3.1 2.62
bonate

Propylene car- - 7 8 13.0 2.63
bonate 2 5 . 6 2.63

25 4.3 2.63
44.6 3.2 2.63
6 8 .9 2.6 2.63

directly from the conductance by assuming a Debye 
relaxation function for which the loss conductance is 
given by4

(«0 — í»)üJT0
1 +  co2t02 _

(15)

which reduces to

G =  («o — e„)C0c<J2ro (16)

when wro <ÎC 1. Since the decrease in the dielectric 
constant was usually only a few- per cent up to 250 MHz 
the approximation in eq 16 is valid and the conductance 
should be proportional to the square of the frequency. 
This was generally confirmed by the experimental 
results wrhich are therefore consistent with either a 
simple Debye relaxation function or a more complicated 
function which reduces to the Debye form at low fre­
quencies. The relaxation times were calculated from
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Figure 7. Dielectric constant and loss for propylene carbonate 
at 25°. Lines were calculated from the Debye equations with 
to = 64.9, t„ = 10.8, and r0 = 4.6 X 10-11 sec.

Figure 8. Dielectric constant and loss for propylene carbonate 
at —78°. Solid lines were calculated from the Debye 
equations with eo = 88.9, e„ = 9.4, and to = 1.3 X 10-9 sec.

the plots of conductance against square of the frequency 
assuming an arbitrary value for equal to 1.3n2 in eq 
16 where n is the optical refractive index.

Substantially complete dispersion curves were ob­
tained for ethylene carbonate at 40° and propylene 
carbonate at 25 and —78° by extending the frequency 
range to 9000 MHz using the slotted-line technique. 
The results shown in Figures 7-9 were compared with 
Debye curves calculated from the relaxation times 
in Table II with e„ again set equal to 1.3n2. In each 
case the experimental loss factors were found to be 
systematically low, close to the critical frequency. The 
results, however, could be fitted satisfactorily to Debye 
curves calculated from an assumed value of e„ close to 
10 as shown in the semicircular arc plots of Figure 10. 
This implies the existence of a second dispersion region 
at higher frequencies of the type reported by Davidson 
and Cole20 for 1-propanol at —140° and previously

The Journal of Physical Chemistry, Vol. 76, No. 20, 1972

Figure 9. Dielectric constant and loss for ethylene carbonate 
at 40°. Lines calculated from the Debye equations with e0 = 
89.8, e«, = 11.0, and to = 3.1 X 10“ u sec.

Figure 10. Cole-Cole semicircular arc plots for propylene 
carbonate at 25 and —78° and ethylene carbonate at 40°.
Solid lines drawn for Debye parameters given in Figures 7-9.

observed in the dispersion curves for aliphatic alco­
hols.21,22 This is confirmed by the low-temperature 
propylene carbonate measurements which show the 
second dispersion region (Figure 10). None of the 
results could be fitted to the Cole and Cole circular arc 
function,23 or the Davidson and Cole skewed arc func-

(20) D. W. Davidson and R. H. Cole, J. Chem. Phys., 19, 1484 
(1951).
(21) P. and Girard P. Abadie, Trans. Faraday Soc., 42A, 40 (1946).
(22) J. A. Saxton, Proc. Roy. Soc., Ser. A, 213, 473 (1952).
(23) K. S. Cole and R. H. Cole, J. Chem. Phys., 9 , 341 (1941).
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tion20 for any value of the empirical argument. The 
Debye curves in Figures 7-9 and the Cole and Cole 
plots in Figure 10 were calculated from the parameters 
indicated. The relaxation times are in good agreement 
with the bridge values in Table II which, however, were 
obtained with lower assumed values of e<„.

Discussion
A. Static Dielectric Constants. The possibility of 

molecular association through short-range specific 
forces was investigated by calculating the Kirkwood 
correlation factor g.u  Kirkwood’s extension of the 
Onsager25 equation can be written

4:ttN o /io 2 eo (tco  +  2 ) 2

‘  "  ‘  MT V  ( 2 ( V

where y0 is the permanent dipole moment, No is Avoga- 
dro’s number, V is the molar volume, and k is Boltz­
mann’s constant. Correlation factors were calculated 
from eq 17 assuming dipole moment values of 4.87 for 
ethylene carbonate and 4.94 for propylene carbonate.2 
Molar volumes were calculated from density data given 
by Watanabe and Fuoss26 (ethylene carbonate) and 
Simeral and Amey3 (propylene carbonate). was 
calculated from published values of the optical refrac­
tive index2 assuming as before a 30% increase in the 
total induced polarizability between optical and micro- 
wave frequencies. The resultant g values given in 
Table I are close to unity for propylene carbonate as 
reported by Simeral and Amey3 in the lower tempera­
ture range. The ethylene carbonate values are some­
what higher although still close to unity. Seward and 
Vieira1 obtained a value of 1.6 for ethylene carbonate 
at 40° and hence concluded that some association was 
present. They evidently used the approximation e„ =  
n2 in eq 17 which accounts for the discrepancy with our 
result. In view of the sensitivity of the calculation to 
the assumed value of e„ and the uncertainty of this 
value no firm conclusion can be drawn. The g values 
shown in parentheses in Table I were calculated from a 
form of eq 17 used by Davidson and Cole20 in which e„ 
is equated to n2 on the right-hand side and the experi­
mentally measured value for the low-frequency dis­
persion on the left-hand side. In our experiments this 
value is close to 10. The justification for this pro­
cedure is unclear but in any case it has little effect on 
the results. The sensitivity to e„ arises from the qua­
dratic dependence on the right-hand side of eq 17. Cal­
culations of this kind therefore lead to the conclusion 
that propylene carbonate and probably also ethylene 
carbonate obey Onsager’s equation within the limits of 
uncertainty of the calculation.

Some qualitative inferences concerning the possibility 
of association can be drawn from the excess dielectric 
constant function for various mixtures shown in Figures 
3 and 4. Ethylene carbonate-water mixtures show 
surprisingly little deviation from ideal behavior whereas

strong negative deviations might be expected due to 
breakup of the water structure. Similar behavior of 
the dimethyl sulfoxide-water system has been at­
tributed to strong interaction of the two components 
which is supposed to compensate for the disruption of 
the water structure.27 Large negative deviations from 
ideality for ethylene carbonate-benzene and propylene 
carbonate-diethyl carbonate mixtures could be in­
terpreted as evidence of structure in the high dielectric 
constant components by analogy with the similar effect 
of dioxane on water, for example.27’28 An alternative 
interpretation which seems more plausible in view of the 
earlier discussion is that the low-dielectric constant 
component promotes association of the dipoles of the 
high-dielectric constant component to form dimers or 
larger aggregates of low moment. Mixtures with other 
high-dielectric constant liquids, i.e., propylene car- 
bonate-butyrolactone and propylene carbonate- 
ethylene carbonate show only small deviations from 
ideality, which seems consistent with the general con­
clusion that there is little or no specific association. 
However, it is worth noting that both ethylene car­
bonate and propylene carbonate have Trouton’s con­
stants of approximately 23 which is significantly higher 
than the “ normal”  value of 21 for a nonassociated 
liquid. There is also some evidence of association in 
chloroethylene carbonate and chloromethylethylene 
carbonate (chloropropylene carbonate) for which the 
correlation factors calculated from the data of Kempa 
and Lee2 are 1.38 and 1.85, respectively. Possible 
modes of association in these compounds are suggested 
by the extensive polymerization of the carbonic acid 
esters of trimethylene glycol and higher glycols of the 
OH-(CH2)„-OH  type described by Carothers and Van 
Natta.29 However, these authors also stress that 
extensive studies of ethylene carbonate have revealed 
no evidence of polymerization in the five-membered 
ring compounds.

B. Dielectric Relaxation. As noted earlier, the prin­
cipal relaxation process in both ethylene carbonate and 
propylene carbonate obeys the Debye equations. In 
propylene carbonate the Debye behavior is also found 
in the supercooled state at —78°. The relaxation times 
summarized in Table II are comparable with values for 
normal polar liquids of high dielectric constant, e.g., 
dimethylformamide ( to  = 1.3 X 10-n  sec at 37.3 °)30- 
and 4-butyrolactone ( to = 2.1 X 10-n  sec at 0°).31

(24) J. G. Kirkwood, J. Chem. Phys., 7, 911 (1939).
(25) L. Onsager, J. Amer. Chem. Soc., 58, 1486 (1936).
(26) M. Watanabe and R. Fuoss, ibid., 78, 527 (1956).
(27) J. J. Lindberg and J. Kenttamaa, Suom. Kemistilehti B, 33, 
104 (1960).
(28) F. E. Critchfield, J. A. Gibson, and J. L. Hall, J. Amer. Chem. 
Soc., 75, 1991 (1953).
(29) W. H . Carothers and F. J. Van Natta, ibid., 52, 314 (1930).
(30) S. J. Bass, W. I. Nathan, R. M. Meighan, and R. H. Cole,
J. Phys. Chem., 68, 509 (1964).
(31) R. Payne and I. E. Theodorou, unpublished data.

The Journal of Physical Chemistry, Vol. 76, No. 20, 1972



2900 Richard Payne and Ignatius E. Theodorou

Figure 11. Arrhenius plots for dielectric relaxation and 
viscosity in propylene carbonate. Viscosity data taken from 
“Propylene Carbonate Technical Bulletin,” Jefferson Chemical 
Co., Houston, Tex., 1962.

Liquids which are known to be associated, e.g., N- 
methylformamide and ethanol, on the other hand gen­
erally have relaxation times an order of magnitude 
larger. However, the two examples cited also have 
correlation factors in the range 2-5 indicating far more 
extensive association than is likely to be present in the 
cyclic carbonates. The relaxation time for super­
cooled propylene carbonate at —78° (1.3 X 10-9 sec) 
is five orders of magnitude shorter than the value of 
1.89 X 10-4 sec reported by Davidson and Cole20 for 
propylene glycol at —75° where a distribution of relaxa­
tion times was also found. The dispersion measure­
ments therefore seem consistent with the inference 
drawn from the static dielectric constant measurements 
that significant intermolecular association is absent.

The temperature dependence of the relaxation time 
for propylene carbonate in the temperature range
0-70° can be satisfactorily represented by the Arrhenius 
rate equation

r0 =  A exp [ — AH*/RT] (18)

with a heat of activation (AH*) of 2.1 kcal/mol and 
preexponential factor (A) of 1.23 X 10-12 sec. How­
ever, AH* apparently increases at lower temperatures 
as shown by the deviation of the —78° point from the 
straight line plot of log t 0 against 1/T  in Figure 11. 
The Arrhenius plot for the viscosity is markedly curved 
over the whole temperature range from —54 to 99° 
(Figure 11). The apparent activation energy increases 
from a value of ~ 3  kcal/mol at 40° to ~ 7  kcal/mol at 
— 40°. This is substantially higher than the activation 
energy for the relaxation process as usually found.4 
Both the relaxation time and the viscosity can be fitted 
to an empirical expression of the form

to =  A exp[B/(T -  T„)] (19

over the whole temperature range with B = 139°K and 
Ta = 140°K for the relaxation process and B = 187°K 
and T„ =  150°K for the viscosity. Equation 19 was 
previously applied by Davidson and Cole20 to their 
low-temperature data for 1-propanol, proplyene glycol, 
and glycerol where the constants B and T„ proved to 
be the same for viscous flow as for the dielectric relaxa­
tion process. In propylene carbonate, however, they 
appear to be significantly different. The significance 
of Ta, according to eq 19 is that the relaxation time 
and the viscosity become infinite when T =  T„. This 
seems physically reasonable since supercooled propylene 
carbonate becomes highly viscous at temperatures 
below — 50° and forms a glassy solid below —100°.

The correlation between the dielectric relaxation 
process and the viscosity can be further explored 
through Debye’s hydrodynamic model of the dipole 
reorientation according to which the microscopic relaxa­
tion time is given by4

to = iirr]a3/kT (20)

where rj is the viscosity, a is the molecular radius, and 
k is the Boltzmann constant. Equation 20 is based on 
Stokes’ calculation for motion of a spherical particle 
in a viscous medium and is therefore subject to the 
well-known uncertainties which arise when the particle 
is nonspherical and of molecular dimensions. A further 
difficulty is the unknown relationship between the 
microscopic relaxation time t 0 and the measured relaxa­
tion time which depends on whether the local field 
acting on the dipole is taken as the Lorentz field or the 
Onsager field. On the reasonable assumption that the 
latter is more appropriate the value of to in eq 20 can be 
approximated by the measured relaxation time which 
together with the ordinary macroscopic viscosity leads 
to molecular radii of 1.7 A for ethylene carbonate and
1.8 A for propylene carbonate. The diameter of the 
ethylene carbonate ring along the direction of the dipole

o
estimated from molecular models is A. The radii 
given by eq 20 are therefore smaller than expected 
although surprisingly close in view of the assumptions 
involved. The assumption of a Lorenztian field would 
reduce the value of t 0 in eq 20 by a factor (era +  2) /  
(«o +  2) which would yield substantially lower values 
of the molecular radius.

In the absence of more detailed measurements at 
frequencies higher than 9 GHz, little discussion of the 
high-frequency dispersion is possible. The low-tem­
perature measurements for propylene carbonate seem 
to indicate a central frequency approximately 30 times 
greater than that of the principal dispersion. Roughly 
10%  of the total dispersion is accounted for by the high- 
frequency dispersion.
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Recent experimental PVT data on the second virial coefficients of steam over the temperature range 100- 
1000° have been fitted using both a Stockmayer and a modified Stockmayer potential that includes the dipole- 
quadrupole term. When the experimental value of the Qzz component of the quadrupole moment tensor is 
used in the simplified potential function, the contribution from the dipole-quadrupole term to the second 
virial coefficient is found to be unimportant. The Stockmayer potential with parameters y = 1.86 D, a =
2.60 A, and e/k = 280°K is found to fit the experimental values to 5% or better. The calculations were 
extended to OH-OH and OH-EhO interactions. For the latter case the formalism for computing the inter­
action virial coefficient to include the dipole-quadrupole terms is given. The second virial coefficients and 
their first and second temperature derivatives are given in tabular form from 100° to 2000°.

Recent work2 using various curve fitting techniques 
for virial coefficients of steam provides little means for 
extending these results outside the range of experimen­
tal values. In the past, the virial equation of state has 
been used to provide more accurate thermodynamic 
calculations (e . g references 3 and 4a) over fairly wide 
temperature and pressure ranges. However, use of 
the virial equation of state implies some means of esti­
mating the virial coefficients, usually only the second 
being used because of a lack of knowledge of even the 
two body forces involved in the multipole potential 
function expansion.

In estimating second virial coefficients for polar 
molecules, in particular, the Stockmayer potential4b 
and the Kihara core potential5 have been applied with 
essentially equal success,6-8 though Suh and Storvick6a 
have shown that the Kihara core potential provides a 
slightly better fit except for strongly polar molecules 
(including water). However, in the latter calculations 
cognizance was not taken of the reported715 importance 
of the dipole-quadrupole term in the potential. The 
Stockmayer potential as modified by Rowlinson7b to 
include this dipole-quadrupole term was found by him 
to provide good agreement with experimentally mea­
sured values of the second virial coefficient over the 
range 100-400° and is somewhat simpler to handle 
than the Kihara core potential. Using Rowlinson’s 
method as outlined in Hirschfelder, Curtiss, and Byrd,8 
we have recalculated the second virial coefficient for 
the H2O -H 2O interaction to high temperatures in light 
of newly available PVT  data10’11 and quadrupole 
moment data.12 Since there are now available the 
highly accurate theoretical calculations {e.g., the recent 
work of Moskowitz and coworkers13'14) having excellent 
agreement with the experimental work of Verhoeven 
and Dymanus,12 evaluation of the dipole-quadrupole 
interaction effects is now possible.

Previous comparisons of experimental and calculated 
virial data for water have been made using the data of 
Keyes, et al,16 Comparison of these data to those of 
Kell, McLaurin, and Whalley11 shows a divergence of 
the values of B(T), the second virial coefficient, at 
lower temperatures. This divergence has been ex­
plained as due to absorbed water in the Keyes experi­
ments. Therefore, in this paper we have taken the

(1) Address correspondence to Propulsion Development Department, 
Naval Weapons Center, China Lake, Calif. 93555.
(2) (a) J. M. H. Levelt Sengers, M . Klein, and J. S. Gallagher, 
“ Pressure-Volume-Temperature Relationships of Gases Virial Coef­
ficients,” AED C-TR-71-39 (March 1971); (b) R. L. Halm and L. I. 
Stiel, AIChE J., 17, 259 (1971); (c) R. G. Rung and R. S. Kapner, 
ibid., 17, 562 (1971).
(3) (a) J. Hilsenrath and M. Klein, “ Tables of Thermodynamic 
Properties of Air in Chemical Equilibrium Including Second Virial 
Corrections from 1500°K to 15,000°K,” AEDC-TDR-63-161 (1963); 
(b) “ Tables of Thermodynamic Properties of Nitrogen in Chemical 
Equilibrium Including Second Virial Corrections from 1500 °K to 
15,000°K,” AEDC-TDR-63-162 (1963).
(4) (a) O. Sinanoglu, M. S. Vardya, E. M . Mortensen, and W. C. 
Johnson, Jr., Phys. Fluids, 5, 665 (1962); (b) W. H. Stockmayer, 
J. Chem. Phys., 9, 398 (1941).
(5) (a) T. Kihara, Rev. Mod. Phys., 25, 831 (1953) ; (b) Advan.
Chem. Phys., 5, 147 (1963).
(6) (a) K. W. Suh and T. S. Storvick, J. Phys. Chem., 71, 1450 
(1967); (b) T. S. Storvick and T. H. Spurling, ibid., 72, 1821 (1968).
(7) (a) J. S. Rowlinson, Trans. Faraday Soc., 45, 974 (1949) ; (b)
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(9) J. O. Hirschfelder, C. F. Curtiss, and R. B. Bird, “ Molecular 
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(10) S. Sugaware, T. Sato, and T. Minamiyama, Bull. Jap. Soc. 
Mech. Engr., 7, 136 (1964).
(11) G. S. Kell, G. E. McLaurin, and E. Whalley, J. Chem. Phys., 
48, 3805 (1968).
(12) J. Verhoeven and A. Dymanus, ibid., 52, 3222 (1970).
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work of Kell, et al., as being more accurate and have 
determined the potential function parameters to fit 
these data. The data of Kell, et al., cover the tempera­
ture range 150-450°; data for the temperature range 
500-1000° are from Sugaware, Sato, and Minami- 
yama.10

These calculations have been extended to include 
OH-OH and OH-H20  pairwise interactions. For the 
latter interaction the formalism was extended to the 
case of unequal dipole and quadrupole moments in the 
potential function for the interacting species. Our 
initial objective was estimation of the thermodynamic 
properties for the high-temperature and low-pressure 
H20  system.

Modified Stockmayer Potential
If we choose a central axis for each interacting species, 

for water this is the figure or dipole axis, and choose a 
model such that we have cylindrical symmetry, the 
quadrupole moment, which is really a tensor, can be 
expressed by a single moment. Then making the 
usual assumption of ideal point dipoles and quadrupoles, 
the Stockmayer potential with added dipole-quadrupole 
terms can be written for two unlike interacting species 
as

— <t> i) +

3//i Q
2 r4 (01,02,02 — 0 l)

3/j.ìQi

hr* 2̂1 (01,02,02 — 01) (1)

Here ta is the dipole moment of species i, Qt the cylin­
drical^ symmetric quadrupole moment, and q and ht] 
are the geometric orientation relations given by

g(01,02,02 — 0j) =  2 cos 01 cos 02 —

sin 0! sin 02 cos (02 — 0i) (2)

and

htj =  Vs [cos 04 (3 cos 6j — 1) —

2 sin 04 sin 0,- cos 6, cos (02 — 0i) ] (3)

It is noted that because of the induced symmetry g and 
h are functions of only two of the Euler angles in each 
species and are independent of the third Euler angle. 
Figure 1 shows the coordinate system; the origins of 
the axes are at the centers of mass of each interacting 
species.

If in eq 1, m =  /¿2 and Qi =  Q2 the resulting potential 
form is the same as given in ref 9 (except that the sign 
of the dipole-quadrupole term should be positive and 
not negative as it is given).

Second Virial Coefficient

1. H'lO-IhiO and OH-OH. The second virial co­
efficient, B(T), for the angle dependent potential (eq 1) 
is given by the expression

-  l)r2 X

sin 0i sin 02 d0i d02 d0 dr (4)

where d0 = d(02 — 0i). Equation 4 is evaluated by 
expansion of all but the repulsive term of the potential 
function of the exponential, followed by repeated appli­
cation of the binomial theorem to obtain a product of 
series sums, then term by term integration, first over 
angles (which removes the divergence of the r~3 term), 
and finally integration over r. Using the common 
definition of parameters, T* =  kT/e, t =  Ai2/ ( \ / 8ea-8), 
and u — 3MQ/(V326<r4), the second virial coefficient is

B(T*) =  b
1
4

co m <n/2
E  E  E  x

m= 1 n = 01 = 0

2(m~l/3) fm  
m\ \ n. 21

,n-2l.2lu H„iT X

^6 m 3 n +  21 (§m+3n -2\)/n ^

where T(a:) is the y function of arga:, the notation (}) 
is a binomial coefficient, and ba =  2irN<>cr3/‘S. The 
H ni are expansion coefficients as given in the Appendix. 
This expression for B(T*) is an infinite series and could 
involve a large number of terms. In practice it was 
found that convergence of the series expression 5 was 
reasonably rapid for T* in the range 1.2-10 such that 
for m (and hence n) an upper limit of 25 in this range 
provided precision greater than that to which the data 
are known. For T* less than 1.2 progressively more 
terms must be added, e.g., for T* =  0.8, 50 terms were 
required to achieve convergence to four places. As a 
further remark on eq 5, it is noted that if in the triple 
sum the terms for l =  0 are separated out they give the 
dipole-dipole correction (the result of the Stockmayer 
potential) and the remaining terms give the dipole- 
quadrupole correction.16 In making the calculation 
the dipole-dipole and the dipole-quadrupole terms

Figure 1. The coordinate system: 9i and </>i are usual spherical 
coordinates of the dipole axis of molecule i.

(16) There are several misprints in the dipole-quadrupole eq 3.10-20 
of ref 9.
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were evaluated separately in order to see the effect of 
the latter. It was found that the series expression for 
the contribution from the dipole-quadrupole term 
AB(T*) converges somewhat more rapidly than for 
the dipole-dipole term. Also since AB(T*) is only a 
small correction term, adequate precision even at the 
lower temperatures is obtained with the upper limit 
of m equal to 20 for this correction term.

2. OH-UiO. The treatment of the cross interac­
tion OH-H2O again involves essentially the same pro­
cedure described above. When (1) is used in (4), the 
resulting expression one obtains for B(T*) is

B(T*) =  &ol
4 Y 7' . / o \  1 œ m <n/2 21

r C ) - ^ E  E E  E x
\4 /  4m= 1 n = 0 l = 0 q =0

( —1)52m  — l f  3

(m — n)\(n — 2l)\(2l — q)\q\
X

tn ~ 2W l~9‘Un9T\
'dm — 3n +  21 , 12

X

T T  m *  — (6 m  +  3 n  — 2Z) /1 2tlnlql (6)

where tn =  MiM2/('V / 8eo-3 and ui} =  3/ziQi/('\/32ecr4). 
The expansion coefficients H ni„ are given by the expres­
sion

sin 0i sin 02 d0i d02 d<f> (7)

which can be expressed in analytic form similar to the 
Hni (see Appendix). As can be seen, the numerical 
computation is increased, though it is noted that a 
great many of the H nil are zero. Here again the 
dipole-quadrupole correction can be separated and 
since this correction was found to be quite small, the 
upper limit on m was arbitrarily set to 10, providing 
a precision^ of three to four places in passing from low 
to high temperatures.

Potential Function Parameters
The magnitude of the quadrupole moment depends 

on the choice of origin and the quadrupole definition, 
there being several of the latter in the literature. (See 
Buckingham17 for a discussion of quadrupole moments.) 
We use the following definition of the quadrupole 
moment tensor

Q cD =  E < h ( 3 r tj ip -  rfdap)  ( 8 )

or its integral representation for a charge distribution. 
Here e4 is the magnitude of the fth charge and r< is its 
radius vector from the origin. This definition is the 
same as used by Hirschfelder, et ah,9 but differs by a 
factor of 2 from that of Buckingham17 and from that 
used in several theoretical papers13,14'18,19 on water 
which contained calculated values of the quadrupole

moment tensor. In this work the factor y 2 is included 
in the definition of htj, eq 3.

Initial results of this study, before the work of Ver- 
hoeven and Dymanus appeared, were based on a simple 
rotating water molecule711,9 and we mention it here be­
cause for this model we found Qzz =  —0.183 X 10-26 
esu cm2 in fair agreement with the experimental value12 
of Qzz of —0.266 X 10-26 esu cm2 (using our definition). 
We note here that while the potential function 1 as­
sumes a cylindrically symmetric quadrupole, i.e., one 
averaged over rotations about the z axis, such averaging 
has no effect on the value of Qzz. Therefore we can 
compare values of the Qzz component of the quadrupole 
moment tensor for cylindrically symmetric and un- 
symmetric models.

For the H20 -H 20  interaction the dipole moment and 
the quadrupole moment are available from experiment. 
Thus (5) is a two-parameter equation (in a and e) to 
fit to the available experimental data. These were 
determined from a best fit to the data.

For the purpose of estimating its multipole moments, 
the OH radical is assumed to be represented by the two 
point charges separated by a distance l, equal to the 
spectroscopic bond distance as given by Herzberg20 
(0.9706 X 10~8 cm). The dipole moment was taken 
from the work of Powell and Lide21 whose careful mea­
surement determined n to be 1.66 ±  0.01 D. The 
quadrupole moment can now be estimated. Our esti­
mate is quite large, Qzz =  2.84 X 10-26 esu/cm2. Since 
there are no experimental data the parameters b„ and e/fc 
were determined by the methods of Woolley.22 His 
rule applied to the OH-OH interaction takes the form

(e/ft)o_o(f>o2)o - 0  +  2(€/lfc)o-H(f>o2)o-H +

(e/fc)H-H(f>02)H-H =  (e/fc)oH-OH(fro2)oH-OH (9)

The usual combinatorial rules were used to evaluate 
b0 and t/k for the OH-H20  interaction. That is, ai} 
was estimated using the arithmetic mean and e4i was 
estimated using the geometric mean of the values for 
the single species interactions.

The potential function parameters are summarized 
in Table I.

Results and Discussion
1. Polar Forces. The recent experimental12 and 

theoretical13,14,18,19 work already mentioned has ended 
speculation about various point charge models for 
water, at least from the standpoint of using them to

(17) A. D. Buckingham, Chem. Soc., Quart. Rev., 183 (1959).
(18) S. Aung, R. M. Pitzer, and S. I. Chan, J. Chem. Phys., 49, 
2071 (1968).
(19) C. W. Kern and R. L. Matcha, ibid., 49, 2081 (1968).
(20) G. Herzberg, “ Molecular Structure and Molecular Spectra,”  
Vol. I, Van Nostrand, New York, N. Y., 1950.
(21) F. X . Powell and D. R. Lide, Jr., J. Chem. Phys., 42, 4201 
(1965).
(22) H. W. Woolley, “ The Calculation of Thermodynamic Properties 
of Gases at High Temperature,”  AFSWC-TDR-62-21 (1962).
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Table I : Parameters Used in the Potential Function

A. Values of Dipole and Quadrupole Moments
HïO OH

M, D 1.86 1.66
Q, 10-25 esu cm2 -0 .266 2.84

B. Interaction Parameters
h 2o - h 2o OH-OH OH-H2O

a, A 2.60 3.24 2.96
e/k, °K 280 83.7 153

predict the quadrupole moment. Using the experi­
mental value of Qzz we find the contribution of the 
dipole-quadrupole term to be 1%  or less over the entire 
temperature range, 100-1000°. The simplified ro­
tating water model of our early calculations gives a 
similar result.

Rowlinson76 used a computed value of Qzz =  1.81 X 
10~26 esu/cm2 and found that the dipole-quadrupole 
term for H20 -H 20  made an approximately 15% cor­
rection to his results. On this basis, he felt the derived 
parameters would be better even though the dipole- 
quadrupole correction did not improve his fit of the 
then known experimental B(T ) values. The Qzz com­
ponent for water has been shown to be about an order 
of magnitude less than his estimate and does not affect 
the value of B(T).

We also note that in eq 5 the terms involving the 
quadrupole moment appear as even powers only; thus 
B(T) is independent of the sign of the quadrupole mo­
ment. We point out that the early point charge models 
were all in error as to the correct sign of Qzz and some 
cases an order of magnitude too large, which would over­
estimate the contribution of the dipole-quadrupole 
term. Additionally, this theory considers only ap­
proximate models that must be cylindrically symmetric; 
thus molecular geometry is omitted. Including this 
aspect, i.e., all the components of the quadrupole mo­
ment tensor in eq 1 (and now we must consider the 
three Euler angles) results in a burdensome calculation. 
However, it is expected that the results of this improved 
calculation will not change the conclusions drawn in 
this paper.

For the OH-OH interaction a quadrupole moment 
has been determined for a very crude model and its 
value is probably just as unreliable as similar estimates 
were for water. This is true even though we have ex­
perimental data for the dipole moment. Nor are there 
reliable data on a and e. The large quadrupole mo­
ment estimated here does make a noticeable contribu­
tion to the virial coefficient of approximately 20%  at 
low temperatures, falling to less than 5%  at 1000°. 
However, its use in estimating the virial coefficient is 
unjustified on other grounds too. An error of about

_|0I____ Q_1______ I______ I______ I______ I
0 200 400 600 800 1000

T, "C

Figure 2. Comparison of experimental and calculated second 
virial coefficients. S elpt 1 is the experimental value of B{T)  
and Scaled is the value calculated in this paper.

5% in the dipole moment introduces an uncertainty in 
the second virial coefficient approximately equal to 
that of the above estimated dipole-quadrupole term.

Again using the crude quadrupole moment of OH in 
the 0H -H 20  interaction estimate, the dipole-quadru­
pole term contribution was found to be on the order of 
2% or less of B(T) over the entire temperature range. 
The correction to B(T) from the dipole-quadrupole 
terms in this case would be expected to be smaller than 
for OH-OH since the quadrupole for water is small and 
has been shown to make essentially no contribution to 
B{T) for H20 -H 20. Also there is a large change in 
t/k for 0H -H 20  over OH-OH contributing to the 
reduction of the contribution from the dipole-qua­
drupole terms to B(T*).

We find that the dipole-dipole term is the dominant 
one at the low temperatures contributing over 95% of 
the value of B(T) at 100° for the H20 -H 20  interaction. 
Even at 1000°, its contribution to B(T) is about 40% 
greater than the contribution from the Lennard-Jones 
terms. In Figure 2 we have compared the experimen­
tal and calculated values of B(T). This graph is par­
ticularly interesting in the lower region where the de­
viation is approximately constant at 4%. This ob­
servation strengthens the neglect of the dipole-qua­
drupole term in the very region where it would be ex­
pected to make its greatest contribution. The diffi­
culty at the lowest temperature may be experimental 
since this is the most difficult experimental range. Both 
Keyes, et al.,15 and Kell, et al.,11 claim a precision greater 
than the difference in their results. At 150° Kell re­
ports B(T) =  338 cm3/m ol and Keyes 284 cm3/m ol 
and this theory gives a result in between, 305 cm3/mol.

In summary of the dipole-quadrupole term we find 
that in general for the steam system considered here if 
Qzz is ~ 2  X 10“ 26 esu cm2 this term contributes on the 
order of 15% of the virial coefficient for the interaction 
of like species at low temperatures ( ~ 100°) and this 
contribution will diminish to essentially nothing at 
high enough temperatures. We would expect the lat­
ter result since the dipole-quadrupole term corresponds
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Table II: Second Virial Coefficients and Their Temperature Derivatives for H20-H 20, OH-OH, and OH-H20  Interactions

T, - B(T) HjO-IEO d B T— d2B -  T2---- OH-OH dBT— d2B_ p 2---- OH-HîO dBT— d=B_ p 2----
°C exptlb -B(T) d r dT2 B(T) d r d r 2 B(T) d r dT2

100 510 2.26 X 103 Oi to X o -5 0 .6 160 553 -128 372 1. 57 X i
150 338 305 1.16 X 10s 6.81 X 103 -3 3 .2 118 392 -8 9 .7 253 986
200 213.2 205 692 3.65 X 103 -2 1 .6 92.0 295 -6 5 .5 185 679
250 153.1 148 461 2.22 X 103 -1 3 .3 74.0 231 -4 9 .1 143 500
300 116.8 112 331 1.48 X 103 -7 .1 2 61.1 188 -3 7 .4 115 386
350 91.95 88.0 250 1.05 X 103 -2 .4 3 51.4 156 -2 8 .6 94.7 309
400 73.54 70.8 197 7.85 X 102 1.25 44.0 132 -2 1 .9 79.8 254
450 59.15 58.0 160 6.10 X 102 4.18 38.1 114 -1 6 .6 68.4 213
500 50.79 48.2 134 4.90 X 102 6.57 33.4 99.5 -1 2 .4 59.4 183
550 42.07 40.5 113 4.03 X 102 8.53 29.5 87.8 -8 .8 7 52.3 158
600 35.17 34.3 97.8 3.38 X 102 10.2 26.2 78.2 -5 .9 7 46.4 139
650 29.60 29.2 85.5 2.89 X 102 11.7 23.5 70.1 -3 .5 2 41.6 124
700 25.04 25.0 75.6 2.50 X 102 12.7 21.2 63.3 -1 .4 4 37.5 111
750 21.26 21.4 67.4 2.19 X 102 13.7 19.1 57.5 0.352 34.0 99.8
800 18.07 18.3 60.6 1.94 X 102 14.6 17.4 52.6 1.90 31.0 90.6
850 15.35 15.7 55.0 1.73 X 102 15.4 15.8 48.2 3.25 28.4 82.7
900 13.03 13.4 50.1 1.56 X 102 16.0 14.5 44.4 4.44 26.1 76.0
950 10.99 11.4 45.9 1.41 X 102 16.6 13.3 41.1 5.49 24.1 70.0

1000 9.21 9.65 42.2 1.29 X 102 17.1 12.2 38.1 6.42 22.4 64.9
1100 6.69 36.2 1.09 X 102 18.0 10.4 33.1 8.00 19.4 56.2
1200 4.31 31.5 93.4 18.6 8.87 29.0 9.28 17.0 49.3
1300 2.37 27.7 81.3 19.2 7.62 25.6 10.3 15.0 43.7
1400 0.763 24.6 71.7 19.6 6.56 22.8 11.2 13.3 39.0
1500 +0.590 22.1 63.8 20.0 5.66 20.4 11.9 11.9 35.1
1600 1.74 19.9 57.2 20.3 4.89 18.4 12.5 10.6 31.8
1700 2.73 18.0 51.8 20.5 4.21 16.6 13.1 9.60 29.0
1800 3.58 16.5 47.1 20.7 3.62 15.1 13.5 8.. 68 26.5
1900 4.32 15.1 43.1 20.9 3.10 13.7 13.9 7.87 24.4
2000 4.97 13.9 39.6 21.0 2.64 12.5 14.2 7.15 22.5

“ Units are cm3/mol. 6 The data through 45C1° are from ref 11 and from 500 to 1000° from ref 10.

to long-range forces and the high-temperature region 
is the domain of short-range forces. For the H20 -  
H20  interaction, the measured Qzz component is so 
small that the contribution from this term can be ne­
glected.

2. Derived Potential Parameters. Comparison of 
the calculated values of B(T) with Sugaware, et al.,10 
in the temperature range above 500° shows a deviation 
ranging from —5 to + 5 % . With the present limited 
theory this variation could be reduced only at the ex­
pense of the low-temperature fit, tending toward the 
values of Keyes. However, we said we feel the work 
of Kell, et al., to be the more accurate. Actually in 
the higher temperature region exchange forces are be­
coming important and their effect is inadequately taken 
into account through e/k and <j. Also in this region 
the Lennard-Jones part of the potential is becoming 
increasingly important and this potential in general 
has too narrow a potential well, i.e., the radial depen­
dence is not correct. Thus the regular, almost linear, 
difference between experiment and calculation may be 
the result of use of the Stockmayer potential.

Rowlinson fitted his modified Stockmayer potential 
to the then available limited range of experimental 
values for the H20 -H 20  interaction. He determined

a = 2.725 A and e/k =  356°K for this potential and 
a =  2.65 A and e/k =  380°K for the Stockmayer po­
tential. We find that the Stockmayer potential fits a 
large (900°) temperature range with cr =  2.60 A and 
e/k =  280°K. The lowering of e/k over that of Row­
linson is fairly large and even larger compared to the 
value of 506° K  recommended by Monchick and 
Mason.23 Our value does fall within the estimated 
range for e/k given by these authors. Rowlinson’s 
remarks7“ concerning the interpretation of e/k are 
pertinent to the low-temperature region. He has 
shown that when the total interaction energy becomes 
large compared to «, i.e., for this case when the dipole- 
dipole energy becomes large compared to the contribu­
tion from the nonpolar forces (measured by e) the ac­
curacy of the determination of e suffers. However, in 
this study the high-temperature data provide more in­
formation on e. At the highest experimental tempera­
ture (1000°) the nonpolar forces are contributing 40% 
to B{T).  Therefore, the accuracy of e is improved 
over prior results. We note that the actual well depth 
is orientation dependent and the value determined 
here corresponds to an integrated average.

(23) L. Monchick and E. A. Mason, J. Chem. Phys., 35, 1676 (1961).
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Table III : Values of the Joule-Thomson Coefficient“

This

o o Exptl work6 * Ref l l 6'“ Ref 156,c

150 3 .8 1 4 .2 3 [ 5 .1 0 ] / 3 . 4 4

200 2 .5 2 * 2 .5 6 2 . 6 0 2 . 2 0

260 1 .6 8 1 .6 4
300 1 .2 5 1 .2 3 1 .2 8 1 .2 0

350 0 . 9 7 e 0 .9 2 1 .0 2

“ Units are °C/bar. 6 Cp data taken from the steam tables, 
ref 25. c dB/dT determined graphically. d This value is for 
T = 196° .  e This value is for T = 3 4 7 ° .  !  See text.

The inclusion of higher multipole terms to the
Lennard-Jones 12-6 potential has proven to be practical 
even for the highly polar water molecule. Only one 
such term is required to give essential agreement with 
experiment in this lower temperature region where the 
multipole expansion is still valid.

3. B (T ) Tables. Table II gives the estimated sec­
ond virial coefficients and their first and second tem­
perature derivatives for H20 -H 20, OH-OH, and OH- 
1120 interactions up to 2000°. This table is based on 
the Stockmayer potential only. We have included the 
temperature derivatives in order that thermodynamic 
quantities may be calculated directly. The first de­
rivative provides a further test of the potential func­
tion. At relatively low pressures the Joule-Thomson 
coefficient can be expressed as

MJT =

where B is the second virial coefficient B(T) and Cp is 
the constant pressure heat capacity. In Table III we 
have compared the experimental data for /¿jt with val­
ues calculated in this work and from the experimental 
virial coefficient data of ref 11 and 15. In the latter 
cases we had to estimate dB/dT graphically and the 
comparison suffers from errors in that method. The 
error is quite noticeable in the value of ¿ ¿ j t  at 150° 
estimated from the work of Kell, et al.,n since this 
point is the end point of the graph. Thus still unre­
solved are which low-temperature B(T) data are the 
better, i.e., Kell, et al.,n or Keyes, et al.n

The experimental mjt values used in Table III are 
from the work of Juza as given by Potter24 and the 
work of Davis and Kleinschmidt as given in the steam 
tables.25 The Cp data used were also taken from the 
steam tables.26

Acknowledgment. The author wishes to thank Mrs.
D. Lyon and especially Mrs. E. Williams for their 
assistance in the computer programming for this work.
Appendix

The expansion coefficients Hni are given by the ex­
pression

The Journal of Physical Chemistry, Vol. 76, No. SO, 197%

dB
B -  T—  d T (1 0 )

h „ = i  n r gn~ V  X

sin ft sin 02 d0i d02 d0 (A -l)

where as in the text d<f> =  d (<f>2 — <t>i)- The usual 
method of evaluation is using the binomial theorem 
followed by integration. If the terms for l =  0 are 
evaluated separately, a simple expression is obtained 
(n must be even or the integral in (A-l) is zero for this 
case).

Hno =  Gk (fc +  ^  x  
(2k +  i)r[/fc +  (» / ,) ]

22g~ 1r  [fir +  ( y 2)]
e = o T{g +  1)

(A-2)

where k =  n/2 for n even. The coefficients in (A-2) 
are just those for the dipole-dipole interaction alone. 
The complete expression for the H ni™ is

Hnl =  -  E  E  E  E  ( —i ) p+9+r( -  V ~ 2p3s X

(n -  2l)\(2l\)2 3 *(n -  21 -  p +  r)\ 
p\q\r\s\(n — 21 — p)\(2l — q)\(2l — r — s )! ^

T( V +  g +  s +  +  P ~ g  +  S + ! ^

— 2l +  q +  r + s  +  ~  1 +  r +  ^  ^

where x\ is the factorial function of x.
Similar considerations apply to the evaluation of (7) 

in the text except that the result is quite involved and 
requires a large amount of computation. The final 
result is

1  n — 21 21 — q 21— q — s q q — u
H n l ,  =  7  E E  E  E E  ( - I ) i +B x

4  r = 0 s = 0 t = 0 u = 0 v = 0

(2)* 41 — 2r / n\2l — s — t —r(3 ) ( "  ;  2‘) x

r +  s +  u \ /2Z — q 
(r +  s +  u)/2/\ s 

21 — q — s\ ( q\(q — u— u\
V )

X

X

fr +  s +  u + !)'in +  q — r — s — u — 2v +
2 /  \ 2

' n +  21 — q — r — s — 2t — u +  1)
0

n +  q — 2v +  2\ (n  +  21 — q -  2t +  2s!H
(A-4)

(24) J. H. Potter, J. Eng. Ind., 92, 257 (1970).
(25) J. H. Keenan, F. G. Keyes, P. G. Hill, and J. G. Moore, “ Steam 
Tables,”  International ed, Wiley, New York, N. Y., 1969.
(26) The first few of these coefficients as given in Table 3. 10-6 of
ref 9 are all in error, being exactly four times too large.
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Strong Crystalline Field Perturbation Calculations for d3,d7 

Pentacoordinate Complexes. I. The Trigonal Bipyramid
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Crystal field theory within the context of the strong-field approximation is used to treat the d3,d7 system in 
a trigonal bipyramidal environment. The strong-field basis functions are taken as Slater determinants, and 
the Du crystalline field symmetry eigenfunctions specified as individual members of this basis set or linear 
combinations thereof. Although spin is only implicitly included, the two distinct types of doublet wave 
functions for three particles of half-integral spin are successfully identified. The crystalline field and Coulombic 
perturbation energy matrices are calculated in the limit of zero spin-orbit coupling. All such matrices are 
shown to be consistent with results available from the weak-field limit. Numerical values are substituted 
into the parametric form of the perturbation matrices. The resulting energies of the strong crystalline field 
states are presented in the form of an energy level diagram in order to discuss the expected spectroscopic 
behavior of a d7 trigonal bipyramidal system.

Introduction
Crystal-field calculations of varying degrees of com­

plexity have been carried out for most cR configura­
tions. Although both the weak- and strong-field ap­
proximations are well represented, the majority of the 
existent calculations pertain to systems of octahedral 
geometry or derivable therefrom.1'2 Noncubic calcu­
lations (i.e., not based on cubically disposed eigenfunc­
tions) have focused on d" systems in a trigonal bipyra­
midal environment. Simple crystal-field calculations 
are available for the atomic d orbitals (and the d9 sys­
tem via the hole formalism) 3'4 as well as the d2,d8 sys­
tem.4 Becker, Meek, and Dunn have extended the 
treatment of the d4,d9 and d2,d8 configurations to in­
clude spin-orbit coupling as well as both weak and 
strong crystalline field effects.5 For the remaining 
d” configurations, available calculations have been 
based on the weak crystalline field formalism. Norgett, 
Thornley, and Venanzi6 have calculated the splitting 
of the free ion terms for d6-8 systems subjected to a 
weak crystalline field from which they constructed 
energy level diagrams for discussing spectroscopic 
data. Wood7 has published energy level diagrams for 
the d2,d8 and d3,d7 systems and has discussed the mag­
netic properties of the d1-4 and d6-9 configurations 
including spin-orbit coupling effects.

Trigonal bipyramidal coordination has been well 
established for the d8 ions, Ni(II), Pd(II), Pt(II), and 
Co(I).8'9 Recently, however, trigonal bipyramidal 
complexes of the d7 ion C o(ll) have been prepared with 
ligands capable of producing a strong crystalline field 
and are receiving serious consideration.10-12 The 
present calculation formulates the d3,d7 system within 
the context of the strong crystalline field approxima­

tion. In the limit of vanishingly small spin-orbit inter­
action, the appropriate Hamiltonian consists of a crys­
talline field potential and the electron-electron repulsion 
operator

3 e 2

3C = V cf{i',d ,<t>) +  2  (1)
i < j  Tij

An electron within a trigonal bipyramidal crystalline 
field, as shown in Figure 1, is subject to a potential 
which, in the ionic model system of calculation,13 has 
the explicit form

(1) A. D. Liehr, J. Phys. Chem., 64, 43 (1960); 67, 1314 (1963).
(2) J. Perumareddi, ibid., 71, 3144 (1967), and references therein.
(3) P. Day, Proc. Chem. Soc., London, 18 (1964).
(4) M. Ciampolini, Inorg. Chem., 5, 35 (1966).
(5) (a) C. A L. Becker, D. W. Meek, and T. M. Dunn, J. Phys. 
Chem., 72, 3588 (1968); (b) ibid., 74, 1568 (1970).
(6) (a) M . J. Norgett, J. H. M. Thornley, and L. M. Venanzi, J. 
Chem. Soc. A, 540 (1967); (b) see also the refined extension of this 
work, M . J. Norget and L. M. Venanzi, Inorg. Chim. Acta, 2, 107
(1968) .
(7) (a) J. S. Wood, Inorg. Chem., 7, 852 (1968); (b) ibid., 8, 491
(1969) ; (c) J. Chem. Soc. A, 1582 (1969).
(8) R. L. Dutta, D. W. Meek, and D. H. Busch, Inorg. Chem., 9, 
1215 (1970); 9, 2098 (1970); and references contained therein.
(9) F. A. Cotton, T. G. Dunne, and J. S. Wood, ibid., 4, 318 (1965).
(10) D. W. Meek, data reported in part at the 162nd National Meet­
ing of the American Chemical Society, Washington, D. C., Sept 1971, 
Abstract No. 96 (inorganic division); Inorg. Chem., submitted for 
publication.
(11) L. Sacconi, data reported in part at the 162nd National Meet­
ing of the American Chemical Society, Washington, D. C., Sepb 1971, 
Abstract No. 95 (inorganic division).
(12) C. A. L. Becker, data reported in part at the 162nd National 
Meeting of the American Chemical Society, Washington, D. C., 
Sept 1971, Abstract No. 106 (inorganic division).
(13) T. M. Dunn, D. S. McClure, and R. G. Pearson, “ Some Aspects 
of Crystal Field Theory,”  Harper and Row, New York, N. Y., 1965, 
Chapter 1.

The Journal of Physical Chemistry, Vol. 76, No. 20, 1972



2908 J. A. Varga and C. A. L. Becker

V c f O '
,  ,  r  3 z

M ) =  e2 —  
L a

3 ZE 2Za (9a:2 +  9 y2 — 6 r2)ZE (322 — r2)ZA (15a:3 — 4 5xy2)ZE
+ + + +b 4a3 b3 8a4

(315[a:4 +  2x2y2 +  y4] -  360r2[z2 +  y2] +  72r*)ZE (35z4 -  30z2r2 +  3r4)ZA'
65a6 466

For the case of a regular trigonal bipyramid (ZE =  ZA and a =  b), this potential becomes58-

(2)

Ze2
TCF(r,0,<£) =

a L

9a:2 +  9y2 +  12z2 -  10r2 15a:3 -  45zî/2
5 4-------------------—--------------------b ------- ^- 5----------b4a2 8as

315(a:4 +  2x2y2 +  y4) +  560z4 +  120r2(r2 -  3a:2 -  3y2 -  4z2) '
64a4 (3)

In order to maintain agreement with previous D3h 
calculations, as, for example, according to Wood,7a the 
crystalline field parameters are taken as

Ds =  -y ^ (r2) (4a)
14a3

and

25Ze2, a
Dt =  ------- (r4)

168a5' '
(4b)

in which case, the non-vanishing one-electron matrix 
elements become

(2, ± 2 | F c f O",0,<£)I ± 2,2) =  «o — 2Ds +  Dt

(2, ± l| F CF(r,0,0)| ±1,2) =  e0 +  Ds — 4Z>i (5)

<2,O|FCF(r,0,<£)|O,2> = e0 +  2£)s +  6Z>i

Spectroscopic data for trigonal bipyramidal complexes 
of Cu(II) 14 and Ni(II)6'15 suggest that Dt >  Ds. There­
fore, the ordering of the one-electron crystalline field 
energy levels is clearly e " (0±i) <  e'(<̂ ±2) <3C a/(</>o).

The crystalline field treatment of the d3,d7 system 
involves the determination of multi-electron strong 
crystalline field basis functions, construction of the sym­
metry eigenfunctions, and, finally, calculation of the 
perturbation energy matrices in parametric form. 
From these matrices energy level diagrams are then 
obtainable upon substitution of actual numerical values 
for the various parameters.

Basis Functions
The strong-field basis functions are of the one-elec­

tron product type, i.e., Slater determinants constructed 
from one-electron energy levels. Three electrons may 
occupy the trigonal bipyramidal one-electron energy 
levels in the nine different configurations: [(e " )3],
[ ( e " ) 2( e ' ) L  [ ( e " ) ( e ' ) 2L  [ ( e ' ) 3L  [(e " )2(a /)] , [ ( e " ) ( e ' ) -  
(a /)] , K e O W )], [ (e " ) (a /)2], and [(e ')(a i')2]. The 
basis functions are obtained by assembling the one- 
electron energy levels corresponding to each of the 
configurations into a Slater determinant: |<£i(l)</>i(2)- 
<fe(3)|, where electron 1 occupies energy level i; electron 
2, energy level j ;  and electron 3, energy level k. Spin 
is implicitly included to distinguish between quartets,

Z

Figure 1. Trigonal bipyramidal coordination sphere.

\<t>i+(i)<t>j+(2)<pk+(S)\, and doublets, |<£i+(l)0;+(2)<£*-(3)| 
(including the allowed permutations of two like and 
one unlike spin among <j>Jt and </>t).

By standard group theoretical methods,16-17 it is 
possible to deduce the symmetries of the states belong­
ing to each of the nine configurations. The multi­
plicities of the states are tentatively assigned by dis­
tributing the total (spin and orbital) multiplicity of a 
given configuration among the several states arising 
therefrom. For cases in which more than one assign­
ment is possible, correlation with the weak-field limit 
removes the ambiguity, since the strong- and weak- 
field states must be isomorphic. By such methods the 
d3 strong field states under trigonal bipyramidal geom­
etry (Z)3ft symmetry) were determined to possess the 
symmetries and multiplicities listed in Table I. The 
weak-field states are shown also for comparison.

The construction of the symmetry eigenfunctions 
depends ultimately on the transformation properties 
of the three-electron basis functions. Application of 
the appropriate D 2{afi,y) matrices513 to the orbital

(14) G. C. Allen and N. S. Hush, Inorg. Chem., 6, 4 (1967).
(15) G. S. Benner, W. E. Hatfield, and D. W. Meek, ibid., 3, 1544 
(1964).
(16) F. A. Cotton, “ Chemical Applications of Group Theory,”  Inter­
science, New York, N. Y., 1963, Chapters 5 and 8.
(17) M . Tinkham, “ Group Theory and Quantum Mechanics,” 
McGraw-Hill, New York, N. Y ., 1964, Chapter 3.
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Table I : Correlation of the d3 Weak- and Strong-Field States in a Trigonal Bipyramidal (D3ft) Environment

Total
multi- Sy miiieUy sLaLtîs

d» plicity“1*’ 2Ai' 2A2' 2E' 2Ai" 2A2"’ 2E" 4A2' 4E' <Ai" <A2” 4E"

Strong-Field Configuration
](e ")3] =  [(e ")]‘ 4 i
t(e")J(e')] 24 1 i 3 1
t(e")(e ')2] 24 i 1 3 1
[(e ")! (a1')] 12 1 i 1 1
[(e")(e')(ai')l 32 2 2 2 1 1 1
l(e")(ai')2] 4 1
[(e')3l =  [(«')]• 4 1
l(e ')2(a /)] 12 1 i 1 1
[(e')(ai')2l 4 1
2 120 3 3 7 3 3 7 2 1 1 1 2

Weak-Field Terms
2P 6 1 1
2D +  2D 20 2 2 2
2R 14 1 1 1 1 1
2G 18 1 2 1 1 1
2H 22 1 2 1 1 2
4P 12 1 1
4F 28 1 1 1 1 1
2 120 3 3 7 3 3 7 2 1 1 1 2

“ Total multiplicity = (spin degeneracy) X (orbital degeneracy). 6 Strong-field total multiplicity

IT *[.Cr] = n  ^
r  (r 
L

-  l)(r -  2 ) . . . ( r  -
n !

- n +  1)1
JQ = ai'.e'.e" q = ai'.e'.e"

where r is the number of spin orbitals available to the n electrons in the gth energy level. For q =  a /, r = 2; for q = e', e” , r =
* Since an e level is exactly half-filled with two electrons, the three electron configuration must be treated via the hole formalism, i.e., 
[(e)3] =  [(e)].

portion of the basis functions (the spin being un­
affected) generates the rotation characters of each 
member of the basis set. Linear combinations of the 
basis functions are then taken, where necessary, to 
reproduce the symmetries required for the various d3 
strong-field states.

The identification of the d3 symmetry eigenfunctions 
as individual members of the basis set, or linear com­
binations thereof, proceeds quite straightforwardly for 
those configurations from which only doublets can 
arise: [(e " )3l, [(e ')3L [(e")(ax')2], and [(e ')(a i')2].
For the remaining configurations [(e, ')2(ai') ], [(e ')2~ 
(ap)], [(e")(e ')(a i')L  [ ( e " ) V ) ] ,  and [(e ")(e ')2L how­
ever, a caveat is in order. To accommodate the orbital 
degeneracy of these configurations more than one type 
of doublet is necessary. Use of the Lôwdin projection 
operator according to standard procedures18“ 20 readily 
generates the two orthonormal doublet wave functions

l / - \ / 6 [ 2 | ( f ) ae<f>b“ <f>c“ | —  —  |4>a“ < £ b ° W 3|]

l / V 6 [2[d.a> b V |  ~  | * , W |  -  | * . W | ]  (6)

and

l / V /2[|<f>a“4>biW*| = ¡$a“<f>b°W3| ]

l / V 2 [ k . W l  -  l0a W | ]  (7)

Hereafter, those doublets with 1 /V 6  normalization 
factor will be termed type I; those with 1 /y/2, type II.

The symmetry eigenfunctions obtained for the d3 
case are listed in Table II. It should be noted, how­
ever, that for those wave functions arising from the 
[(e,,)(e ,)(ai')] configuration symmetry arguments indi­
cate that the choice of the particular three-electron 
basis function to appear with coefficient 2/ V 6 in the 
type I doublet is perfectly arbitrary provided the 
remaining members of the basis are completely dis­
tributed between the type I and type II doublets. 
The 2A1" , 2A2" , and 2E "  eigenfunctions from [(e")- 
(e')(ai')] listed in Table II are those which give all 
integral coefficients in the diagonal Coulombic matrix 
elements. Alternate choices, which give fractional coef­
ficients, could also be used since the effective Coulombic 
perturbation (i.e., net perturbation due to combined 
diagonal and off-diagonal terms) is identical in all 
cases.

(18) P. O. Lowdin, Phys. Rev., 97, 1509 (1955).
(19) A. Carrington and A. D. McLachlan, “ Introduction to Mag­
netic Resonance,” Harper and Row, New York, N. Y., 1967, Ap­
pendix C.
(20) M . J. S. Dewar, “ The MO Theory of Organic Chemistry,”  M c­
Graw-Hill, New York, N. Y., 1969, pp 254-268.
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Table II : Dah Strong-Field Wave Functions for the d3 Configuration

(e")3 =  (e") 
(e")(ai')3 
(e')(ai')2 
(e')3 =  (e') 
(e")2(ai')

(e')2(ai')

(e")2(e')

(e")(e')2

(e")(e')(ai')

2E "
2E "
2E'
2E'
*A Ï
2E'
2A2'
2A,'
4A2'
2E'
2A2'
2A /
4E'
2E'
2E'

2E'

2A2'
2Ai'
4E"
2E "
2E "

2E "

2Ai"
2A2"
4A2"
4A,"
4E "
2E "

2E "

2Ai"
2A2"
2Ai"

2A2"

|01+0O_ Ô+|, ¡0O+0(T</>-l+|

</>2+4>2 “ 0 - 2  +  ,  +  \

d>i +<j>o +<f>-1+
0 1 +0 l “ 0 o + |, I^O+0-1 “ 0-1+1

1 / V 6 [2 | $ i + 0o“ 0 - i  + [ — | 0 i+ 0 o+ 0 -i | ^0i 0 o + 0 - i+ l]
-  |0r 0o+0-i+|]

|02+00+0-2+1
1 0 2 + 0 2 -0 0 + 1 , |0O+ 0 - 2 _ 0 - 2 + l

1/V 6[2[02+00 “0-2+1 -  I02+0O+0-2“ ! 
l/-\/2 [|02+0O+0-2_ l — |02~0O+0-2+|]
I02+01+0-1+I,
¡02+01_01+|, |0-I+0-

102 0O+0-2 + l]

2+0 1 +0 - 1  |]

,l+0_,+0_2+|
■0-2+l

j l / V ' 2 [ | 0 2 +0 1 +0 - l - |  -  |02+0 1 - 0 - l + |]
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Perturbation Energy Matrices
The one-electron crystal-field symmetry eigenfunc­

tions (i.e., a /, e', e ") completely diagonalize the par­
ametric form of the perturbation matrix: in the in­
stance of D3* symmetry, the perturbation matrix of 
the one-electron orbital functions (i.e., 0O, 4>±i, d>±2) is 
even strictly diagonal. Thus no off-diagonal crystal- 
field matrix elements can exist in the perturbation 
matrices for d3,d7 in strong DZh crystalline field. The 
diagonal matrix element for a given state depends only 
upon the strong-field configuration which gives rise to 
that state, and is simply the algebraic sum of the ener­
gies of the one-electron levels composing that strong- 
field configuration. The crystal-field energies of the 
various d3 trigonal bipyramidal strong-field configura­
tions are listed in Table III.

Table III: D 3h Crystalline Field Energies for the 
d8 Strong-Field Configurations

Configuration Crystal-field energy

](e")3]
[(e")2(e')I
](e")(e')2]
](e')3]
[(e")2(a/)]
[(e")(e')(a,')]
](e')2(a,')]
](e")(a,')2]
](e')(ai')2]

3 e0 +  3D s  -  12Dt 
3eo — 7 D t 
3 e0 — 3D s -  2D t 
3eo — QDs -f- 3 Dt 
3eo -j- 4Z)s — 2Dt 
3eo “h D s  -j- 3Dt 
3eo — 2D s  -j- 8Dt 
3 eo -f- 5D s  -f- 8D t 
3e0 +  2 D s  +  13 D t
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Nonzero Coulombic matrix elements can occur, of 
course, only between eigenfunctions of the same sym-
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metry, all other matrix elements vanishing identically. 
The Coulomb operator for three electrons is simply a 
sum of two-electron operators

Q E  —
i<3 r ij

+  +  —
rvi r13 r23 (8)

Three situations arise when this operator is used with 
the d3 symmetry eigenfunctions, which are either indi­
vidual Slater determinants or linear combinations of 
Slater determinants. The matrix element

< ¥ u|Q|*v> =  (|$a<M>c||Q||<f>d<M>f|) (9)

vanishes unless 'Fu and HR are identical (he., a diagonal 
element) or unless fku and >kv differ by one or two 
individual <j>i. These three cases are discussed in 
detail by Condon and Shortley.21

For the d3 system the Coulombic matrix elements 
reduce to a sum of two-electron matrix elements, each 
of which has the form

(ab\q\cd) =  <5(to/ ,  to / ) 5 ( to/ ,  to/)< 5 (to /  +

m i, mi +  m i) E  ck(lam d, lcm,ic) •
k = 0 ,2 ,4

ck(ldm d, lbrni‘)R k(nalanhll>, nclcndld) (10)

Since the operator e2/ r w is independent of spin, the 
spins associated with the electrons in the <£* (\i) =  
<t>i° =  <&i-<JÏ) must satisfy the Kronecker deltas, S(msa, 
to/ ) ,  ô(msb, to/ ) ,  and therefore must now be considered 
even though spin was included only implicitly in deter­
mining the symmetry eigenfunctions. The appropriate 
values of c* are listed in Table I6 of Condon and Short- 
ley.21 For d-d interactions, the radical parameters, 
Rk, become F0, F2, and Fit in the Slater-Condon- 
Shortley notation;21 or, alternately, in terms of the 
Racah parameters:22 A  =  F0 — 49Fi} B =  F2 — 5F4, 
and C =  35fV This latter set of parameters is adopted 
for the present calculation.

The perturbation matrices for combined crystal- 
field-Coulombic interactions in a d3 electronic con­
figuration subjected to a strong DSh crystalline field, 
as thus calculated, are displayed in Table IV. For 
application to experimental absorption spectra, how­
ever, the constant diagonal terms 3e0 and 3 A would 
normally be subtracted, since this action would not 
change the absorption energies (i.e., energy separations 
between perturbation levels) and since these parameters 
are not determined experimentally.

Check of the Coulombic Matrix Elements Against the 
Weak-Field Limit

Mathematical errors in this calculation would be 
most likely to have occurred in the Coulombic matrix 
elements, especially in the off-diagonal terms, since 
calculation of the crystal-field elements is trivial. 
Accordingly, the strong-field-Coulombic perturbation 
energy matrices are checked by correlation with the

E
(cm"1)

Figure 2. Energy level diagram for a strong-field Co(II) (d7) 
trigonal bipyramidal complex with the following approximate 
parameters: Ds = 2580 cm-1, Dt = 2680 cm-1, B =  780 
cm-1, and C =  3056 cm-1; a, first-order approximation; b, 
second-order approximation; the arrows indicating 
spin-allowed, symmetry-allowed electronic transitions.

weak-field limit. For intermediate-strength crystal- 
field perturbation, the strong- and weak-field approxi­
mations are only parametrically distinct, so upon nu­
merical substitution the results should be identical. 
Furthermore, since F0, F2, and F4 are not additive 
(being expectation values of different powers of La- 
guerre polynomials) the strong- and weak-field net 
perturbation energies due to each of A, B, and C must 
agree individually. Since in the weak-field approxi­
mation, the Coulombic interaction is strictly diagonal, 
each crystal-field state arising from a given Russell- 
Saunders term will have the Coulombic energy of the 
parent term. Hence the Coulomb energies expected 
for the various strong-field states of a particular sym­
metry are straightforwardly tabulated, since a one-to- 
one correlation exists between the strong- and weak- 
field states.

The Coulombic energies for d3 eigenfunctions in the 
weak-field approximation are available from Condon

(21) E. U. Condon and G. H. Shortley, “ The Theory of Atomic 
Spectra,”  Cambridge University Press, Cambridge, 1964, Chapter 6.
(22) G. Racah, Phys. Rev., 61, 186 (1942); 62, 438 (1942); 63, 367 
(1943).
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and Shortley’s text.28 The 2P and 2H terms have the 
same Coulomb energy. The fact that two 2D terms arise 
in the d3 case necessitates invoking second-order effects 
to sort out their exact Coulomb energies, since con­
sideration of first-order effects alone gives only their 
mean value. According to the diagonal sum rule24,25

a2D ¡3A +  7B +  7C — E  3V 21B

b2D \SV21B SA +  SB + 3 C -  E

E = 5A +  5B +  5C ±  V 1 9 3 5 2 +  8BC +  4C2

(11)

E =  5A +  5B ±  V193B , if C =  0 

E  =  5A +  7C, 5A +  SC, if B =  0

To check the strong-field matrices against the weak- 
field limit, the parameters are simply assigned numerical 
values (either one at a time with the second parameter 
zeroed, or jointly) and the resulting perturbation en­
ergy matrices solved for the appropriate eigenvalues. 
The eigenvalues for the strong-field approximation 
must then agree identically with the (diagonal) weak- 
field limit. Verification of the parameter A is of course 
trivial since A occurs only along the diagonal in both 
approximations. All the matrices listed in Table IV 
were checked and found to be consistent with the weak- 
field limit.

To a first approximation, the undiagonalized form of 
the strong-field matrices can also be checked against 
the weak-field case. For each type of symmetry state 
the traces of the weak- and strong-field matrices are 
identical; this could not be otherwise because the 
weak- and strong-field perturbation matrices differ 
only by a similarity transformation.

Energy Level Diagram
Complete perturbation energy matrices, such as 

those given in Table IV, are used to investigate the 
spectroscopic behavior of transition metal complexes. 
By way of illustration, numerical values for Ds, Dt, B, 
and C approximately suitable for Co (II) coordinated 
to five identical strong-field ligands were chosen and the 
matrices solved. Since Co(II) is very similar to Ni(II) 
in the spectrochemical series, crystal-field parametric 
values appropriate to strong-field trigonal bipyramidal 
Ni(II) complexes were deemed reasonable: Ds =  
2580 cm-1 and Dt =  2680 cm_1.6b'6 The Racah pa­
rameters, B and C, were taken as 70% their free ion 
values,26 780 and 3056 cm-1, respectively, to account 
for nephelauxetic effect due to five strong-field ligands. 
For application to specific strong-field d3,d7 complexes,

(23) See ref 21, Chapter 7.
(24) See ref 21, Chapter 8.
(25) C. W. Ufford and G. H. Shortley, Phys. Rev., 42, 167 (1932).
(26) J. S. Griffith, “ The Theory of Transition Metal Ions,7’ Cam­
bridge University Press, Cambridge, 1964, Appendix 6.
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of course, the parameters Ds, Dt, B, and C would be 
assigned values which best fit the experimental elec­
tronic spectra.

When the strong-field energy levels are displayed as 
in Figure 2, qualitative features expected in the absorp­
tion spectrum become apparent. The ground state is 
well defined as * 2E '[ (e " )4(e ')3]- Nine spin-allowed, 
symmetry-allowed transitions, listed in Table V, are 
possible below 50,000 cm-1 (2000 A).

Table V : Spin-Allowed, Symmetry-Allowed d-d Transitions
for a Strong-Field d7 Trigonal Bipyramidal Complex“

2E '[(e ")4(e')3] — >  2E "[(e " )3(e')4]
2E '[(e")4(e')3] 2E '[(e" ) 4(e,)2(ai')]
2E '[(e ")4(e')3] 2A1'[(e " )4(e')2(aT)]
2E '[(e ")4(e')3] 2E "[(e " )3(e')3(ai')]
2E '[(e ")4(e')3] 2A2'[(e " )4(e')2(ai')]
2E'[(e")4(e')3l 2E"[(e")3(e')3(ai')l
2E'[(e")4(e')3] 2A2'[(e " )2(e')4(ai')]
2E '[(e ")4(e')3] 2E'[(e")2(e')4(ai')]
2E'[(e")4(e')3l 2A1'[(e")2(e')4(ai')l

“ Calculated for the parametric values Ds = 2580 cm-1, Dt = 
2680 cm“ 1, B = 780 cm“ 1, and C = 3055 cnT1; with only those 
transitions expected below 50,000 cm“ 1 (2000 A) being included.

The d7 strong-field energy levels are shown in Figure
2 to both a first-order approximation (diagonal matrix
elements only) and to a second-order calculation
(diagonal and off-diagonal crystal-field and Coulombic
terms). The ground state, 2E '[ (e " )4(e ')3L is rela­
tively insensitive to second-order effects, but most of

the excited states are strongly influenced by second- 
order interaction. For example, the lowest energy 
transition, 2E , [(e ")4(e ')3] -*■ 2E " [ (e " )3(e ')4L appears 
at significantly lower energy, whereas the transition, 
2E '[ (e " )4(e ')3] -*> 2E " [ (e " )3(e,) 3(ai')], shifts to higher 
energy, under second-order considerations. The degen­
eracy of the 2E '[(e /,)4(e ')3] 2A i'[ (e " )4(e ')2(ai')],
2E '[ (e " )3(e ')3(a,i')]) and 2A2'[ (e " )4(e ')2(a /)]  transitions 
is partially lifted, with the first two split away together 
toward lower energy and the third toward higher 
energy. The transitions 2E '[ (e " )4(e ')3] -► 2A2'[ (e " )2- 
(e ')4(ai')], 2E '[(e ',)2(e ')4(ai/)], however, become degen­
erate only in second order. Only the second lowest 
energy transition, 2E '[ (e " )4(e ')3] -► 2E '[(e , ') 4(e/) 2(ai')], 
remains unaffected in going from first to second order.

Conclusion
The complete perturbation energy matrices for a 

d3,d7 metal ion subject to a strong trigonal bipyramidal 
(.D3„) crystalline field have been quantitatively eval­
uated in parametric form. A qualitatively correct en­
ergy level diagram has then been constructed to illus­
trate the use of these matrices in discussing the optical 
behavior of such a system.
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The free energies of specific adsorption (AG°) for Br- , Cl- , F - , and OH -  in aqueous solution on Hg, Ag, and 
Au electrodes are calculated. The model includes metal-ion interactions, ion-water interactions, water- 
metal interactions, and Born energy contributions. For the halide ions, the calculated A(7° agree with previ­
ously reported experimental trends in adsorption although the magnitudes of AG° are too great. For OH -  
adsorption, the calculated AG° do not agree with experimental data; reasons for the discrepancy are dis­
cussed. Adsorption for Br-  and Cl-  is accompanied by loss of primary waters of hydration and the ions 
situate in the inner Helmholtz plane. The F -  and OH-  ions are negligibly dehydrated and adsorb in the 
outer Helmholtz plane.

Introduction
In this paper are calculations for the free energies of 

specific adsorption (AG°) for halide and hydroxide ions 
in aqueous solutions on mercury, silver, and gold elec­
trodes. The model used is that of Andersen and 
Bockris who first calculated the free energies of adsorp­
tion of simple, monovalent ions on mercury by assuming 
that adsorption is predominantly noncovalent.4 Co­
valent bonding is believed to be unlikely since the order 
of increased bond strength of the metal-ion molecule 
does not correspond to the ordering of adsorbabilities.4-6 
Moreover, the water-metal and ion-water interactions 
are large compared to the differences in bond energies, 
so the degree of adsorption should be highly dependent 
on the amount of hydration. For the free energy of 
specific adsorption, they used the sum of the changes in 
entropy and enthalpy resulting from differences in ion- 
metal, ion-water, and water-metal interactions for the 
ion as it is removed from the bulk solution and brought 
near the electrode. The contributions for the enthalpy 
can be summarized as follows.

AHi is the loss (he., H  becomes more positive) of in­
teraction with the surroundings for the n water mole­
cule which desorb from the surface. This includes 
losses from the hydrogen bonding with the second-layer 
water molecules and lateral interaction between these n 
molecules and their adsorbed neighbors and with the 
metal surface.

A Hi is the gain of interaction between those n water 
molecules and the bulk.

AH3 is the acquisition of image, dispersion, and repul­
sion energies.

A Hi is the difference in interaction with the n,\ pri­
mary water molecules in the bulk solution and the n\ at 
the electrode, he., (rii — ni)AHion̂ .w.

AH-0 is the difference in energy as a result of the

change in hydrogen bonding for all the water molecules 
associated with the ion when going from the bulk to the 
surface; he., (to/  — nt)AH-a bond/2.

AHt, is the loss of interaction with water beyond 
nearest neighbors.

A Hr is the loss of interaction resulting from the re­
orientation of adsorbed neighboring water molecules 
around the adsorbed ion as a result of the ion-water 
interaction at the surface. In the Andersen-Bockris 
treatment this is taken as one-half of the water-metal 
interaction.

The changes in entropy are as follows.
A/Si is the gain resulting from the to water molecules 

on the electrode being desorbed into the solution.
A(S2 is the loss as a result of the changes in the degrees 

of freedom for the ion upon adsorption.
A/S3 is the gain due to the decrease in the number of 

primary waters of hydration bound to the ion after 
adsorption of the ion on the surface.

AS4 is the loss associated with the increase in hydro­
gen bonding for the nonprimary waters when the ion 
leaves the bulk and adsorbs.

In the Andersen-Bockris treatment, the equilibrium 
distance between the ion and the electrode, Re, was 
determined by minimizing the image, dispersion, and 
repulsive energies (AHz) with respect to distance. These

(1) This work was performed under the auspices of the U. S. Atomic 
Energy Commission.
(2) Presented in part at the 161st National Meeting of the American 
Chemical Society, Los Angeles, Calif., March, 1971.
(3) Address correspondence to P h .D .-M .D . Progrom, School of 
Medicine, University of Miami, Miami, Fla. 33152.
(4) T. N. Andersen and J. O ’M . Bockris, Blectrochim. Acta, 9, 347 
(1964).
(5) T. N. Andersen, J. L. Anderson, and H. Eyring, J. Pkys. Chem., 
73, 3562 (1969).
(6) J. O ’M . Bockris, M . A. V. Devanathan, and K. Muller, Proc. 
Roy. Soc., Ser. A, 274, 55 (1963).
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Figure 1. Electrode-solution interphase. The adsorbed anion 
is shown with two adsorbed primary waters of hydration; 
other surrounding water is not shown.

three ion-metal interactions have the greatest expo­
nential dependence on distance of all the contributions.

The first of two modifications in this paper to the 
theory of Andersen and Bockris occurs in the deter­
mination of the equilibrium separation distance Re. 
Instead of using only the ion-metal interactions to de­
termine Re, all contributions to AG° were included. 
This effect is most evident in the case of F -  adsorption. 
At the point where the ion-metal interactions are a 
minimum, the loss in hydration for this ion is about 
25%. In other words, the angle <t> in Figure 1 must be 
large for that value of Re if Rw, the separation distance 
of the water molecule from the electrode, is to remain 
near its equilibrium value. The result is a loss in 
energy of about 18 kcal/mol; that this is large can be 
seen by observing that for Cl-  the change in energy is 
only about 6 kcal/mol when ion-metal interactions are 
at a minimum. The large loss in energy for F _ is 
enough to make AG° positive and there is no adsorption 
at that distance. However, when the ion is further 
from the metal, fewer waters of hydration must be 
removed from the hydrated ion. Thus with a smaller 
<f>, the change in ion-water interaction upon adsorption 
of the ion is less significant. If the other contributions 
to AG° do not change significantly, the small loss in 
energy of hydration may result in a negative free energy 
of adsorption, and the ion will adsorb. Thus, the 
amount of hydration depends on the separation distance 
and <t>, which is a function of the water-metal separation, 
and the orientation of the water with respect to the ion.

The second modification of the theory of Andersen 
and Bockris involves the water-metal interaction. 
They assumed that the separation distance of the water 
molecule from the electrode was the same as its radius 
and that the molecules which reoriented in the presence 
of an adjacent, adsorbed ion lost one-half of their water- 
metal interaction (Affw_m). In this paper the orienta­
tion of primary waters of hydration is constrained by 
both the metal surface and the ion. First, the w^ater- 
metal orientation appears in A 0W) where the 
Ry, corresponds to the separation distance of the water 
and the electrode and the 0W refers to the angle that the 
dipole of the water molecule makes with the surface of

the electrode.7 The zero angle is defined as the con­
figuration in which the oxygen atom is closest to the 
metal and the hydrogens are at the greatest distance. 
Other angles result from a rotation about a normal to 
the plane of the water molecule so that each hydrogen 
comes closer to the metal in succession. Secondly, the 
ion-water orientation is such that the primary waters 
always have an O-H bond axis in the direction of the 
anion and remain the distance of a hydrogen bond from 
the ion. These constraints on Rv, 0„, and the ion- 
water separation affect not only AJTW but also describe 
the amount of hydration the ion experiences.

In obtaining AG° the ion-metal separation distance 
(R) was varied incrementally from 1.0 to 4.0 A, and for 
each value of R, the water molecules primary to the ion 
were moved about the ion by varying fiw and 0W to find 
a minimum AG° for that of distance R. The separa­
tion distance at which AG° is the least is expressed as 
Re. Zero ionic coverage was assumed to allow the omis­
sion of ion-ion interactions and the solid metal elec­
trodes were assumed to have smooth surfaces for this 
coverage.

The following section deals with problems encoun­
tered in determining values for certain of the contribu­
tions to the enthalpies.

Theory
In calculating the free energy of adsorption of the 

halides on these electrodes there is a major problem in 
determining the repulsive energies. In evaluating the 
equation below, the constants A and n are unknown.4

_  -------2ttNA------------
rep in - 2)(n -  3) Rn~3 1 ’

N  is the number of adsorption sites per cm3. These 
unknown constants depend on the metal, the ion, and 
their structure. This problem was first dealt with in 
the study of adsorption on mercury by using the values 
of A and n for rubidinum compounds since R b+ and 
Hg+ have nearly the same size.4 This approximation 
led to quite reasonable results for AG°.

To derive A and n from the properties of the ions and 
metals themselves, one can use Born’s theory of ionic 
crystals in which

n = 1 +
9y0Oo

ßa2ze2 (2)

where v0 is the cell volume, a is the Madelung constant, 
a0 is the equilibrium separation of nearest charged 
species ze, and /3 is the compressibility.8 Also

A = az2e2a0"~1/snn (3)

where s„ is the sum of the nearest neighbors, each 
divided by the square root of their respective distance

(7) D. D. Bodé, Advan. Chem. Phys., 21, 362 (1971).
(8) E. A. Moelwyn-Hughes, “ Physical Chemistry,”  2nd ed, Per- 
gamon Press, London, 1961, p 556.

The Journal of Physical Chemistry, Vol. 76, No. 20, 1972



Free Energies of Adsorption of Halide and Hydroxide Ions 2917

from a given atom and taken to the nth power. These 
equations allowed for too little repulsion when they 
were applied to adsorption on mercury if mercurous 
halides were used to obtain A and n. This would be 
expected when one examines the crystal structure of the 
mercurous halides. They are nonionic and tetragonal;9 
additionally, close packing is evident when one com­
pares the Madelung constant for Hg2Cl2 (a =  2.62)10 
to that for simple cubic RbCl (a =  1.75). For the 
calculations in this paper I based A  and n for mercury 
on the similarity in size of Hg+ and Rb+ as did Ander­
sen and Bockris.4

Silver and gold halides are cubic,11 and they are not 
purely ionic. However, reasonable values for A and n 
can be estimated by eq 2 and 3. Since only the values 
for /?Agci and /SAgBr are known,12 the other compress­
ibilities must be approximated. That this is feasible 
from molar volumes13 can be seen by comparing the 
known values of /SAgBr to the derived value /SAgBr = 
/SAgci(FAgBr/FAgci) • There is a 2%  difference. For 
the remaining ions that adsorb on the silver electrode, 
/?AgF =  /?AgOH = /̂ Agci(FAgF/FAgci), where molar 
volumes were derived using known ionic distances.

For the gold electrode, none of the compressibilities 
are known; however, there is a proportionality between 
the silver and gold halides. The difference in the 
molar volume of AuBr derived directly from its 
ionic dimensions and that calculated by FAuBr = 
FAgBr(FAuci/FAgci), where F auci was derived using 
known ionic distances, is 0.37%. Thus F Auf = 
F auoh =  F AgF(FAuci/FAgci). For the compressibilities, 
one can then assume /3Aux = /3Agci(FAux /F Agci) = 
/3Agci(FAgxFAuci/FAgc.2), where X  denotes the anion 
F - , OH- , C l- , and Br- . To each of these estimated 
compressibilities, a 2%  correction is made correspond­
ing to the difference in experimental /3AgBr and the 
calculated value based on /SAgci.

To calculate the dispersion energy (UdiSp) the polar­
izabilities of the metals are needed. These are ap­
proximated by taking am =  3Fm/ 47rAfAvg, where A Avg 
is Avagadro’s number and Fm is the molar volume.14 
The calculated value of am for Hg differs from the 
experimental value by 14%, so all calculated values of 
am were adjusted by this amount. Also in obtaining 
Udisp, one needs diamagnetic susceptibilities; how­
ever, xoh- has not been reported. It was approxi­
mated from NaOH and KOH by taking

X- =  [(XKOH — XK+) +  (XNaOH — XNa+) ] /2 15'16

The xoh - found in this manner differs from xf- for the 
fluoride ion, which is the same size and is isoelectronic 
with the hydroxyl ion, by 2% .

The ion-water interaction, AH ¡_w, for OH-  was 
calculated by the methods of Eley and Evans to be 
— 21.5 kcal/mol.17

The coverage for adsorbed water molecules has been

calculated and measured to be between 0.8 and 1.0.418'19 
Variations in the percentage of coverage changes the 
values of Hi, Hït H6, and Si by approximately the same 
percentage and alters <S4 by 8.2 eu/mol times the change 
in fractional coverage. F or this work, as with Andersen 
and Bockris, the coverage is taken as 0.9.

Results
The results from the estimation of some of the param­

eters used in these calculations as well as calculated 
values for the contributions to the free energy of specific 
adsorption are listed in Tables I-V .

Table I :  SeparationDistances and
Free Energies of Adsorption

R e, Ä w , A G °,
A A k c a l /m o l

Hg/Br 1.95 2.54 -1 1 .9
Hg/Cl 1.77 2.54 -1 0 .3
Hg/F 3.80 2.16 2.6
Hg/OII 3.79 2.15 2.6
Ag/Br 1.80 2.50 -1 7 .3
Ag/Cl 1.71 2.54 -1 5 .0
Ag/F 3.61 1.97 - 2 .4
Ag/OH 3.61 1.96 - 3 .4
Au/Br 2.01 2.57 -1 4 .0
Au/Cl 1.91 2.53 -1 1 .7
Au/F 3.67 2.03 -2 .7
Au/OH 3.67 2.02 -3 .7

For adsorption of the halides on silver, gold, and 
mercury the calculated AG° show the experimentally 
observed4'20 order Br-  >  C l-  >  F - . One finds experi­
mentally that OH-  is adsorbed more than Cl-  on Au, 
less than Cl-  on Ag, and OH -  is not adsorbed at all on 
Hg. This repositioning of OH-  in order of adsorbabil- 
ity, depending on the electrode, is not evident in the 
calculations. The calculated AG° for OH-  is only

(9) R. W. G. Wyckoff, “ Crystal Structure,”  Vol. I, 2nd ed. Wiley- 
Interscience, New York, N. Y ., 1963, p 151.
(10) Q. C. Johnson and D. H. Templeton, J. Chem. Phys., 34, 2004 
(1961). Madelung constant for Hg2 Cl2 was calculated by their 
computer code.
(11) See ref 9, p 10.
(12) E. D. Washburn, Ed., “ International Critical Tables of Nu­
merical Data, Physics, Chemistry and Technology,”  Vol. I l l ,  M c­
Graw-Hill, New York, N. Y., 1928, p 50.
(13) P. A. Savintsev, Izv. Tomsk. Politekh. Inst., 95, 152 (1958).
(14) J. O’M . Bockris and D. A. J. Swinkles, J. Electrochem. Soc., 
I l l ,  737 (1964).
(15) F. E. Hoare and G. W . Bridley, Pros. Phys. Soc., 49, 619
(1937) .
(16) “ Handbook of Chemistry and Physics,”  49th ed, Chemical 
Rubber Publishing Co., Cleveland, Ohio, 1968-1969, p E-112.
(17) D. D. Eley and M . G. Evans, Trans. Faraday Soc., 34, 1093
(1938) .
(18) A. I. Sarakhov, Proc. Acad. Sci. USSR, Phys. Chem. Sect., 112, 
55 (1957).
(19) J. R. MacDonald and C. A. Barlow, Jr., Proc. Aust. Conf. 
Electrochem., 1st, 1963 (1963).
(20) D. D. Bodê, T . N. Andersen, and H. Eyring, J. Phys. Chem., 
71, 792 (1967).

The Journal of Physical Chemistry, Vol. 76, No. 20, 1972



2918 D onald D. Bodé, Jr.

Table II : Constants for the Anions and Metal Electrodes Used in Calculating AG°

B r- C l- F - O H - Hg Ag Au

n ,  Aa 1.96 1.81 1.31 1.31
n1i 'c 1 . 0 1.6 3.9 4.0
a, cm3 X 1024 b'd 4.24 2.98 0.81 1.80 5.05 3.51 3.48
x, cm3 X 1022 b,e -5 .7 3 -4 .0 2 -1 .5 6 -1 .6 1  -5 .5 5  -3 .2 3 -4 .6 4
AHi-w, kcal/moF - 1 2 . 0 -1 3 .6 - 2 0 . 6 -21.5
JVa, ergs X 10126,a<g 1.54 1.53 1.54
N„, cm3 X 1022 4 4.08 2.33 2.33

Reference 8, p 24. b Reference 4. c Reference 28. d References 14 and 23 and J. A. A. Ketelaar, “Chemical Constitution,
Elsevier, Amsterdam, 1958, p 91. a Reference 16. ! Reference 17. g C. Kittel, “ Introduction to Solid State Physics,”  2nd ed, 
Wiley, New York, N. Y., 1956, p 250. 4 Reference 9, p 10, and ref 13.

Table III : Geometric Terms Obtained in Calculating AG°

0, 0w,
deg deg n nt nt' ni

Hg/Br 7 5 .8 4 7 .7 1 .4 14 .1 9 . 8 0 . 6
Hg/Cl 7 8 .3 5 1 .5 1 .2 1 2 .8 8 . 7 1 .0
Hg/F 2 2 .1 0 . 3 0 . 5 9 . 3 8 . 2 3 . 8
Hg/OH 2 2 .1 0 . 3 0 . 5 9 . 3 8 . 2 3 . 9
Ag/Br 7 7 .7 4 9 . 6 1 .0 14 .1 7 . 5 0 . 6
Ag/Cl 7 9 . 4 5 2 . 6 0 . 8 1 2 .8 6 . 6 0 . 9
Ag/F 2 2 .1 0 . 3 0 .5 9 . 3 8 . 2 3 . 8
Ag/OH 2 1 .9 0 . 0 0 . 5 9 . 3 8 . 2 3 . 9
Au/Br 7 5 .2 4 7 .2 1 .0 14 .1 7 . 8 0 . 6
Au/Cl 7 5 . 6 4 8 .7 0 . 8 1 2 .8 7 . 0 1 .0
Au/F 2 2 .1 0 . 3 0 . 5 9 . 3 8 . 2 3 . 8
Au/OH 2 1 .9 0 . 0 0 . 5 9 . 3 8 . 2 3 . 9

when it moves from the bulk solution and adsorbs on the 
electrode. Thus Cl-  and Br-  would be specifically 
adsorbed in the inner Helmholtz plane (iHp) while F -  
and OH-  would be adsorbed in the outer Helmholtz 
plane (oHp). This conclusion is unusual since anions 
are normally considered to be adsorbed in the iHp and 
cations in the oHp.21 The dependence of AG° on the 
separation distance for Cl-  and F -  with Hg and Ag are 
shown in Figure 2. Other results are not plotted since 
the small differences in values would not make their 
plots significantly unlike those in Figure 2.

Discussion
The calculated A(?° for Br- , Cl- , F - , and OH-  on 

Hg are —11.9, —10.3, +2.6, and +2.6 kcal/mol, re-

Table IV : Calculated Contributions to AH (kcal/mol)

A Hvr—m
Hi mage Udisp Uiep ( R e ,0e) A n A H l A H i AH s A i f , AH s A He A H i

Hg/Br -4 0 .5 -2 9 .4 19.9 -1 1 .1 0000

X 10-80 8.7 31.6 -1 4 .7 -4 6 .9 4.5 — 9.8 15.2 2.7
Hg/Cl -4 4 .4 -2 4 .8 21.9 -1 1 .3 00CO X 10-74 8.1 27.0 -1 2 .6 -4 7 .3 8.7 — 9 . 6 15.4 4.2
Hg/F -2 1 .3 -0 .5 0 . 1 -1 4 .8 1.6 X 10-78 8.8 10.7 - 5 .3 -2 1 .7 3.0 - 2 .3 18.0 4.4
Hg/OH -2 1 .3 -0 .7 0 . 1 -1 4 .8 1.6 X 10-78 10.7 -5 .3 -2 2 .0 3.2 - 2 .3 18.0 4.5
Ag/Br -4 3 .6 -1 2 .2 8.0 -9 .3 1.8 X 10-106 12.3 20.9 -1 0 .5 -4 8 .1 4.7 -1 4 .9 15.3 2.7
Ag/Cl -4 5 .8 -1 0 .0 7.7 - 9 .6 2.8 X 10-104 12.0 17.2 - 8 .4 -4 3 .4 8.9 -1 4 .0 15.5 4.3
Ag/F -2 2 .4 -0 .3 0 . 0 -1 6 .0 1.8 X 10-98 11.3 10.1 -5 .3 -2 2 .7 3.0 - 2 .3 18.8 0 . 0
Ag/OH -2 2 .4 -0 .5 0.0 -1 6 .0 1.8 X IQ-98 11.3 10.1 -5 .3 -2 2 .9 3.1 - 2 .3 18.9 0 . 1
Au/Br -3 9 .3 -1 0 .6 6.5 - 9 .0 CO 00 X 10-112 13.1 20.3 -1 0 .5 -4 3 .4 4.5 -1 4 .2 15.2 2.6
Au/Cl -4 1 .3 - 8 .6 6.3 - 9 .1 5.3 X IQ -10 8 12.6 16.8 -8 .4 -4 3 .6 8.2 -1 3 .1 15.4 4.4
Au/F -2 2 .0 - 0 .4 0 . 0 -1 5 .5 2.3 X IQ-103 12.0 10.8 - 5 .3 -2 2 .4 3.0 -2 .3 18.5 0 . 0
Au/OH -2 2 .0 - 0 .6 0 . 0 -1 5 .5 to CO X 10-103 12.0 10.8 - 5 .3 -2 2 .6 3.1 - 2 .3 18.6 0 . 1

slightly more negative than that for F -  and both are 
more positive than the AG° for Cl- .

The calculated minima for AG° with Cl-  and Br-  
occurs very close for all these electrodes to the separa­
tion distances corresponding to the minima for the sums 
of the ion-metal interactions. However for F -  and 
OH- , the minima for AG° occur when the separation 
distance for the water and the electrode is nearly equal 
to the minimum value for AHw_m(/2w, dw). At this 
distance there is little change in hydration of the ion

spectively (Table I ) . There are no experimental results 
with which these may be compared other than the value 
for I -  adsorption on Hg, which is —8.5 kcal/m ol.22 
Since I -  is adsorbed more than the other halide ions, 
the calculated results must be too negative. Much of 
this error is due to the Kirkwood-Miiller dispersion

(21) J. O’M. Bockris and A. K. N. Reddy, ' ‘Modern Electrochemis­
try,” Vol. II, Plenum Press, New York, N. Y., 1970, Chapter 7.
(22) W. Anderson and R. Parsons, Proc. Int. Congr. Surface Activ., 
3rd, 45 (1957).
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Table V: Calculated Contributions to AS (eu/mol)

ASi A S  2 A S3 ASi

Hg/Br 14.7 - 5 .7 5.0 -3 2 .0
Hg/Cl 12.5 - 5 .5 9.7 -2 8 .8
Hg/F 4.7 - 3 .3 19.5 - 7 .3
Hg/OH 4.7 - 3 .3 19.9 - 7 .3
Ag/Br 10.2 - 5 .9 5.0 -5 0 .6
Ag/Cl 8.7 - 5 .4 9.8 -4 5 .6
Ag/F 4.7 - 3 .5 19.5 - 7 .2
Ag/OH 4.7 - 0 .4 19.9 -7 .1
Au/Br 10.2 -5 .1 5.0 -4 8 .6
Au/Cl 8.7 - 4 .7 9.5 -4 2 .8
Au/F 4.7 - 3 .3 19.5 - 7 .3
Au/OH 4.7 - 0 .3 19.9 - 7 .2

Figure 2. The free energy of adsorption for Cl" and 
F _ as a function of the separation distance from the 
electrode for Hg and Ag.

formula, since it is only about 30% accurate and usually 
allows too much interaction.23'24 Another error is 
present in the image energy because the lines of force 
passing from the ion through neighboring water mole­
cules were assumed not to experience a change in di­
electric. The effect of this approximation is to allow 
too much ion-metal interaction. This is offset by 
neglecting such secondary effects as metal-induced 
dipoles in the ion interacting with the metal. The 
repulsive energy is only approximate; the exact values 
of A and n in eq 1 are not known. On the other hand, 
an error in the value of A orn  for an ion interacting with 
a given electrode will appear much to the same degree 
within the series of ions for that electrode and it should 
not alter the ordering of relative magnitudes for A G° 
for the ions absorbing on that electrode. The ordering 
in magnitudes of the calculated AG?° for a given elec­
trode should correspond with experimentally observed 
trends in adsorption for those ions on that electrode.

The uncertainties in this type of calculation for the

water-metal and the ion-water interactions are dis­
cussed in detail by Andersen and Bockris. It is shown 
that the uncertainties in these interactions may affect 
the magnitudes of the free energies of adsorption, but 
they will not alter the relative order of adsorbabilities. 
Thus the calculated values are only approximations of 
the actual values for the free energies, but they are in­
dications of the expected trends in adsorption.

The cause for the varying degree of adsorbabilitv for 
OH-  is not clear. Several authors have argued that 
formation of compounds between the adsorbing ion and 
the electrode is unlikely since the order of bond strength 
for the compounds do not correspond to the order of 
adsorbability.4'5'26 However, the contention that there 
is no compound formation on Au or Ag has not been 
proven.

Another explanation involves bridging, wherein ad­
sorbed pairs of anions and cations induce greater ad­
sorption of anions on the electrode.26'27 The adsorp­
tion of ionic pairs would also decrease the dielectric 
constant in the double-layer region and make the po­
tential of zero charge (pzc) more negative than for simple 
anionic adsorption. Since the relative adsorbabilities 
are based on the relative values of the pzc for the ions, 
bridging with OH-  would make the OH-  appear to be 
more adsorbed than one of the halide ions when it is 
actually not. However, for OH-  to give a pzc more 
negative than Cl- , and thus appear to be more ad­
sorbed than both F -  and Cl- , the bridging would have 
to be markedly greater for OH-  than that of F - .

A third alternative lies in the possibility for addi­
tional interaction of hydration that has not already been 
included in this theory. The small OH-  and F -  ions 
could interact with the water surrounding them and 
become more stable than the other halide ions.28-32 
Thus, during ionic adsorption there can be ordering of 
the surrounding water, and for want of a better de­
scription, an “ ice-like” layer results.
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Association of Alkali Perchlorates in Anhydrous Methanol at 25°
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Equivalent conductance of alkali metal perchlorates in anhydrous methanol at 25° are reported. The K A 
values have been determined by a new conductance equation including terms of order c!/2, and contrary to 
a previous 1959 analysis, association has been found for all the perchlorates (including lithium and sodium). 
From a comparison of the association behavior of alkali perchlorates in different pure solvents in the range 
of dielectric constant between 80 and 30, the influence of cation solvation and the protic properties of solvent 
on the association process are considered.

Introduction
A previous analysis of conductance data for lithium,1 

sodium,2 potassium,2 and cesium3 perchlorate in anhy­
drous methanol by the Fuoss-Onsager conductance 
equation4'5 indicated that lithium and sodium per­
chlorates are unassociated electrolytes. Recently, 
the association of alkali perchlorates has been found 
in water6 by a new conductance equation, including 
terms of order c \ Owing to the electrostatic nature of 
ion pair formation, these results are in disagreement; 
due to the lower dielectric constant, in fact, the associa­
tion of alkali perchlorate in methanol (D =  32.66) 
should be at least one order of magnitude greater than 
in water (D =  78.35).

In order to investigate if the lack of association found 
for LiC104 and the NaC104 in pure methanol was due 
to the mathematical approximations of the Fuoss- 
Onsager previous treatment,4,6 a new analysis of 1959 
conductance data1,2 has been made by the new equa­
tion.6 The limiting conductance values obtained from 
this new analysis agree within 0.01 A units with those 
derived by the 1959 treatment, while the more realistic 
values of K A(LiC104) -  14, K A(NaC104) =  19, A a(K- 
C104) = 34, and A a(CsC104) =  54 w’ere obtained for 
the association constants.

To complete the series of alkali perchlorates, the 
conductance of rubidium perchlorate has been measured 
and the conductances of lithium, sodium, potassium, 
and cesium perchlorates were also redetermined in a 
concentration range below cmax <  D 3 X 10~7, the critical 
concentration above w’hich it is impossible to assign 
unique partners to ions to form pairs.7

The resulting association sequence K A(LiC104) <  
A A(NaC104) <  A a(KC104) <  K A(RbC104) <  A a(Cs- 
C104) found for the alkali perchlorates in methanol at 
25° is in full agreement with that previously found6 
in pure wrater, wdiere the alkali metal cations are as­
sumed to be extensively solvated.

Experimental Section
Methanol was refluxed over AgN 03 for 24 hr to 

remove traces of aldehydes or ketones, and then dis­

tilled in a closed system into a flask containing some 
magnesium turnings and traces of I2. After a further 
24-hr refluxing it was fractionally distilled. All out­
lets to the air were protected by drying tubes. The 
middle cut w'as used. Specific conductance was less 
than 2 X 10~8 ohm-1 cm-1 and the amount of water, 
tested by Karl Fisher reagent, was less than 0.01%. 
The anhydrous methanol was used immediately after 
distillation. A viscosity8 of 0.5445 cP and dielectric 
constant9 of 32.66 were used in the calculations.

Reagent grade perchlorates wTere recrystallized three 
times from conductivity water (x0 = 1-2 X 10-6 ohm-1 
cm-1) and dried by heating under vacuum for 4-6 
weeks at 150°. The dried salts were kept in a des­
iccator containing P20 5.

Full details concerning electrical equipment and gen­
eral technique have been outlined elsewhere.10 The 
cell used was an erlenmeyer-type cell with an unpla­
tinized electrodes and with a constant of 1.6698 cm-1 
determined by the Lind-Zw'olenick-Fuoss method11 
using aqueous solutions of potassium chloride.

Conductance runs were made by the concentration 
method. In order to test if the dried salts used were 
water free, twro runs were made in dry methanol for 
each perchlorate after keeping the salts under vacuum 
(150°) for 4 and 6 weeks, respectively.

The experimental values of the equivalent conduc­
tance of alkali perchlorates in anhydrous methanol at 
25° are given in Table I ,12 where A is the equivalent

(1) F. Accascina and G. Craia, Sci. Tec., 3, 11 (1959).
(2) F. Accascina and G. Craia, ibid., 3, 203 (1959).
(3) F. Conti and G. Pistoia, J. Phys. Chem., 72, 2245 (1968).
(4) R . M . Fuoss and L. Onsager, ibid., 62, 1339 (1958).
(5) R . M . Fuoss, J. Amer. Chem. Soc., 81, 2659 (1959).
(6) A. D ’Aprano, J. Phys. Chem., 75, 3290 (1971).
(7) R. M . Fuoss, J. Amer. Chem. Soc., 57, 2604 (1935).
(8) G. Jones and H. J. Fonwalt, ibid., 60, 1683 (1938).
(9) L. J. Gostin and P. S. Albright, ibid., 68, 1061 (1946).
(10) F. Accascina, A. D ’Aprano, and R. M . Fuoss, ibid., 81, 1058 
(1959).
(11) J. E. Lind, Jr., J. J. Zwolenick, and R. M . Fuoss, ibid., 81, 
1557 (1959).
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conductance (ohm-1 cm-2 equiv-1) an c the concentra­
tion (equiv/1.).

All the conductance data including the previous 
1959 data1-3 were analyzed by a new conductance 
equation6 in order to find the conductance parameters 
A0, K a , and a. All the calculations were made on an 
UNIVAC 1108 computer. Full details concerning 
the new equation and the search program have been 
reported in a previous paper.6

The results of the computer analysis are summarized 
in Table II where the various runs made in the present 
work are identified by the number given in Table I, 
while the 1959 data by the letters.

Table II : Derived Constants

Electro­
lyte Run Ao Ka à <7

LiC104 1 110.58 ±  0.002 13.68 ±  0.01 7 . 9 0.004
2 110.58 ±  0.000 13.66 ±  0.01 7 . 9 0.002
a® 110.57 ±  0.003 13.71 ±  0.03 7 . 9 0.009

NaC104 3 116.32 ±  0.002 18.96 ±  0.02 6 . 4 0.006
4 116.32 ±  0.002 18.96 ±  0.02 6 . 4 0.004
b* 116.29 ±  0.004 18.70 ±  0.04 6 . 4 0.01

KCIO4 5 123.15 ±  0.001 34.22 ±  0.01 4 . 1 0.004
6 123.16 ±  0.001 34.30 ±  0.01 4 . 1 0.005
c5 123.16 ± 0 .0 0 2 34.25 ±  0.02 4 . 1 0.005

RbC104 7 127.01 ±  0.008 44.19 ±  0.09 3 . 4 0.03
8 127.12 ± 0 .0 0 7 44.96 ±  0.10 3 . 4 0.04

CsCKh 9 131.57 ±  0.02 53.80 ±  0.15 3 . 1 0.04
10 131.55 ±  0.01 53.60 ±  0.16 3 . 1 0.05
d® 131.58 ±  0.01 53.83 ±  0.10 3 . 1 0.03

® See ref 1. 6 See ref 2. 0 See ref 3.

Discussion
From inspection of the results given in Table II, 

we note that all the perchlorates (including lithium and 
sodium) examined in the present work are associated 
in anhydrous methanol at 25°. The disagreement 
of this results from the 1959 analysis1,2 can be easily 
explained considering the differences between the 
equations used. The linearized form of the Fuoss 
conductance equation5

A  =  Ao — / S \ / c 7 +

Ecy log cy +  Jcy — K kcyf2A (1)

or the simplified4

A =  A0 — S\/c +  Ec log c +  Jc (2)

for an unassociated electrolyte, which have been used 
previously to analyze sodium, potassium, lithium, 
and cesium perchlorates conductance data, were ob­
tained by retaining terms through those linear in con­
centration in the integration of the differential equation 
which describes the relaxation field. This approxima­
tion, made in order to simplify the form of the equation,

was found to be too drastic, especially for 1:1 ionophores 
in solvents with intermediate dielectric constants.

The anomalies accumulated in the literature for 
these systems using eq 1 and 2 have been examined 
recently by Justice.13 In particular for the associa­
tion constant, the K A values derived from eq 1 must 
at least include all the effects due to terms higher than 
those linear in concentration which were not considered 
in the arbitrary truncated integration.

Recently the entire problem has been reexamined 
by Fuoss14 and the arbitrary cutting of terms in con­
centration has been reduced by a new integration of the 
equations of continuity and motion, this time with re­
tention of terms of order c . The resulting equation 
can be put in the form

A = A0 — Sy/cy +  Ecy log cy +  Jcy +

/ 2c’ay h -  K kcyPK (3)

The 1967 Fuoss-Hsia equation used in the present 
work is a recently revised version including some varia­
tion on the lower limit of integration of the function 
describing the relaxation terms, the use of a more com­
plete Debye-Hiiclcel expression for the activity co­
efficient of free ions, and several other changes pre­
viously6 reported. As shown by the results obtained 
in the present research, the use of the new equation 
leads to much more reliable values of A  a for electrolytes 
in solvents with intermediate dielectric constants and 
demonstrates the influence of terms of the order c h 
on the association of these systems when derived by 
numerical analysis of conductometric data.

Alkali perchlorates have been investigated so far 
by several authors in various solvent of high or inter­
mediate dielectric constant, such as, water,6 aceto­
nitrile,16,16 and sulfolane.17 In order to have a com­
plete set of specific information derived from each sys­
tem, all these data have been reanalyzed by eq 3 used 
in the present research.

The results of the computer analysis for all the sys­
tems examined are summarized in Tables III, IV, and 
Y where all the symbols have the usual meaning.

As may be noted in Tables II, III, IV, and Y, for 
each solvent considered the association of alkali per­
chlorates increases as the cation crystallographic radii

(12) Table I will appear following these pares in the microfilm 
edition of this volume of the journal. Single copies may be obtained 
from the Business Operations Office, Books and Journals Division, 
American Chemical Society, 1155 Sixteenth St., N.W., Washington, 
D. C. 20036, by referring to code number JPC-72-2920. Remit 
cheek or money order for *3.00 for photocopy or $2.00 for micro­
fiche.
(13) J. C. Justice, Blectrochim. Acta, 16, 701 (1971).
(14) K . L. Hsia and R. M . Fuoss, Proc. Nat. Acad. Sci. U. S., 57, 
1550 (1967).
(15) R. L. Kay, B. J. Hales, and G. P. Gunningham, J. Phys. 
Chem., 71, 3925 (1967).
(16) F. Accascina and S. Schiavo, Ric. Sci., 7, 556 (1966).
(17) B. F. Prini and J. E. Prue, Trans. Faraday Soc., 62, 1257 (1966).
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Table III: Derived Constants for the Alkali 
Perchlorates in Pure Water at 25° “

Salt Ao K a à <T

LiC104 105.89 ±  0.4 0.04
NaCKXj 117.32 ±  0.4 0.20 ±  0.14 0.04
KC104 140.73 ±  0.1 0.98 ±  0.04 3.3 0.01
RbCICh 144.20 ±  0.1 1.35 ±  0.03 2.7 0.01
CsC104 144.52 ±  0.3 1.69 ±  0.10 2.3 0.02

° See ref 6.

Table TV: Derived Constants for the Alkali 
Perchlorates in Pure Acetonitrile at 25° a

Salt Ao K a à »•
LiCICb6 173.29 ±  0.04 19.55 ±  0.01 4 . 5 0 . 0 2

NaCICh 180.42 ±  0.13 20.77 ±  0.5 4 . 4 0.08
KCIO 4 187.66 ±  0.05 28.42 ±  0.14 3 . 4 0.02
RbClOi 189.59 ±  0.19 31.95 ±  0.4 3 . 2 0.06
CsC104 191.16 ±  0.05 35.20 ±  0.15 3 . 0 0.02

0 See ref 15. b See ref 16.

Table V : Derived Constants for the Alkali
Perchlorates in Pure Sulfolane at 30° a

Salt Ao K a à <T

LÌCIO4 11.057 ±  0.000 7.74 ±  0.2 4 . 7 0.05
NaCICh 10.334 ±  0.001 9.05 ±  0.04 4 . 2 0.08
KC104 10.760 ±  0.001 9.86 ±  0.03 3 . 9 0.07
RbC104 10.839 ±  0.001 10.16 ±  0.04 3 . 8 0.09
CsC104 11.045 ±  0.002 11.25 ±  0.06 3 . 5 0.13

a See ref 17.

increase. This behavior has so far been explained by 
taking into account the effect of solvation of the cation 
on the ion pairing.18-23 The behavior of association 
constants of the alkali perchlorates in the different 
solvent considered in the present analysis is shown in 
Figure 1 where log K A is plotted against l/DT. The 
most interesting fact evident in Figure 1 is that, while 
for CsC104 a linear relationship between log K A and

Figure 1. Log K a v s . (1 /DT) X 106 for the alkali perchlorates 
in different pure solvents: *,080104; C, RbC104; O, KC104;
©, NaC104; ©, LiC104.

l/DT exists, the plots for the others alkali perchlorates 
become more concave down either if the atomic number 
of the cation decreases or if the hydrogen bonding ca­
pacity of the solvent increases. From these results, the 
association behavior of alkali perchlorates in different 
solvents appears to be governed on the one hand by 
the degree of solvation of the cations and on the other 
hand by the protic properties of solvent. The latter 
may be in relation with the postulated ability of per­
chlorate anion to form hydrogen bonds with protic 
solvents.23

(18) A. D ’Aprano and R. M. Fuoss, J. Phys. Chem., 67, 1704 (1963).
(19) A. D ’Aprano and R. M. Fuoss, ibid., 67, 1877 (1963).
(20) A. K. Bodenseh and J. B. Ramsey, ibid., 69, 543 (1965).
(21) W. R. Gilkerson and B. Ezell, J. Amer. Chem. Soc., 87, 3812 
(1965).
(22) W. R. Gilkerson and B. Ezell, ibid., 88, 3484 (1966).
(23) F. Aceascina, A. D ’Aprano, and R. Triolo, J. Phys. Chem., 
71, 3469 (1967).
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Ionic Association of Potassium Perchlorate in Sulfolane-Water Mixtures 

from Conductance Measurements at 25 °

by A. D ’Aprano,* I. D. Donato,u and R. Palombolb
Institute of Physical Chemistry, University of Palermo, Palermo, Italy (Received January 24, 1972)

The ion pair association of potassium perchlorate in water-sulfolane mixtures has been computed by conduc­
tance measurements at 25°. Deviations from previous results in pure solvents are observed. An inter­
pretation involving the water structure modification by sulfolane takes into account the observed behavior 
of ion pair association.

Introduction
Over the past years a number of workers have made 

extensive investigations concerning the effects of the 
dielectric constant, the nature of ions, and the struc­
ture of the solvent on the ionic association. The main 
purpose of these studies has been to gain a further 
knowledge on the structure of the electrolyte species in 
solution. Among the different experimental techniques 
suitable for these investigations, conductance has been 
the most used, the conductometric method for deter­
mination of association constants being able to give 
exact experimental results within 0.01%. Owing to 
the limitation of the conductance theory2 most of the 
published work has been made in solvents or solvent 
mixtures in the dielectric range below 30, where the 
association constant for the formation of electrostatic 
ion pair becomes detectable by the conductance equa­
tion.213 The lack of information about ionic associa­
tion in solvents of higher dielectric constant has been 
recently eliminated by Fuoss with a new theoretical 
treatment of conductance theory.3

Recent studies on ionic association of alkali per­
chlorates in pure solvents,4,6 covering the dielectric con­
stant range between 80 and 30, have given experimental 
evidence of the large effects of solvent structure and 
ion solvation on the ion-pairing process.

In order to get a better understanding of the problem 
and to investigate the postulated6 effect of water struc­
ture modification on the ionic association, the conduc­
tance of potassium perchlorate in water-sulfolane 
mixtures has been measured at 25°. The results are 
given and discussed in the present paper.

Experimental Section
Reagent grade sulfolane (tetrahydrothiophene 1,1- 

dioxide) was distilled twice under reduced pressure (bp 
130° (6.5mm)). The middle fraction (60-70%) of each 
distillation was used.

Conductivity water (k0 =  1-2 X 10“ 6 ohm-1 cm-1) 
was purified as previously described.7

Water-solfolane mixtures were made up by weight

and corrected to vacuum. For each solvent mixture 
used for conductance work, the physical properties 
were determined at 25°. Densities were measured in 
a Sprengel-type picnometer calibrated with distilled 
water. Viscosities were measured in a Ubbehlode 
viscometer. The flow time for water was 471.3 sec 
reproducible to 0.1 or 0.2 sec. Dielectric constants 
were measured on the General Radio 761 CSI capac­
itance bridge at 1 MHz using the stainless-steel cell 
previously described.8 The physical properties of 
water-sulfolane mixtures are summarized in Table I,9 
where w is the weight per cent of water, D the dielectric 
constants, d(g/cm 3) the densities, 100?; the viscosities 
in cP.

Reagent grade potassium perchlorate was recrystal­
lized from conductivity water and dried by heating 
under vacuum at 150°. Conductance measurements 
were carried out by the concentration method using 
the bridge, bath, and electrical apparatus previously 
described.10 All measurements were carried out at
25.00 ±  0.003°. Two erlenmeyer-type conductance

(1) (a) Postdoctoral Research Fellow CNR, Contract No. 69.00345/
115/630, 1970. (b) Part of the results presented in this paper have
been included in the thesis presented by R. Palombo to obtain the 
degree of “ Docteur de Spécialité”  in the University of Montpellier, 
France.
(2) (a) R . M . Fuoss and L. Onsager, J. Phys. Chem., 61, 668 (1957) ; 
(b) R. M . Fuoss, J. Amer. Chem. Soc., 81, 2659 (1959).
(3) R. M. Fuoss and K. L. Hsia, Proc. Acad. Sci. U. S., 57, 1550 
(1967).
(4) A. D ’Aprano, J. Phys. Chem., 75, 3290 (1971).
(5) A. D ’Aprano, ibid., 76, 2920 (1972).
(6) A. D ’Aprano and R. M . Fuoss, J. Amer. Chem. Soc., 91, 211 
(1969).
(7) A. D ’Aprano, Rie. Sci., 34(7), 433 (1964).
(8) J. Lind, Jr., and R. M. Fuoss, J. Phys. Chem., 65, 999 (1961).
(9) Tables I and II will appear following these pages in the micro­
film edition of this volume of the journal. Single copies may be 
obtained from the Business Operations Office, Books and Journals 
Division, American Chemical Society, 1155 Sixteenth St., N.W., 
Washington, D. C. 20036, by referring to code number JPC-72- 
2923. Remit check or money order for $3.00 for photocopy or 
$2.00 for microfiche.
(10) F. Accaseina, A. D ’Aprano, and R. M. Fuoss, J. Amer. Chem. 
Soc., 81, 1058 (1959).
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Figure 1. Log KA vs. (1/DT) X 106 for KC104 in (O) pure 
solvents and (• ) water-sulfolane mixtures.

Figure 2. A F /F 1 0 0  v s . mole fraction of sulfolane (Ah) in
water-sulfolane mixtures at 25°.

cells were used. Cell constants 1.6698 ±  0.0002 and 
7.0897 ±  0.0005 cm-1 were determined as previously 
described.11

The measured conductance of potassium perchlorate 
in sulfolane-water mixtures are summarized in Table 
II9 where A is the equivalent conductance(ohm-1 cm2 
equiv-1) and c the concentration (equiv/1.). The values 
in pure water4 and in pure sulfolane12 are omitted since 
they were previously published.

Discussion
The experimental data reported in Table II were 

analyzed by a new conductance equation4

A =  A0 — S c^ yI/2 -f- Ecy  log cy +
Jcy +  J2c hy h -  K Acy fA  (1)

A. D ’Aprano, I. D. D onato, and R. Palombo

Figure 3. Walden product vs. Ah (mole fraction of sulfolane) 
for KCIO4 in water-sulfolane mixtures at 25°.

including terms of the order c \ Equation 1, contain­
ing the four unknown A0, K A, J, and J2, has been pro­
grammed for an electronic computer to find A0, K A, 
and a parameters. Full details concerning the new 
equation and the search program have been reported 
elsewhere.4 We are indebted to Fuoss for making the 
Fortran computer program available to us.

The results of the computer analysis are summarized 
in the form of conductance perameters in Table III 
where the symbols have the usual meaning. All 
data are at 25° except in the case of pure sulfolane which 
has a melting point of 28.45°.13 In this case the data 
are at 30°. From an inspection of Table II we note 
a minimum in the association of potassium perchlorate 
in water-sulfolane mixtures. This behavior is much 
more evident in Figure 1 where log K A for KC104 in 
pure solvents6 and in water-sulfolane mixtures is 
plotted against 1/DT.

The minimum, already found by other workers6,14-16 
in several mixed solvents, demonstrates once more 
that the bulk dielectric constant is not the only factor 
involved in the association process, but other factors, 
strongly dependent on the nature and composition of 
solvent, must be considered. This means taking into

(11) J. E. Lind, Jr., J. Zwolenick, and R. M . Fuoss, J. Amer. Chem. 
Soc., 81, 1557 (1959).
(12) B. Fernandez-Prim and J. E. Prue, Trans. Faraday Soc., 62, 
1257 (1966).
(13) R. Garnsey and J. E. Prue, ibid., 64, 1206 (1968).
(14) Y . H. Inami, H. K. Bobenseh, and J. B. Ramsey, J. Amer. 
Chem. Soc., 83, 4745 (1961).
(15) F. Conti, P. Delogu, and G. Pistoia, J. Phys. Chem., 72, 1396 
(1968).
(16) F. Conti and G. Pistoia, ibid., 72, 2245 (1968).
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Table III : Derived Constants

D Ao K x à <T

7 8 .3 5 1 4 0 .7 3  ±  0 . 1 0 . 9 8  ±  0 . 0 4 3 . 3 0 .0 1
7 8 .1 6 1 3 8 .7 8  ±  0 . 0 3 0 . 9 9  ±  0 .0 1 3 . 3 0 .0 0 5
7 7 .7 5 1 3 5 .1 9  ±  0 . 0 4 0 . 9 3  ±  0 . 0 2 3 . 5 0 .0 0 8
7 7 .1 5 1 3 0 .1 9  ±  0 .0 9 0 . 7 9  ±  0 . 0 9 3 . 8 0 . 0 3
7 5 .2 0 1 1 8 .1 4  ±  0 .1 ( 0 .4 1  ±  0 . 2 4 ) 0 . 0 9
7 2 .3 7 9 8 .2 5  ±  0 .0 5 ( 0 .1 9  ±  0 . 0 3 ) 0 .0 1
6 5 .2 0 6 3 .6 3  ±  0 . 0 6 ( 0 . 0  ± 0 . 0 7 ) 0 . 0 5
6 4 .9 0 6 3 .0 5  ±  0 .0 8 ( 0 .1 2  ±  0 . 1 0 ) 0 . 0 8
6 0 .1 0 4 6 . 4 6  ±  0 . 0 3 ( 0 .3 4  ±  0 . 0 5 ) 0 . 0 5
5 4 .1 2 3 1 .1 6 8  ±  0 .0 0 8 1 .6 4  ±  0 . 0 4 6 . 2 0 . 0 2
4 9 .4 0 2 1 .2 8 7  ±  0 .0 0 4 3 . 9 5  ±  0 .0 1 5 . 2 0 . 0 4
4 3 . 3 3 “ 1 0 .7 6 0  ±  0 .0 0 1 9 . 8 6  ±  0 . 0 3 3 . 9 0 . 0 7

° Values at 30°, see ref 12.

account the influence on the association of the specific 
ion-solvent interactions connected to the solvent struc­
ture.

In order to investigate the dependence of ionic sol­
vation on the solvent composition, the volumetric 
behavior of water-sulfolane mixtures was derived 
from the density values given in Table I. The results 
are shown in Figure 2 where the molar volume excess 
in per cent [(AF/F)100] is plotted against the mole 
fraction of sulfolane (N2). As can be seen, a negative 
volume excess is found as sulfolane is added to pure 
water. Assuming that the increased packing density 
in the water-rich mixtures enhances the preferential 
solvation of ions by water, the observed decrease of 
association of potassium perchlorate can be rationalized 
considering the increased screening effect of the solva­
tion shell on the ion-ion interaction.

A further comment should be made, finally, about 
the postulated increase of ionic solvation caused by the 
water structure modification. If such a process occurs, 
a decrease of ionic mobility must be observed in the 
water-rich region. The behavior of Walden product 
shown in Figure 3 seems to confirm, also from the hy­
drodynamic point of view, the above assumption.

Effect of High Pressure on the Formation of Aqueous EuS04+ at 25°

by Clarence F. Hale and F. H. Spedding*
Ames Laboratory, U. S. Atomic Energy Commission and Department of Chemistry, 
Iowa State University, Ames, Iowa 50010 (Received March 80, 1972)

Publication costs assisted by Ames Laboratory, Iowa State University, Ames, Iowa

The formation of aqueous EuS04+ was studied at various pressures from atmospheric to 2 0 4 0  atm ar 2 5 °  
using uv absorption spectrophotometry. Data were gathered at a constant ionic strength of 0 .0 4 6  m and as 
a function of ionic strength from 0 .0 1 0  to 0 .0 4 6  m. The formation constants were found to be independent 
of wavelength from 2 4 0  to 2 5 0  m/x. The plots of log k and log k°  vs. pressure were found to exhibit distinct 
quadratic behavior. For the infinitely dilute solution, A T 0 of formation was calculated to be 2 5 .6  and 12.0  
ml/mol at atmospheric pressure and 2 0 4 0  atm, respectively. The large A F °  value at atmospheric pressure 
when compared to those from similar studies and- from theories on ion-pair formation provides overwhelming 
evidence that EuS04+ is an inner-sphere complex in dilute aqueous solution. F ° e uso 1+ was calculated to 
be — 4 .4  ml/mol at 1 atm and 2 5 ° .

Introduction
An earlier investigation from this laboratory em­

ployed differential uv absorption spectrophotometry1 to 
study the association of aqueous Eu3+ and S042- ions 
as a function of dilute ionic strength, temperature, and 
wavelength. Analysis of the resulting AH° and A<S° 
data provided strong evidence that Eu804+ in dilute 
aqueous solution at 25° exists primarily in the inner- 
sphere form; i.e., the ions are in mutual contact with no 
solvent molecules separating them as in the case for

the outer-sphere type. Since the change in the partial 
molal volumes, AV°, for EuS04+ formation should also 
be sensitive to the type of complex formed,2 it was de­
cided to make a similar investigation of this system as a 
function of pressure.

Other studies made on the formation of aqueous com-

(1) C. F. Hale and F. H. Spedding, J. Phys. Chem., 76, 188 (1972).
(2) R. S. Bradley, “ High Pressure Physics and Chemistry,”  Vol. 2, 
Academic Press, New York, N. Y., 1963, pp 131-162.
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plex ions as a function of pressure have been rather 
scarce.1 ~7 Discussions of those pertinent to the present 
investigation will be made later in this paper.

Experimental Section
The methods employed in the volumetric preparation 

of the europium perchlorate, sodium perchlorate, and 
sodium sulfate stock solutions and sample and reference 
solutions were identical with those in the earlier tem­
perature study.1 The salt concentrations although not 
identical were very similar. Their concentrations were 
known to an accuracy of 0.2%. Between 15 and 17 
sample solutions were prepared for use at each pressure 
and wavelength in the constant ionic strength studies. 
Eleven sample solutions were employed at each pressure 
and wavelength for those studies made at variable ionic 
strengths. As before, each sample had an identical 
companion reference solution except that it contained 
no sodium sulfate.

Since the ionic strength range studied was low, the 
changes in molar concentrations with pressure were 
safely calculated by assuming that the densities of the 
test solutions were those of pure water.

Analysis of the Test Solutions. A Cary Model 14 
recording spectrophotometer equipped with a thermo- 
statable cell compartment, supplied from an external 
water bath held at 25.0 ±  0.1°, was employed to mea­
sure the experimental absorbancies.

The air-operated single-ended pump, 316-stainless 
steel tubing, valves, gauges, and high-pressure optical 
cell with sapphire windows were supplied by the Ameri­
can Instrument Co. and are all listed in their commercial 
catalog. However, some minor modifications were 
made. The pump was adapted to use distilled water 
as the pumping fluid. The path length of the optical 
cell was increased from 1.0 to 2.0 cm while its overall 
size was decreased, so that it would fit into the standard 
cell compartment of a Cary 14. The optical cell was 
also provided with a Hastelloy-C liner to inhibit corro­
sion and special O rings containing a high percentage of 
Teflon. The original O rings were found to discharge a 
substance whose absorbancy, relative to that of the test 
solutions, was too large to tolerate. These modifica­
tions to the optical cell reduced its pressure rating to
50,000 psi from 100,000 psi.

To compensate for the low-experimental absorbancies 
(less than 0.2) due to the short path length of 2.0 cm,8 
the normal slide wire was replaced with one which ex­
panded the absorbancy scale by a factor of 10. All 
readings were taken manually at each wavelength and 
not from a recording of the spectra. The reference 
beam had to be masked due to excessive attenuation of 
the sample beam by the narrow aperture of the high- 
pressure optical cell.

To prevent mixing of the test solutions with the oil- 
contaminated distilled water used by the pump, a sepa­
rator was positioned between the pump and optical cell.

It was composed of a movable Teflon plug with O ring 
contained in a stainless steel jacket having an inner 
lining of Hastelloy-C. The pressure was monitored by 
two Bourdon tube type gauges on the pump side of the 
separator and two on the optical cell side. These gauges 
provided an accuracy of ± 7  atm up to 680 atm and 
±27 atm from 680 to 2040 atm.

The optical cell was thoroughly flushed with distilled 
water before using and the reference baselines at 240, 
245, and 250 m,u were checked and set, if necessary. 
The absorbancy of a single test solution was then mea­
sured at these three wavelengths at 11 pressures from 1 
to 2040 atm. After the reading at 2040 atm the pres­
sure was returned to 1 atm and the absorbancy re­
checked. If any significant difference was found (i.e., 
greater than 0.0005 absorbancy units) the run was re­
peated after locating and correcting the malfunction. 
In addition, at the conclusion of a days work, the opti­
cal cell was flushed with distilled water and the base­
lines rechecked.

Since only one high-pressure optical cell was used, all 
absorbancy readings were made vs. air. Therefore, 
unlike the previous study on this system1 where the 
more accurate method of differential spectrophotometry 
was employed, the absorbancies of the reference solu­
tions had to be subtracted manually from those of the 
sample solutions.

Equations and Definition of Terms. The molar ther­
modynamic equilibrium constant K° for the association 
of europium(III) and sulfate ions as expressed by eq 1 is 
the product of its formation constant K  and activity 
coefficient factor (F ± ).

Eu3+ +  S042- ^7^ EuS04+ (1)

K  =  [EuS04+]/([E u3+][S042-] )  (2a)

K° =  K{ Feus04+/ ( (F eu3+)(F so42-))} (2b)

For this investigation the unknown activity coeffi­
cient factor was assumed to have been invariant at each 
pressure for those studies made at constant ionic strength. 
For maximum clarity the hydration spheres of the ions 
have not been shown.

Equation 4 which assumed that Beer-Lambert’s law 
and the law of mass action were applicable over the 
experimental conditions employed was used to evaluate 
K  and (e4 — e°) from the experimental absorbancy data.

(3) S. D. Hamann, P. J. Pearce, and W. Strauss, J. Phys. Chem., 
68, 375 (1964).
(4) F. H. Fisher and D. F. Davies, ibid., 69, 2595 (1965).
(5) F. H. Fisher and D. F. Davies, ibid., 71, 819 (1967).
(6) R. A. Horne, B. R. Myers, and G. R. Frysinger, Inorg. Chem., 
3, 452 (1964).
(7) F. H. Fisher, J. Phys. Chem., 66, 1607 (1962).
(8) The analogous temperature study previously made on this 
system1 employed optical cells having path lengths of 10 cm. Also, 
unlike the previous study which utilized differential spectrophotom­
etry, the reference solutions which had very low absorbancies had 
to be measured separately.
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It contains a terra to correct for the presence of NaS04~ 
ion pairs. The derivation of this equation without the 
NaS04_ modification is well known and therefore will 
not be given here.9 Light absorption by sodium sulfate 
was found to be insignificant at the concentrations and 
wavelengths employed. As in the previous tempera­
ture study on this system,1 the formation of bisulfate 
ion was safely ignored. Due to the inability to obtain 
accurate A 2 and (t2 — e°) values at pressures signifi­
cantly above atmospheric, no corrections were made for 
the presence of the Eu(S04)2_ complex.

[NaS04- ]  =
Q(N +  2S) [S042-]

1 +  Q[S042- ]

Q =  [NaS04-]/([N a + ][S 0 42-])

, _  1 f à /  , [N aSC V m
(ei e )  A l [ E u 3+ ]\ 1 +  [S042- ]  ) j

(3a)

(3b)

(4)

[EuS04+] =  (A, -  At)/(L(e, -  e°)) (5)

[S042- ]  = S -  [EuS0 4+] -  [NaS04~] (6)

[Eu3+] = E — [EuS04+] (7)

K  =  « /([(* ! -  e°) -  à][S042-] )  (8)

1 =  6{Æ -  [EuS04+]| +  3-S +  AT -  2[NaS04- ]  (9)

where a =  (As — AT)/SL, a =  {A3 — Af)/EL, E = 
molar concentration Eu(C104)3, S =  molar concentra­
tion Na2S04, N = molar concentration NaC104, L = 
path length in cm, A s = absorbancy of sample solution, 
At = absorbancy of reference solution, e° =  molar 
extinction coefficient of Eu3+, e4 =  molar extinction 
coefficient of EuS04+, [x] =  molar concentration of 
x at equilibrium.

( AZ2A l'/i\
{log K  -  ~ Y 7 > )  =  log K° -  (AZ2AD)I (10)

where AZ2 =  2 Z 2(products) — 2 Z 2(reactants), Z = 
charge on ion, A = Debye-Hueckel constant (pressure 
and temperature dependent), D = constant.

Determination of the Formation Constants. For 
the investigations at constant ionic strength K  and 
(e4 — e°) were obtained from eq 4 in conjunction with 
eq 3a, 5, 6, and 7, in that order, by initially setting 
[Eu3+] = E and [S042-] =  S. An iterative process 
was then employed using refined values for [S042 -], 
[Eu3+], and [NaS04~], until the change in K  was less 
than 0.1%; this took four to five cycles.

For Q, the formation constant of NaS04“  as defined 
by eq 8, the value of 5.0 at infi nite dilution as determined 
by Jenkins and Monk10 at 25° was used. Its pressure 
dependence was estimated from the equation for ion- 
pair association proposed by Fuoss.11 For these cal­
culations Owen and Brinkley’s12 analysis of Kyropou- 
los13 measurements on the dielectric constant of water 
at high pressures was employed.14 Also the value of
4.8 calculated for d at 1 atm and 25° was assumed to be

independent of pressure. Q was found to decrease from
5.0 at 1 atm to 4.3 at 2040 atm at 25°. The ionic 
strength dependence of Q was obtained from eq 10 after 
first setting D =  0.3, as recommended by Davies.16 
The adequacy of this value for D for such an extrapola­
tion was discussed previously.1

For those studies made at various ionic strengths, K 
was calculated directly from eq 8 after assuming that the 
(ex — e°) values obtained in the constant ionic strength 
investigation for any one wavelength and pressure re­
mained constant over the entire ionic strength range 
studied; i.e., 0.046-0.010 m.

First an approximate ionic strength for a single sam­
ple solution was determined from eq 9 and 5 by ignoring 
the presence of NaS04~ ion pair. A value for Q was 
then calculated for this approximate ionic strength as 
described above, after which the initial [NaS04_ ] con­
centration was obtained from eq 3a by first setting 
[S042~] =  S. Then [S042 -] was calculated from eq 5 
and 6, which in turn was used in eq 8 and 9 to obtain 
K  and a new ionic strength. After this process was 
repeated for all the sample solutions, the resulting K  
values were then extrapolated to infinite dilution by 
using eq 10 to obtain the initial molar thermodynamic 
formation constant K°. This procedure was repeated, 
using progressively more accurate [S042~] concentra­
tions, until the change in K° was less than 0.1%; gener­
ally only three cycles were required.

Due to the pressure dependence of the molar concen­
tration scale, these molar formation constants had to be 
corrected to the molal concentration scale before accu­
rate AF and AV° values could be determined. This 
was accomplished by multiplying the final K  and K° 
values by the density of pure water at that pressure. 
To distinguish the formation constants based on the 
molal scale from those on the molar scale, the molal 
formation constants have been written as k and k ° .  

The K° to k° conversions were exact, but those for K  to 
k  were not. However, due to the low-ionic strength of 
0.046 to, the resulting error in k is negligible. Also, in 
the AV calculations it is the change in density with 
pressure that is important and not its absolute value.

The method of least squares was employed for all the 
data fitting. The experimental points17 were weighted

(9) C. B. Monk, “ Electrolytic Dissociation,”  1st ed, Academic 
Press, London, 1961, p 186.
(10) I. L. Jenkins and C. B. Monk, J. Amer. Chem. Soc., 72, 2695 
(1950).
(11) R. A. Robinson and R. H. Stokes, “ Electrolyte Solutions,” 
Butterworths, London, 1959, p 551.
(12) B. B. Owen and S. R. Brinkley, Jr., Phys. Rev., 64, 32 (1943).
(13) S. Kyropoulos, Z. Phys., 40, 507 (1926).
(14) The more recent data of Owen, Miller, Milner, and Cogan15 
are probably more accurate but, unfortunately, only extend to 1000 
atm.
(15) B. B. Owen, R. C. Miller, C. E. Milner, and H. L. Cogan, 
J. Phys. Chem., 65, 2065 (1961).
(16) C. W . Davies, “ Ion Association,”  1st ed, Butterworths, London, 
1962, p 41.
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in the manner described by Wolberg.18 Any points 
falling outside the 95% confidence level.were rejected.19 
If a point was rejected, that particular set of iterations 
was repeated from the beginning. All the calculations 
were executed by an IBM Model 360 digital computer.

Results
Table I contains the final K  and («i — e°) values ob­

tained at 240, 245, and 250 mu at a constant ionic 
strength of 0.046 m over the pressure range of 1 to 2040 
atm at 25°. The formation constants at each pressure 
were found to be independent of wavelength,20 at least 
within the standard deviations which averaged about 
2.5% up to 953 atm, 4%  from 953 to 1770 atm, and 8%  
at 2040 atm.

Table I : K  and (ei — e°) for Aqueous EuS04+ 
Formation at I  =  0.046 m and 25°

Pres­
sure,
atm

■A, m/i--------------

K (« -  <°) K (« -  e°) K (« -  e°)

i 557 81.26 571 73.66 564 62.02
136 504 79.01 517 71.24 506 59.95
272 453 76.88 444 70.21 443 58.71
408 398 75.24 397 67.95 405 56.20
545 358 73.28 353 66.36 353 54.94
680 317 71.75 324 63.87 320 53.04
953 261 67.54 268 59.48 255 49.96

1225 2 1 1 64.82 2 2 2 55.93 213 46.41
1497 182 61.12 186 53.02 186 43.18
1770 152 59.21 155 51.32 162 40.69
2040 139 54.71 142 47.73 127 40.59

The variable ionic strength studies were made from 
0.011 to 0.046 to at the same pressures and wavelengths 
as above. The resulting molar thermodynamic forma­
tion constants K ° , obtained after extrapolation to infi­
nite dilution, are given in Table II. Again no trend 
with wavelength was noted within the standard devia­
tions which averaged about 1.5 to 2.5% over the entire 
pressure range.

Table II: K° for Aqueous EuS04+ Formation at 25° 

K° X 10“ 3

Pressure, atm 240
---------- A, m u -------------

245 250

i 4.57 4.93 4.78
136 4.12 4.34 4.29
272 3.56 3.62 3.53
408 3.12 3.17 3.24
545 2.79 2.77 2.76
680 2.40 2.49 2.44
953 1.94 1.98 1.91

1225 1.53 1.66 1.58
1497 1.24 1.31 1.32
1770 1.05 1.07 1.11
2040 0.96 0.98 0.89

The final K  and K° values together with their stan­
dard deviations are reported in Table III. These molar 
formation constants were calculated by taking an aver­
age of the three given at each pressure in Table II. The 
uncertainties were determined in the same manner, al­
though their individual values were not shown in Table
II. Table III also contains the molal formation con­
stants calculated from these final K  and K° values. At 1 
atm the value of 560 for K  is in excellent agreement with 
that of 570 obtained from the earlier temperature study 
made on this system, in which the presence of the 
Eu(S0 4)2-  complex was taken into account.1 This was 
to be expected since, in this previous work which used 
analogous salt concentrations, it was shown that at 25° 
only a 2%  change in K  would result if Eu(SO.i)2~ were 
ignored.

Table III : Final Molar and Molal Formation 
Constants for Aqueous EuS04 + at 25°

Pres­
sure,

--- Ionic strength----------------

K° X X
atm K  X 10-2 10-2 K °  X 10-3 10"3

i 5.64 ±  0.15 5.62 4.76 ±  0.07 4.74
136 5.09 ±  0.12 5.10 4.25 ±  0.06 4.25
272 4.47 ±  0.11 4.50 3.57 ±  0.09 3.59
408 4.00 ±  0.11 4.05 3.18 ±  0.06 3.22
545 3.55 ±  0.10 3.61 2.77 ±  0.07 2.83
680 3.20 ±  0.08 3.28 2.44 ±  0.05 2.50
983 2.61 ±  0.07 2.70 1.94 ±  0.05 2.01

1225 2.15 ±  0.07 2.25 1.59 ±  0.05 1.66
1497 1.85 ±  0.08 1.95 1.29 ±  0.03 1.36
1770 1.56 ±  0.07 1.66 1.08 ±  0.02 1.14
2040 1.36 ±  0.12 1.46 0.94 ±  0.02 1.01

When log k and log k° were plotted vs. pressure, a plot 
which exhibited distinct quadratic behavior was ob­
tained. The following equations were found to best 
represent the data over the entire pressure range. The 
accompanying uncertainties are the standard devia­
tions obtained from the least-squares fit of the data.

log k = 2.755 -  3.821 X
10-tP +  4.48 X 10“ 8P 2 ±0.0022

(17) The raw absorbancy data were far to numerous to be included 
in this paper. Therefore, all the As — Ar values for the test solu­
tions at all the ionic strengths, wavelengths, and pressures employed 
will appear following these pages in the microfilm edition of this 
volume of the journal. Single copies may be obtained from the 
Business Operations Office, Books and Journals Division, American 
Chemical Society, 1155 Sixteenth St., N.W., Washington, D. C. 
20036, by referring to code number JPC-72-2925. Remit check or 
money order for $3.00 for photocopy or $2.00 for microfiche.
(18) J. R. Wolberg, “ Prediction Analysis,”  Van Nostrand, New 
York, N. Y., 1967.
(19) W. Chauvenet, “ Spherical and Practical Astronomy,”  Vol. 
V, Lippincott, Philadelphia, Pa., 1868, p 558.
(20) The importance of K  being constant as a function of wave­
length was discussed fully in an earlier paper.1

The Journal o f  P hysica l Chem istry, Vol. 76, ATo. 20, 1972



E ffect of H igh P ressure on A queous EuS04 2929

log k° = 3.682 -  4.540 X

10“ 4P  +  5.89 X 10-8P 2 ±0.0044

The desired AF and AF° values were obtained from 
eq 11 and are reported in Table IV.

Table IV: AF and AF° for Aqueous 
EuS04+ Formation at 25°

/---------------- Io n ic  s tre n g th —
0 .0 4 6  m —► O m

P ressure , AV, A V ° ,
atm ml/mol ml/mol

l 21.5 25 .6
136 20 .8 24 .7
272 20 .2 23 .8
408 19.5 22 .9
545 18.8 22 .0
680 18.1 21 .1
953 16.7 19.3

1225 15.3 17.4
1497 14.0 15.6
1770 12.6 13.8
2040 11.2 12.0

(RTd In K °/ bP )T = —AF° (11)

Discussion
The association of two ions to form an outer-sphere 

complex should be accomplished by only a slightly posi­
tive AF°, because the primary hydration sheaths and 
surrounding solvent molecules of both ions are but little 
affected. However, a large positive AF° would be 
expected for inner-sphere complex formation where mu­
tual contact of the ions would lead to significant libera­
tion of the solvent molecules due to the disruption of 
the hydration sheaths and the greater cancellation of 
charges.

Previous investigations concerning the effects of high 
pressure on the formation of complex ions have been 
rather scarce in the literature. Those which have a 
bearing on the present study are listed in Table V.

Hamann, Pearce, and Strauss3 found AF° = 8.0 ml/ 
mol for the formation of aqueous lanthanum ferricya- 
nide ion pairs at 25° and 1 atm. They compared this 
value and that of 7.3 ml/mol from Fisher’s7 study on 
MgS04 with those calculated from the theories on ion 
association as proposed by Bjerrum21 and Fuoss11 and 
found good agreement. This led the authors to con­
clude that these two salts form true outer-sphere com­
plexes in dilute aqueous solutions.

Since the AZ2 for EuS04+ formation lies between that 
of M gS04 and LaFe(CN)6, one would expect its AF° to 
be 5-9 ml/mol at 25° and 1 atm if EuS04+ were of the 
outer-sphere type. Instead, the much higher value of
25.6 ml/mol was obtained. This three- to five fold 
increase in AF° from that predicted by theory for outer- 
sphere ion pairs could only be reasonably explained by 
assuming that EuS04+ exists primarily22 as an inner- 
sphere complex in dilute aqueous solution.

Table V : AF° of Formation for Some Aqueous 
Complex Ions at 25° and 1 atm

Complex A F° Ref

MgS04 7 .3 18
MnS04 7 .4 2
LaFe(CN)e 8.0 3
LaS04 + 21-26 5
EuS04 + 25.6 This study

The only previous high-pressure investigation made 
on an aqueous rare earth-sulfate complex was that on 
La2(S04)3 by Fisher and Davies.5 They studied the 
electrical conductance of La2(S04)3 at various pressures 
up to 2000 atm at 25° and reported 21.2-26.2 ml/mol at 
atmospheric pressure and 6.8-11.8 ml/mol at 2000 atm 
for AF° of association. They employed three different 
equations in their calculations and found that each gave 
different AF° values. This and the fact that their 
values were also concentration dependent precluded 
their reporting a single AF° for each pressure. Never­
theless, their results over the entire pressure range agree 
very well with those from this investigation.23 This 
is particularly noteworthy since they used completely 
different experimental and analytical methods as com­
pared to those employed in this study.

(21) See ref 10, p 393.
(22) The Ki values calculated in this study actually represent the 
sum of the formation constants for the inner- and outer-sphere 
species. Merely making the spectroscopic studies at various wave­
lengths does not by itself enable one to separate K\ into its com­
ponent parts.
(23) Due to the effective shielding of the 4f orbitals by the 5s and 
5p orbitals aqueous rare earth (III) ions display many similar chemical 
properties. Therefore, since the partial molar volumes of aqueous 
lanthanum and europium salts are very similar,24 e.g., V°l&3 + = 
— 42.0 and F ° eu3 + = —44.5 ml/mol, it would be expected that their 
AF° values for monosulfate complex ion formation should also be 
similar.
(24) F. H. Spedding, M. J. Pikal, and B. O. Ayers, J. Phys. Chem., 
70, 2550 (1966).

The Journal o f  P h ysica l C hem istry, Vol. 76, N o . 20, 1972



2930

COMMUNICATIONS TO THE EDITOR

Quasi-Equilibrium Analysis of the Reaction of 
Atomic and Molecular Fluorine with Tungsten
Publication costs assisted by the Joint Services Electronics Program

Sir: Rosner and Allendorf1 have recently reported
experimental data on the fluorination rate of solid 
tungsten which revealed a sharp drop in reactivity 
above a filament temperature of 2000°K. Based on a 
comparison of these data with the quasi-equilibrium 
(QE) model of Batty and Stickney,2'3 they concluded 
that1 “ the quasi-equilibrium model, combined with 
presently available thermochemical data, does not 
provide a self-consistent explanation of our observed 
Arrhenius behavior for the W (s)-F(g) reaction.” How­
ever, one reason for reaching this conclusion was that, 
based on the quasi-equilibrium model and available 
thermochemical data for WF6(g) and F(g), Rosner 
and Allendorf found that the predicted transition in 
dominant reaction product from WF6(g) to F(g) oc­
curred beloiv 2000°K. We wish to point out here that 
while their analysis appears to be correct, the tem­
perature at which the QE-predicted transition occurs 
is within 100° K of the value (~2000°K) corresponding 
to the experimental data. Hence, we suggest that the 
quasi-equilibrium model, when combined with avail­
able data, is not inconsistent with Rosner and Allen- 
dorf’s data.

To provide a more detailed comparison of the QE 
predictions with the experimental data of Rosner and 
Allendorf, we have performed a complete analysis 
similar to that described in ref 3 for the 0 2-W  reaction. 
The results arc shown in Figure 1, which is a reproduc­
tion of Figure 4 of Rosner and Allendorf1 except for

MPI3650) SURFACE TEMPERATURE, T("K)

Figure 1. Comparison of predictions of the quasi-equilibrium 
model with experimental data of Rosner and Allendorf,1 
where the fluorination probability t is defined as the ratio of 
the rate of removal of W atoms from the specimen to the rate 
at which fluorine atoms or molecule impinge 
upon the specimen.

our addition of the curves representing the quasi­
equilibrium predictions. For simplicity, we have ap­
proximated their data for T <1800°K by straight 
lines, thereby causing the empirically determined 
equilibration probabilities2'3 for F and F2 to be simple 
exponential functions of temperature.4 Although the 
procedure by which the equilibration probabilities are 
determined2,3 is responsible for the close agreement 
of the QE calculations with the experimental data in 
the region T <1800°K, the maxima appearing near 
2000°K result primarily from the fact that the thermo­
dynamic aspect of the quasi-equilibrium model causes 
the dominant reaction product to change from WF6 
to F as T increases. (Based on available thermo­
chemical data, WF is negligible under the present 
conditions.) It seems to us that such predictions 
provide a satisfactory semiquantitative explanation of 
the experimental data, but we are disappointed by the 
increasing discrepancy at the highest temperatures.

Acknowledgment. This work was supported in part 
by the Joint Services Electronics Program [Contract 
No. DA28-043-AMC-D2536 (E)], by ARPA [Contract 
No. DAHC15-67-0222], and by NASA [Grant No. 
N GR-22-009-091 ].

(1) D. E. Rosner and H. D. Allendorf, J. Phys. Chem., 75, 308 (1971).
(2) J. C. Batty and R. E. Stickney, J. Chem. Phys., 51, 4475 
(1969).
(3) J. C. Batty and R. E. Stickney, Oxid. Metals., 3,  331 (1971).
(4) Although this simplifying assumption does not have a substantial 
effect on the general (qualitative) nature of the predictions, it does 
neglect the fact that Rosner and Allendorf’s data exhibit definite 
structure,1 such as the “ bump” in the curve for atomic fluorine at T 
~  850°K. We shall not attempt to consider the possible explanations 
of the structure.
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Reply to “ Quasi-Equilibrium Analysis of the 
Reaction of Atomic and Molecular Fluorine 
with Tungsten”
Publication costs assisted by the U. S. Army Research Office 
(Durham N. C.)

Sir: The quasi-equilibrium (QE) model underpredic­
tion of rates at and above 2000° K shown in Abbott
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and Sticknev’s Figure l 1 was in fact one basis for our 
earlier conclusion.2 There is no question that the 
quasi-equilibrium model, with WF6 and F assumed as 
the dominant products, predicts a decrease in reaction 
probability above some intermediate temperature—in 
qualitative agreement with our experimental data.2 
However, in our opinion, too many additional factors 
are involved in the tungsten fluorination reaction to be 
content with the qualitative agreement pointed out by 
Abbott and Stickney. Thus,2 (i) the complex tem­
perature dependence of the W removal rate (more than 
one local maximum), (ii) the inadequacy of thermo­
dynamic data for the lower fluorides (WF„(g), n <  6), 
and (iii) the magnitude of the observed peak W atom 
removal probability2 (emax >  V*; see especially the 
M o/F  data of ref 2), when combined with the QE 
underprediction of rates (in the only portions of Figure 1 
of ref 1 which are bona fide predictions) seem to us to 
preclude WFe(g) as the only significant W-containing 
product, especially above 2000°K. Moreover, it is 
significant that the QE underpredictions of rate above 
2000°K (well over three decades at 2500°K) far exceed 
discrepancies that could reasonably be attributed to 
experimental uncertainties in (i) reactant arrival rate, 
(ii) WF6(g) thermochemical data, and/or (iii) oxygen 
impurity level.

Without more complete thermodynamic data for 
the gaseous tungsten fluorides and/or product dis­
tribution measurements for this and similar reactions 
it is difficult (i) to decide on the accuracy of QE in the 
W -F2 reaction and (ii) to answer the more subtle ques­
tion of whether the assumptions underlying QE models3,4 
break down for atom-metal reactions in which product 
formation by Rideal-Eley elementary steps may play an 
important role.5 Indeed, the use of atomic reactants 
to study the gasification kinetics of refractory solids6,7 
could shed light on this interesting question.2

(1) P. C. Abbott and R. E. Stickney, J. Phys. Chern., 75, 2930 (1971).
(2) D. E. Rosner and H. D. Allendorf, ibid., 75, 308 (1971).
(3) J. C. Batty and R. E. Stickney, J. Chem. Phys., 51, 4475 (1969); 
see also J. E. Franklin and R. E. Stickney, High Temp. Sci., 3, 401 
(1971).
(4) J. C. Batty and R. E. Stickney, Oxid. Metals, 3, 331 (1971).
(5) D. E. Rosner and H. D. Allendorf, J. Electrochem. Soc., 114, 
305 (1967).
(6) D. E. Rosner and H. D. Allendorf, Proc. Int. Symp. High Temp. 
Techn., 1969, 707 (1969).
(7) D. E. Rosner and H. D. Allendorf in “ Heterogeneous Kinetics at 
Elevated Temperatures,” Plenum Press, New York, N. Y., 1970, 
pp 231-251.
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R e c e iv e d  S e p t e m b e r  13, 1971

Optical Absorption of Solvated Electrons in 

Alcohols and Their Mixtures with Alkanes
Publication costs assisted by the U. S. Atomic Energy Commission1

Sir: As noted by others,2-9 the alcohols and their 
mixtures, especially with alkanes, are particularly suit­
able media for study of the factors that influence the 
formation, structure, and decay of solvated electrons. 
We have initiated a broad and thorough study of the 
time dependence of solvated electron absorption spectra 
in such media. The initial results of that study are of 
special interest and significance in relation to certain 
previously published experimental work2,4-6 and 
models10-13 for the solvated electron. Absorption 
spectra have been determined for the solvated electron 
in 22 alcohols (for 15 of which the es-  spectrum has 
not been reported) and in binary mixtures of a number 
of alcohols and cyclohexane. Some salient aspects of 
the results are reported in this Communication.

The best available grade of each alcohol was purified 
by distillation with a Nester-Faust spinning-band 
column. Water content of an alcohol never exceeded 
0.2% and generally was less than 0.1%. Fisher 
Certified cyclohexane was used without further puri­
fication. Solutions were deaerated by nitrogen bubbling 
and irradiated in 1-cm quartz cells at ^ 3 0 ° with 5- 
or 10-nsec pulses of ~8-M eV  electrons (estimated dose 
per pulse of ^ 1 0 18 eV ml-1) from the Notre Dame 
Arco Model LP-7 linear accelerator. The light source 
for measurement of the optical absorption was a 450-W 
xenon lamp (Ushio UXL 451-0) that was pulsed to 50 
times the steady-state output for a 5-msec period 
within which the absorption was recorded. Trans-

(1) The Radiation Laboratory of the University of Notre Dame is 
operated under contract with the U. S. Atomic Energy Commission. 
This is AEC Document No. COO-38-851.
(2) M . C. Sauer, Jr., S. Arai, and L. M . Dorfman, J. Chem. Phys., 
42, 708 (1965); L. M. Dorfman, Advan. Chem. Ser., No. 50, 36 (1965).
(3) S. Arai and M. C. Sauer, Jr., J. Chem. Phys., 44, 2297 (1966).
(4) T. J. Kemp, G. A. Salmon, and P. Wardman in “ Pulse Radioly­
sis,”  M . Ebert, J. P. Keene, A. J. Swallow, and J. H. Baxendale, Ed., 
Academic Press, London, 1965, pp 247-257.
(5) B. J. Brown, N. T. Barker, and D. F. Sangster, J. Phys. Chem., 
75,3639 (1971).
(6) L. B. Magnusson, J. T. Richards, and J. K. Thomas, Int. J. 
Radiat. Phys. Chem., 3, 295 (1971).
(7) J. H. Baxendale and P. Wardman, Nature (London), 230, 449 
(1971).
(8) J. T. Richards and J. K. Thomas, J. Chem. Phys., 53, 218 (1970).
(9) H. Hase, M. Noda, T. Higashimura, and K. Fueld, ibid., 55, 
5411 (1971).
(10) J. Jortner, ibid., 30, 839 (1959); J. Jortner, Radiat. Res. Suppl., 
4, 24 (1964); J. Jortner and S. A. Rice, Advan. Chem. Ser., No. 50, 
7 (1965).
(11) M. Natori, J. Phys. Soc. Jap., 24, 913 (1968); M . Natori and 
T. Watanabe, ibid., 21, 1573 (1966); S. Noda, K. Fueki, and Z. 
Kuri, Bull. Chem. Soc. Jap., 42, 16 (1969).
(12) K. Fueki, D.-F. Feng, L. Kevan, and R. E. Christoffersen, J. 
Phys. Chem., 75, 2297 (1971); K. Fueki, D.-F. Feng, and L. Kevan, 
Chem. Phys. Lett., 10, 504 (1971).
(13) D. A. Copeland, N. R. Kestner, and J. Jortner, J. Chem. Phys., 
53, 1189 (1970).
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mitted light was focused onto the slits of a Bausch 
and Lomb monochromator with the exit slit widths at 
0.5-1 mm. Corning filters were placed between light 
source and cell to remove wavelengths less than 300 
nm and before the monochromator slits to eliminate 
second-order contributions. Light intensity in the 
visible and infrared was measured with a 50-ohm im­
pedance-matched system comprising either a Hewlett- 
Packard HP 4207(400-1050 nm) or a special Philco 
Ford L 4521(800-1500 nm) photodiode coupled to a 
Lecroy 133 nanosecond amplifier and Tektronix 7704- 
(150 MHz) or 7904(500 MHz) oscilloscope. The 
absorption signal displayed on the oscilloscope was re­
corded on Polaroid 410 high-speed film. Initial light 
intensity was recorded on a Tektronix 564 storage 
oscilloscope a few microseconds before the Linac pulse. 
Response time of the system was ~ 2  nsec with the 
HP 4207 photodiode and ~ 1 5  nsec with the L 4521 
photodiode.

Solvated electron spectra were determined to ± 5  
nm at wavelengths between 400 and 1500 nm (or the 
onset of solvent absorption). Each spectrum was a 
broad band, asymmetric with respect to absorption 
energy, and without discernible fine structure. In 
each case, the spectrum was present immediately within 
a 5-nsec pulse and was unchanged in position and shape 
at the longest times for which spectra were recorded 
(100 nsec for neat alcohols and ■~20 nsec for mixtures). 
The wavelength, Xmax, and transition energy, Emax, 
at the es~ absorption maximum are given in Table I 
for each of the neat alcohols studied along with the 
static dielectric constant, Ds, and refractive index, n. 
Values of \ m ax  for methanol, ethanol, the propanols,
1-butanol, and ethylene glycol agree well with pub­
lished values;2'3 spectra have not been reported for 
es~ in the other alcohols. For 1-hexadecanol (a solid 
at 30°) a spectrum of es_ with Xmax = 800 nm (Tmax = 
1.54 eV) was obtained for a 0.45 M  solution in cyclo­
hexane; however, the lower f?max relative to those of 
other normal alcohols (c /. Table I) may not be char­
acteristic of the neat alcohol. Thus, for 0.1 M  (1.1 
mol % ) methanol, ethanol, 1-butanol, or 1-pentanol in 
cyclohexane, we find that Emax is lower than that for 
the neat alcohol by 0.2 to 0.3 eV. Such an observation 
is consistent with results for solutions of methanol in 
cyclohexane4 and in 3-methylhexane0 and is not neces­
sarily inconsistent with results for solutions of ethanol 
in n-hexane.6

In polaron or dielectric continuum models10 of the 
solvated electron, the energy levels are determined by 
long-range interactions of the electron with the field 
produced by polarization of the medium by the electron 
itself, and the lowest observable transition energy is 
related to the quantity (1/w2 — l/DB), proportional to 0 
in Table I. Clearly, there is no discernible relationship 
between values of f?max and 0 in the last two columns 
of Table I. Moreover, as shown in Figure 1, there is

Table I : Wavelength, Xmax, and Transition Energy, E m a x ,

at the Absorption Maximum of the Solvated 
Electron in Alcohols

Alcohol Xamax. n Ds Emaxi cV (3*
CHsOH 640 1.33 32.6 1.93 1.93
C2H5OH 725 1.36 24.3 1.70 1.80
n-C3H,OH 740 1.39 20.1 1.67 1.69
2-C3H7OH 830 1.38 18.3 1.49 1.70
Jl-CiHgOH 680 1.40 17.1 1.82 1.63
Ì-C4H9OH 770 1.40 17.9 1.60 1.64
¿-O4H9OH 1250 1.39 10.9 0.99 1.53
n-CsHuOH 660 1.41 13.9 1.87 1.56
¿-C5HnOH 690 1.41 14.7 1.79 1.57
i-CsHnOH 1250 1.41 5.8 0.99 1.19
C-C5H9OH 820 1.45 15' 1.51 1.47'
n-C6H13OH 680 1.42 13.3 1.82 1.52
c-C6HuOH 750 1.47 15.0 1.65 1.43
4-C7H15OH 950 1.42 5.9 1.30 1.18
n-CgHnOH 670 1.43 10.3 1.85 1.42
2-CsHnOH 860 1.43 7.8 1.44 1.30
n-C9HI9OH 670 1.43 9.1 1.85 1.37
n-CioHaOH 650 1.44 7.8 1.90 1.28
71-C11H23OH 685 1.44 5.9 1.80 1.13
(CH2OH)2 580 1.43 37.7 2.13 1.67

a ±  10 nm below ~900 nm and ± 2 0  nm above. b p = : (1 /n? -
1/H S) normalized to give 1.93 for methanol. c Upper limit.

Figure 1. Plot of transition energy, I?max, at the absorption 
maximum of the solvated electron in neat alcohols vs. static 
dielectric constant, Ds: O, normal alcohols; •, branched 
alcohols; A, ethylene glycol; a , glycerol.3

no correlation between Emax and Ds as was suggested 
by results for only methanol, ethanol, the propanols, 
and ethylene glycol.2 Absence of any kind of correla­
tion between EmBX and I)H is illustrated strikingly by 
comparison of the data for the C9, Cl0, and Cu normal 
alcohols in Table I with the following data for tetra- 
hydrofuran; Xmax = 2100 nm,14 n  = 1.40, Ds =  7.4, 
Emax = 0.59 eV, and 0 = 1.36. Such comparisons in­
dicate that a long-range interaction determined by Da 
has a negligible effect on 7?max and, therefore, that a 
short-range interaction largely determines the binding 
and transition energies of es~ in the alcohols.15

(14) L. M. Dorfman, F. Y. Jou, and R. Wageman, Ber. Bunsenges. 
Phys. Chem., 75, 681 (1971).
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The results in Table I suggest two more specific 

conclusions: (1) the binding and transition energies of
e8~ in the alcohols are determined by interaction of the 
electron with an optimum configuration of OH dipoles 
in a small solvation domain, perhaps a single shell;
(2) the optimum configuration for e8~ is affected by 
molecular structure of the alcohol. Comparison of 
Emax for the normal alcohols (cf. Table I or Figure 1) 
shows that the optimum configuration is little affected 
by the number of C atoms (particularly for C4 through 
Cn); thus, the linear alkyl chains of OH groups bound 
by the electron appear to extend radially into the solu­
tion with negligible steric hindrance. However, an 
effect of molecular structure on the optimum configura­
tion is clearly evident in the lower values of Emax for 
the branched alcohols, for which steric hindrance ap­
parently decreases the interaction between the OH 
groups and the electron. Our most recent experiments 
give a Xmax of at least 1500 nm for 3-methyl-3-pentanol 
and 3-ethyl-3-pentanol. A decrease in steric hindrance 
with increase in distance of the branch point from the 
OH group, as might be expected, is indicated by the 
values of Emax for the butanol and pentanol isomers. 
Of particular interest are the large values of Emax for 
ethylene glycol and glycerol3 (cf. Figure 1); a chelate­
like structure of e8~ with enhanced binding energy is 
suggested.

Results for alcohol-alkane mixtures are consistent 
with interpretations presented for the neat alcohols. 
Present results and those of Brown, et al.f and Mag- 
nusson, et al.f indicate that an alcohol can be diluted with 
an alkane to a concentration at which Da is essentially 
indistinguishable from that of the neat alkane and yet 
exhibit relatively little or no shift of Xmax from that of 
the neat alcohol toward that of the neat alkane (for 
which Xmax >  2000 nm16). Clearly, such results are not 
compatible with dielectric continuum models but are 
compatible with the suggested predominance of the 
role of a solvation domain. The transition energy is 
determined by composition of the solvation domain. 
The equilibrium composition of the solvation domain 
is determined by (1) composition of the binary mixture,
(2) relative strength of the attractive interactions of e~ 
with the mixture components (reflected by Emax of the 
neat components), and (3) strength of the attractive 
interactions between the mixture components. For 
alcohol-alkane mixtures in which there is weak inter­
action between the components and a large difference 
in the strength of their interactions with e~, the solva­
tion domain remains essentially saturated with alcohol 
down to very low concentrations. However, for binary 
mixtures in which the interaction between components 
is strong or the difference in strength of their inter­
actions with e-  is small or both, a different dependence 
of the solvation domain composition and, therefore, 
of Emax on solution composition is to be expected.14

In the mixtures studied, as in the neat alcohols, the

e8~ spectra are present within the 5-nsec pulse and do 
not change over at least a 20-nsec period. Clusters of 
alcohol molecules exist in alkane solutions even at 0.1 
M  alcohol17 and provide a distribution of preexisting 
sites of diverse compositions for trapping (localization) 
of the thermalized electrons. Evidently, relaxation of 
such trapped electrons to the equilibrium composition 
and configuration of e8_ is complete within 5 nsec in 
the 0.1 M  solutions of alcohol in cyclohexane. Such 
an observation is in accord with recent calculations 
by Mozumder18 on the time dependence of electron 
solvation as a function of the concentration of single 
dipole molecules randomly dispersed in a nonpolar 
medium. For elucidation of the solvation mechanism 
in alcohol-alkane mixtures, the studies are being ex­
tended to lower alcohol concentrations, alkanes of 
greater viscosity, lower temperatures, and shorter 
times (for which purpose we have developed a new 
infrared picosecond pulse-radiolysis system utilizing 
an injection laser diode).

(15) I. A. Taub and K. Eiben, J. Chem. Phys., 49, 2499 (1968), 
reached such a conclusion for eaq ~ from comparison of the spectrum 
with that of trapped electrons in ice at low temperatures; some 
models for e8~ are based on11 or include12’13 short-range interactions.
(16) H. A. Gillis, N. V. Klassen, G. G. Teather, and K. H. Lokan, 
Chem. Phys. Lett., 10, 481 (1971).
(17) J. Crossley, J. Phys. Chem., 75, 1790 (1971); H. C. Van Ness, 
J. Van Winkle, H. H. Richtol, and H. B. Hollinger, ibid., 71, 1483 
(1967); A. N. Fletcher and C. A. Heller, ibid., 71, 3742 (1967).
(18) A. Mozumder, ibid., in press.

D e p a r t m e n t  of C h e m is t r y  an d  R o b e r t  R . H e n t z *
T h e  R a d ia t io n  L a b o r a t o r y  G e r a l d in e  K e n n e y -W a llace  
U n iv e r s it y  o f  N o tr e  D am e  
N o tre  D a m e , I n d ia n a  46556

R e c e iv e d  M a y  26, 1972

Calculation of Affd°(g) — A f/d°(i) for Dissociating 

Dimers via the “ Dissociation-Vaporization”  

Rule. The A //d°(i) of Trimethylaluminum
Publication costs assisted by the Ethyl Corporation

Sir: For dissociating dimers such as the aluminum 
alkyls, both the heat of dissociation in the liquid phase 
(A i/d°(i)) and that in the gaseous phase (Af?d°(g)) are 
of considerable interest. Since it is often the case that 
one of these quantities is known, but not the other, a 
method of calculating one value from the other would 
be very useful. For example, the A f/d°(i) for tri­
methylaluminum (TM A), often needed for the inter­
pretation of kinetic data, has not been determined 
experimentally. It w'ould be very helpful if A//d°(i) 
could be derived from the experimental value for 
AFd°(g) (20.4o kcal/mol of dimer1).

(1) C. H. Henrickson and D. P. Eyman, Inorg. Chem., 6, 1461 (1967).
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We wish to call attention to a general method of 
evaluating the difference 5h =  Aifd°(g) — AHd°(i> for 
dissociating dimers. The relationship between AHd°(g) 
and Affd°(i) is readily obtained by summing simple 
equations. At any given temperature (D = dimer, 
M = monomer)

D(l) 2M(1) AH = AHd°0)

2M(1) — *► 2M(g) AH = 2AHv°w)

D(g) D(l) AH =  - A t f v°(D)

D(g) — ^  2M(g) AH = AHd°(g) = Affd° (i, +
2A //v°(m) — AH v ° (D)

8 j/ ( 26° )  —  A / i d ° ( g ,2 5 ° )  —  A i f d ° ( l , 2 5 ° )  =

2AHV° (M ,25°) — AHv° (D ,25°) (1)

Since A f/d°(g) and A ifd°(i) are customarily taken as 
constants (experimental data are not usually accurate 
enough to establish their temperature variation), 
these values will be assumed to apply at 25°. Equation 
1 may then be written as

c>h  =  A i / d ° ( g ) —  A - f f d ° ( i )  =

2 A f / v °(M,25°) ~ ’ A f / ° V(D,25°) (2 )

It is convenient to refer to eq 2 as the “ Dissociation- 
Vaporization Rule.”  (It is noted that similar rules can 
be written for other extensive properties such as entropy 
and free energy.)

Determination of 5h for a particular monomer-dimer 
system consists of the evaluation of the “ vaporization 
difference”  for that system. It might be expected 
that the vaporization difference (and therefore the 
value of <5h) would have about the same value for 
different monomer-dimer systems. It will be of in­
terest to test this expectation and to determine the 
range of 5h values for a particular class of compounds, 
namely, the aluminum alkyls. Since heats of vapor­
ization of pure monomers and pure dimers are not 
available, we must turn to analogous compounds for 
which the necessary data are available. The branched 
aliphatic hydrocarbons, both saturated and olefinic, 
are well suited to this purpose. Like pure aluminum 
alkyl monomers and dimers, they are “ normal” liquids 
which obey Trouton's rule. Individual hydrocarbons 
can be selected which bear a close structural resem­
blance to particular monomers and dimers. For 
example, we can write the following equations simu­
lating the dissociation of TM A dimer into monomer2

Me Me 
I I

Me
1 1

Me— C— CH—CH2- -Ale Me—C =i

Me
(D) (M l)

Me

M e -C H — Me (3) 
(M2)

(Ml,25°)i +  AH v° (M2,26°) — AHv°(D,25°) —
0.93 kcal

Me Me Me

Me— C = C H — C— Me — 2Me— C = C H 2 (4)

Me

5h =  1-14 kcal

Me Me Me

Me— C— CH2— CH— Me +  H2(g) 2Me— CH— Me

Me (5)

6h =  1.04 kcal (H2(g) disregarded in the calculation).
The close agreement of the three values for 5H is 

noted. To obtain comparable values of 5h for a series 
of (simulated) aluminum alkyls, it is convenient to 
write equations similar to eq 5 and calculate the 
necessary values of A //VC(25°) from Morawetz’s3 corre­
lation of heats of vaporization of isomeric alkanes 
with molecular structure. The following values of 
an in kcal/mol of dimer were derived in this manner: 
0.99 for (simulated) Me3Al, 1.06 for Me2AlEt, 1.13 for 
MeAlEt2, 1.13 for Et3Al, 1.20 for Et2AlPr, and 1.26 
for EtAlPr2. The value of 5h for the simulated alu­
minum alkyls increases quite slowly with increasing 
molecular size and it would be expected that 5h for 
the actual aluminum alkyls would do the same.

The hydrocarbons simulating TM A dimer (or 
monomer) in eq 3, 4, and 5 boil about 15-30° lower 
than pure TM A dimer (or monomer). As just shown, 
however, the value of 5h is affected only slightly by a 
moderate change in boiling point. It is concluded 
that 5h for TMA is about I.O4 kcal/mol of dimer 
(average for eq 3, 4, and 5). Using Henrickson and 
Eyman’s1 value of 20.4o kcal for AHda(g), we obtain 
A/fd°(i)(TMA) = Af7d°(g) — = 20.4o — I.O4 =
19.4 kcal/mol of dimer.

In an earlier paper,4 based on heat of dilution experi­
ments, we reported the AHd°<i) of triethylaluminum 
(TEA) as 16.9,3 ±  0-23 kcal/mol of dimer. We have 
determined from heat of mixing experiments on T M A - 
TEA (to be described in a forthcoming paper) that 
AHd°0) (TMA) -  Atfd°(1)(TEA) = 2.47 ±  O.O5

(2) The thermochemical data were taken from F. D. Rossini, et al., 
“ Selected Values of Physical and Thermodynamic Properties of 
Hydrocarbons and Related Compounds,” Carnegie Press, Pittsburgh, 
Pa., 1953, and Supplements.
(3) E. Morawetz, J. Chem. Thermodyn., 4, 145 (1972).
(4) M. B. Smith, J. Phys. Chem., 71, 364 (1967).
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kcal/mol of dimer at 25°. This leads to the experi­
mental value 16.9.3 +  2.47 =  19.4o ±  0.3o kcal/mol of 
dimer for Af7d°(i) of TMA, in excellent agreement with 
the value derived by hydrocarbon simulation.

It is concluded that (1) the proposed general method 
of calculating SH =  AHd°(g) — A / / d ° ( i )  for dissociating 
dimers is supported by experimental results in the case 
of the aluminum alkyls; (2) the method is readily 
extensible to other dissociating dimers (such as car­
boxylic acids) and to other properties (such as entropy 
and free energy); (3) the value of oH is about I.O4 
kcal/mol of dimer for TA'IA and increases quite slowly 
with increasing molecular size; (4) the value of AHd°m 
for TA4A is established as 19.4o ±  0.3q kcal/mol of 
dimer.
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Resolution of Components of the Optical 

Rotation Tensor of Collagen
Publication costs assisted by the National Institutes of Health and 
the National Science Foundation

Sir: The optical activity of collagen in dilute solution
has been studied (e.g., ref 1 and 2) and the results have 
been reviewed comprehensively.3,4 By contrast, the 
optical activity in the solid state has not received much 
attention although the early measurements of Smith,5 
Robinson and Bott,6 Robinson,7 Cohen,1 and Elliott8 
on solid films of denatured collagen (gelatin) are note­
worthy exceptions to such paucity of interest.

In the solid state, collagen appears to possess much 
stronger optical activity than in solution. At the 
reference wavelength 365 nyi, for example, the well- 
known dilute solution value of the specific rotation is 
— 1300,9 whereas the specific rotation of a solid film 
cast from a dilute solution of rat tail collagen at room 
temperature and containing ca. 85 wt% collagen is as 
high as —3200.10,11 Early work1,5,6 with films of 
gelatin cast at room temperature or below (cold-cast 
gelatin) has shown that the specific rotation of this 
partly denatured form of collagen is also considerably 
higher in the solid state than in solution. No con­
vincing explanation has been previously given for this 
phenomenon.

The question immediately arises whether the triple­
helical structure of the collagen molecule undergoes a 
significant change in its dimensions in going from a 
relatively unperturbed existence in dilute solution to the 
highly crowded solid state. Furthermore, since the

weight ratio of protein to aqueous solvent changes 
from about 10 _3 to about 6 as collagen goes from dilute 
solution to the solid state (ca. 15 wt% water), the 
question of the possible effect of water content on the 
conformation of the helix also poses itself.

To resolve these questions, we consider the optical 
activity of a crystal as a second-rank tensor12

a otijlilj (i,j = 1,2,3) (1)

where afj are the components of the tensor and l,,lj are 
the direction cosines of the light beam with respect 
to the molecular axes 1, 2, and 3. Due to the cylin­
drical symmetry of the collagen helix, all nondiagonal 
components of the optical activity tensor of collagen 
are zero and, furthermore, an = « 22- In this notation, 
an = a22 is the optical activity measured with the 
light beam perpendicular to the helical axis, while a33 
is the optical activity measured parallel to that axis. 
In dilute solution, where the helical macromolecules 
interacting with the light beam are randomly oriented 
in the solvent, it can be easily shown that

2 an +  0:33 /r>s
ŝolution ~ ( " /

A distinction between the optical activity in dilute 
solution and in the solid state can be drawn by mea­
suring the individual components au (i =  1,2,3) in 
solid specimens and then comparing their arithmetic 
average directly with the optical activity in dilute 
solution which, according to eq 2, is the arithmetic 
average of the tensorial components in that state also. 
We report here the results of such a comparison. Since 
there is a significant difference in refractive index 
between a dilute solution specimen and a solid speci­
men, the Lorentz correction factor13 has been applied 
to all values of specific rotation reported below; values 
of specific rotation [«] reduced in this manner are 
distinguished by the subscript r (e.g., [ a n ] r) .  Even 
though the specific rotation was determined over a

(1) C. Cohen, J. Biophys. Biochem. Cytol., 1, 203 (1955).
(2) E. R. Blout, J. P. Carver, and J. Gross, J. Amer. Chem. Soc., 85, 
644 (1963).
(3) P. H. von Hippel, “ Treatise on Collagen,”  Vol. 1, G. N. Rama- 
chandran, Ed., Academic Press, London, 1967, Chapter 6.
(4) J. P. Carver and E. R. Blout, ref 3, Chapter 9.
(5) C. R. Smith, J. Amer. Chem. Soc., 41, 135 (1919).
(6) C. Robinson and M . J. Bott, Nature {London), 168, 325 (1951).
(7) C. Robinson, “ Nature and Structure of Collagen,”  J. T. Randall, 
Ed., Butterworths, London, 1953, p 96.
(8) A. Elliott, “ Recent Advances in Gelatin and Glue Research,” 
G. Stainsby, Ed., Pergamon Press, Elmsford, N. Y., 1958, p 267.
(9) P. F. Davison and M. P. Drake, Biochemistry, 5, 313 (1966).
(10) I. V. Yannas and C. Huang, Macromolecules, 5, 99 (1972).
(11) I. V. Yannas, Rev. Macromol. Chem., C7(l), 49 (1972).
(12) J. F. Nye, “ Physical Properties of Crystals,”  Oxford University 
Press, Oxford, 1957.
(13) P. Urnes and P. Doty, Advan. Protein Chem., 16, 401 (1961).

The Journal o f  P hysica l Chem istry, Vol. 76, N o . 20, 1972



2936 Communications to the Editor

wide range of wavelengths, all values reported here 
were obtained at the reference wavelength 365 m/x.

Measurements reported here were obtained with 
solid films or with tendon fibers containing ca. 85 wt %  
collagen; at this concentration level, specimens are 
essentially at equilibrium with the usual ambient 
humidities. The water content of the solid specimens 
was determined by a modification of the Fischer 
titration giving results that were identical within 
experimental error with the results of a high-temper- 
ature vacuum dehydration procedure, previously de­
scribed,14 which leaves the amino acid composition of 
collagen unchanged.11

The component an was determined as follows. Col­
lagen was extracted from rat tail tendon with 0.05 M 
acetic acid, using the method of Piez, Lewis, Martin, 
and Gross16 and the nativity of collagen in solution 
prepared in this manner was verified by measuring the 
specific rotation and the intrinsic viscosity and com­
paring the observed results with published values for 
solutions of native collagen.1'9’16'17 Most of the 
aqueous solvent was then removed by slow evaporation 
under vacuum at room temperature and a transparent 
film of collagen 5-10 n thick and incorporating about 
15 wt %  water was thereby prepared. Careful casting 
under such conditions did not seem to affect the nativity 
of collagen as shown by redissolving control films 
and measuring the specific rotation and intrinsic 
viscosity once more. Close control of the casting 
process was necessary before films free from bire­
fringence (a property which greatly complicates 
measurement of optical activity with solid specimens11) 
could be reproducibly prepared; the absence of bire­
fringence was demonstrated by observing that the 
optical activity was independent of rotation of the 
film about the axis of the light beam. Wide-angle 
X-ray diffraction photographs obtained with the beam 
normal as well as parallel to the plane of collagen 
films so prepared showed Debye-Scherrer rings, or arc 
reflections, respectively, which corresponded to spacings 
that have been attributed to the triple helical structure 
of native collagen.18-20 Analysis of the X-ray diagrams 
led to the conclusion that the axes of the helical macro­
molecules in these films were lying almost entirely in 
the plane of the film, but were randomly oriented 
otherwise. Nevertheless, the orientation was not 
perfectly planar: the helical axis was, on the average, 
inclined at an angle of about 12° to the plane of the 
film and this deviation was taken into account and 
corrected for in the determination of [an],. The film 
was then placed in a Cary 60 CD spectropolarimeter 
and the optical rotation was determined with the light 
beam normal to the plane of the film. For planar 
orientation of the molecules in the film, the average 
values of the direction cosines are k2 = U2 = ‘ / 2 and 
l32 =  0, so that the optical activity measured with the 
beam normal to the film surface is

«11 +  «  22 . .
afiim — -  — an — «22 w

In this manner, the specific rotation normal to the 
helical axis, [an]r, was found equal to —2360 ±  140.

The component a33 was determined by two inde­
pendent methods. First, a direct measurement was 
made, using a rat-tail tendon fiber which was carefully 
mounted inside a 0.75 mm-diameter hole drilled in a 
thin stainless steel plate; the fiber was subsequently 
sectioned on either side of the hole to provide a tendon 
fiber slice of 0.132 mm thickness through which the 
polarized light beam was transmitted. A correction 
was made for the slight misalignment of constituent 
filaments (average diameter about 10 m21) along the 
beam direction and the true specimen cross section was 
determined directly by light microscopic examination. 
The value of [a33]r measured in this manner was +1110 
±  140.

An indirect determination of the component a33 was 
made by measuring the optical activity of a collagen 
film, cast on a fused quartz disk, at several levels of the 
angle between the beam direction and the normal to 
the plane of the film (tilt angle) and extrapolating the 
data to a tilt angle of 90°; at this point, the optical 
activity can easily be shown to be equal to OAXan +  
a33) . The data observed at the various tilt angles were 
found to vary in accord with an analytical expression 
relating optical activity with tilt angle 6 which we 
derived purely on trigonometric grounds

(a33 — an)
«e = an d------------------sin2 d (4)

Nevertheless, several corrections were applied to the 
data, most important of which were a correction for 
the change in angle to the plane of polarized light as it 
was refracted by the specimen and supporting disk and 
a correction for the increase in path length which ac­
companies tilting. The value of [«33]r determined by 
this method was found to b e +1310 ±  190.

It is now possible to compute the arithmetic average 
of the components a « obtained with solid specimens 
and compare this value with the arithmetic average of 
components obtained by measurements in dilute 
solution. Using —2360 ±  140 for the value of [au ]r in

(14) I. V. Yannas and A. V. Tobolsky, Nature (London), 21S, 509 
(1967).
(15) K. A. Piez, M. S. Lewis, G. R. Martin, and J. Gross, Biochim. 
Biophys. Acta, 53, 596 (1961).
(16) H. Boedtker and P. Doty, J. Amer. Chem. Soc., 78, 4267 (1956).
(17) H. Noda, Biochim. Biophys. Acta, 17, 92 (1955).
(18) P. M. Cowan, A. C. T. North, and J. T. Randall, Symp. Soc 
Exp. Biol., 9, 115(1955).
(19) G. N. Ramachandran and G. Kartha, Nature (London), 174, 
269 (1954); 176,593 (1955).
(20) A. Rich and F. H. C. Crick, ibid., 176, 915 (1955); J. Mol. Biol., 
3,483 (1961).
(21) I. V. Yannas and C. Huang, J. Polymer Sci., Part A-2, 10, 577 
(1972).
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the solid state and +1210 ±  170 for [«33 ]r (the average 
of the two values determined independently), we find 
that the arithmetic average of the three tensorial 
components in the solid state is —1170 ±  220. This 
value can be compared with the dilute solution value 
of —1035 ±  40. (Without the Lorentz correction the 
solution value becomes the often cited —1300.9) It is 
clear that the optical activity of collagen in the solid 
state is almost indistinguishable from the activity in 
dilute solution.

We conclude that the collagen helix does not undergo 
any appreciable change as it goes from the dilute 
solution to the solid state (ca. 85 wt%  protein). It 
appears instead that the large apparent difference 
between the optical activity of collagen in dilute solu­
tion and in the form of a solid film can be largely ex­
plained in terms of the transition from a random mo­
lecular orientation (in solution) to a planar orientation 
(in the film). Nevertheless, a small but significant 
difference, undetected in this work, may exist between 
the helical structure of collagen in these two states.

It is worth recalling that several authors,22-26 
working with synthetic polypeptides, have reported 
substantial differences between the specific rotation in 
dilute solution and in solid films cast from solution. We 
suggest that resolution of the compQnents of the optical 
rotation tensor of these polypeptides by use of the 
methodology described here can determine the extent 
to which the observed discrepancies reflect differences 
in the folded structure rather than differences in 
orientation of the macromolecules in these two states.

Previously, estimates of the magnitude of the ten­
sorial components of the optical activity of macro­
molecules have been obtained by electrical orientation 
in dilute solution (e.g., Tinoco22 23 24 25 26). The procedure 
described in this report obviates the use of an electric 
field.
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Hydrogen Displacement in n-Butane 

by Fast T2 Collisions

Sir: Beatty and Wexler (BW) have recently reported 
a molecular beam experiment which is aimed at de­
termining the energy dependence of the reaction cross 
sections for the hydrogen displacement reactions of 
T 2 and T2+ with n-butane.1 Their experiment seems 
to be the first of its kind, where neutral tritium mol­
ecules with low internal excitation are reacted with a 
simple hydrocarbon. It complements previous work 
that has dealt with the reactions of tritium atoms.2-4 
This comment is concerned with BW ’s inversion of their 
T 2 data to obtain reaction cross sections, using Porter's 
kinetic theory.5 They report cross sections roughly two 
orders of magnitude smaller than the ones we have 
determined for the parallel reactions of tritium 
atoms,2-4 a result which we wish to examine critically.

BW suggest that their results for the reaction of T2 
with n-butane (Figure 5 of ref 1) can be interpreted 
either in terms of a “ single pass”  gas-phase reaction, 
or in terms of a multiple collision process. The latter 
interpretation seems most feasible. It is true, as BW  
point out, that their yield curve (Figure 5) is similar 
to those derived by Karplus, Porter, and Sharma6 for 
the collisional dissociation of H2 and D 2 by fast tritium 
atoms, although BW ’s cross sections are, respectively, 
5 and 10 times larger. However, a two-step process 
would be required for the formation of tritiated butane 
by this mechanism (see Table I of ref 1 ).

T 2 +  n-CiHxo T +  T  +  H-C4H10 (la)

T +  n-C4H10 — >  71-C4H9T +  H (lb)

At the reported target density of N = 8.9 X 10u 
molecules/cm2, and assuming a gas kinetic cross sec­
tion of 50 A2, the probability that a beam molecule 
will suffer a collision on passage through the reaction

(1) J. W. Beatty and S. Wexler, J. Phys. Chem., 75, 2417 (1971).
(2) M. Menzinger and R. Wolfgang, J. Amer. Chem. Soc., 89, 5992 
(1967).
(3) M . Menzinger and R. Wolfgang, / .  Chem. Phys., 50, 2991 (1969).
(4) R. L. LeRoy, A. Yencha, M . Menzinger, and R. Wolfgang, to 
be submitted for publication.
(5) R. N. Porter, J. Chem. Phys., 45, 2284 (1966).
(6) M. Karplus, R. N. Porter, and R. D. Sharma, ibid., 45, 3871 
(1966).

I. V . Y a n n a s * 
N-H. S u n g  
C . H u a n g
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zone is about 0.4%. Thus the probability that the 
double collision sequence of reaction 1 will occur on a 
single pass is much less than 10-3%. BW ’s high- 
energy yields are about 0.18%, as calculated from 
their eq 3, so their results are inconsistent with re­
action 1.

This inconsistency is further demonstrated by 
noting the atomic tritium formed in reaction la at 
high beam energies will have a high translational 
energy with respect to target butane molecules. Re­
action lb  is known2-4'7 to have a negligible cross 
section above 15-20 eV.

It is conceivable that the atomic tritium products of 
reaction la could react with butane adsorbed on the 
walls of the reaction chamber. However, the yield 
of such a multiple collision reaction is less than 20%,4,7 
so the experimental results would imply a cross section 
>50 A2 for reaction la. This is unrealistically high.

BW ’s “ apparent reaction cross-section”  (Figure 5 
of ref 1) levels out to the high value of 20 A2 at about 
30 eV and then shows no tendency to decline with in­
creasing beam energy, even at 100 eV. This behavior 
is characteristic of multiple collisions,2-4 and BW 
rationalize it in terms of the following kinetic model.

The gas target being optically thin, the beam has, 
during its first transit through the collision region, 
only a small chance of colliding with butane (about 
0.4%, as shown above), and a much smaller chance of 
reacting. The unreacted T2 molecules then strike the 
rear wall of the apparatus and are reflected with a 
reduced kinetic energy. This sequence of passage 
through the collision zone and moderating reflections 
continues until either a gas-phase reaction takes place 
or the projectile has dropped below the reactive energy 
range.

Assuming this model, Beatty and Wexler proceeded 
to analyze their data by means of the kinetic theory. 
However, Porter’s integral equation (eq 11 of ref 1) 
simply does not apply to their model. It is only valid 
if all T2 molecules suffer their first as well as all sub­
sequent collisions with butane. The reaction model, 
however, permits at most 0.4% of all collisions to 
occur with butane in the gas phase. Thus the gen­
eralization of Porter’s equation to multicomponent 
systems5 must be used. In BW ’s notation this is

Y i(E) = F(E)pi(E) +  F(E)

f

-  è v mL i=i
X

M E ^ Y ^ E ' ^ E '  +  [1 —  F{E)] X

rw^EOY^EOdE' (2)

for a two-component system, where one component, 
the wall, is nonreactive. F(E) is the fraction of T2 
molecules having energy E which will suffer collision

with a butane molecule, instead of the wall, and 
trb(E,E') and 7rw(E,E') are the energy loss functions 
for collisions with butane molecules and the walls, 
respectively.

Since, as shown above, F(E) has a maximum value 
of 0.004, the final term of eq 2 far outweighs the 
term which precedes it.8 Thus, incorporating BW ’s 
assumption that ttw(E,E') can be approximated by 
the hard-sphere energy loss expression

tw(E,E') =  (1 —  /3 w )E d w E <  E'  <  E, ( 3 )  

=  0 E < ! E' <C 0wE

eq 2 becomes

(4)

The denominator on the right-hand side of BW ’s 
eq 16 is approximately equal to unity. This is evi­
dent, either from direct evaluation or from their 
statement that computed cross sections are insensitive 
to the value of A ,.9 Thus, from comparison of eq 
4 with BW ’s eq 16, it is clear that the latter expression 
underestimates the cross section by a factor of ap­
proximately 250.

Apart from the inapplicability of the kinetic theory, 
it is very likely that the yields observed by Beatty 
and Wexler reflect a more complicated sequence of 
events than that considered in the simple kinetic 
model (see above): apart from the moderating re­
flections from the metal walls, we feel that wall re­
action with butane is a process of considerable im­
portance. This would have to be considered in an 
appropriate kinetic scheme.

In summary, it appears that in this experiment the 
conditions for the applicability of the kinetic theory 
are not met, and that the magnitude as well as the 
functional form of the calculated excitation functions 
are to be questioned.

(7) M. Menzinger and R . Wolfgang, J. Phya. Chem., 72, 1789 (1968).
(8) If the energy loss functions can be represented by eq 3, this state­
ment remains true for any choice of /3b and /Sw- This includes the 
extreme case of elastic collisions from a clean wall (/Sw = 1), for any 
realistic excitation function.
(9) Note that BW ’s choice of A,- =  0.1-1.0 corresponds to the un­
physical situation that the total reaction probability 2,-pi is less than 
the partial probability Pi.

D epartment op C hemistry M ichael M e n zin g er*
U n iversity  of T oronto R odney L. L eR oy
T oronto 181, Ontario , C anada A ndrew  J. Y encha

R eceived September 24, 1971
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Comments on “ Hydrogen Displacement 

in n-Butane by Fast T2 Collisions”

Publication coats assisted by Argonne National Laboratory

Sir: The preceding communication by Menzinger, 
et aZ.,la is actually a criticism of our paper.lb There 
are several points of contention and disagreement with 
their remarks that we wish to bring out.

First, they state that our experiment “ complements 
previous work2 that has dealt with reactions of tritium 
atoms.”  It is very doubtful that the observed tri- 
tiated products found from impingement of fast T2+ or 
T + on an organic compound condensed on a cold sur­
face are formed exclusively by reactions of fast tritium 
atoms. Ion-molecule reactions (e.g., dissociative 
triton transfer is a probable reaction), the effects of 
surface charges, pyrolysis (with free-radical forma­
tion) of the organic compound on a nearby hot fila­
ment, and reflection of the fast ions from the surface 
would all influence and contribute to the observed 
product yields. Interpretation of data from such an 
experiment would be very difficult and complicated 
indeed. Therefore, it is not appropriate for Men­
zinger, et al., to set up their indirectly measured cross 
sections for hydrogen displacement as standards by 
which ours are to be compared, and their statement 
“ . . . we have determined for the parallel reactions of 
tritium atoms”  is unwarranted.

They write that we have stated in our paper that our 
results can be interpreted in terms of a “ single-pass”  
gas-phase reaction. Their statement is simply not 
true, since nowhere in our paper did we talk of a simple 
“ single-pass”  experiment. What we write (p 2424) is 
that since our determined cross section vs. kinetic energy 
curve has a shape similar to the theoretical curve of 
Karplus, Porter, and Sharma3 for dissociative collisions, 
we were led “ . . . to the conclusion that at high kinetic 
energies the fast tritium species and the butane may 
undergo collisional dissociation.”  Indeed, it was the 
similarity of our experimental curve and their theoret­
ical curve that prompted us to treat our data in terms 
of single collision processes and thereby arrived at 
cross sections near gas kinetic at higher energies. It 
is true that a two-step process would then be required 
to form the tritiated butane, i.e., the dissociative 
step of T 2 into tritium atoms followed by a hydrogen 
displacement step, but we did not say that both steps 
occurred in the same pass of the fast T2 through the 
butane sheath. Menzinger has chosen a two-step 
mechanism to suit his purposes, but one could suggest 
another mode which would involve first the rate-deter­
mining step of collisional dissociation of T 2 into T 
atoms, followed by eventual reaction of the tritium 
atoms with w-butane in the sheath in subsequent passes. 
Since the well-collimated T 2 molecular beams at high 
energies probably pass directly out of the collision

chamber through the aperture leading to the energy­
measuring chamber (the corresponding T 2+ ion beams 
were focused to do so), this mechanism appears rea­
sonable. Under these conditions the treatment of our 
data would be valid. One further point in this matter: 
they keep referring to their work as correct and de­
finitive, cf. the statements “ Reaction (lb ) is known to 
have a negligible cross section above 15-20 eV”  and 
“ However, the yield of such a multiple collision reac­
tion is less than 20% .”  In view of the difficulties and 
uncertainties in their experiment cited above their con­
tentions are subj ect to considerable doubt.

We agree with Menzinger, et al., that the shape of 
our yield curve is also characteristic of a multiple 
collision experiment, and since we could not rule out 
either interpretation, especially at low kinetic energies 
where the ion beam tends to spread, we consequently 
treated our data in terms of Porter’s theory. Menzinger 
claims that Porter’s generalization to a multicomponent 
system (here a duocomponent system in which one 
component, the sheath, is reactive and the other, the 
wall, is unreactive) must be used rather than his in­
tegral equation for a homogeneous single-component 
gas. This may or may not be true depending on what 
processes are actually taking place in the collision 
chamber. They have selected an extreme model in 
which all hydrogen displacement reactions by fast 
tritium occur in the sheath and the walls serve only to 
energy degrade the fast species. This selection, it is 
true, would then lead to their eq 2-4 and an under­
estimation of the cross sections by two orders of mag­
nitude. But (as the reviewer has pointed out) an 
alternative model may be conceived of in which the 
effects of wall collisions may be ignored to a fair ap­
proximation because they may largely pump up the 
internal energy of the T 2 at relatively little expense of 
translational energy. If wall collisions can be ignored 
then use of Porter’s one-component integral equation is 
justified.

However, in the interim since appearance of our 
publication we have considered an alternative model 
that would explain our yield curve and make use of 
Porter’s one-component integral equation to arrive 
at an excitation function for hydrogen displacement 
in ra-butane. Although at the time of the experiment 
we thought we could correct for reactions with butane 
adsorbed on the chamber walls by subtracting the 
product yields when alternating the T 2 and n-butane 
beams from the yields when both beams enter the colli­
sion chamber simultaneously, it is possible that these ex­
periments do not provide a proper correction. If we

(1) (a) M . Menzinger, R . L. LeRoy, and A. J. Yencha, J. Phys. 
Chem., 76, 2937 (1972); (b) J. W. Beatty and S. Wexler, ibid., 75, 
2417 (1971).
(2) M. Menzinger and R. Wolfgang, J. Chem. Phys., 50, 2991 (1969).
(3) M . Karplus, R . N. Porter, and R. D. Sharma, ibid., 45, 3871 
(1966).
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assume that butane is adsorbed as a steady-state 
monolayer on the walls constantly being replenished 
by stray butane molecules from the sheath, and that 
the adsorption lifetime of a particular molecule at 
room temperature is short4 relative to the duration 
of an experiment (10 min), virtually all the butane 
molecules would reach the collection trap. The re­
actions of fast T2 molecules could then be with either 
adsorbed butane or butane in the gas phase, either on 
first collision at the acceleration energy or after moderat­
ing collisions, and the tritiated product would be 
collected and measured. The conditions of our ex­
periment would then be equivalent to a “ thick target” 
experiment, and Porter’s theory would apply exactly 
to our case. Consequently, the magnitude and form of 
the derived excitation function (Figure 7 of our paper)

would be valid within the limitations of Porter’s theory 
and our reasonable assumptions.

We wish to thank Menzinger for bringing to our 
attention (their footnote 9) an apparent peculiar 
choice of range of A f. Unfortunately, a typing error 
occurred, and p 2425 of our text should read “ It was 
found that the curves obtained for a given energy loss 
parameter 0 were the same for all values of A { from 
10 to 1.0.”

(4) The dwell time for physically adsorbed species is less than 10_6 
sec. See A. W. Adamson, "Physical Chemistry of Surfaces,”  2nd 
ed, Interscience, New York, N. Y., 1967, p 569.

C h e m ist r y  D iv isio n  S. W e x l e r

A rg o n n e  N a t io n a l  L a b o r a t o r y  
A r g o n n e , I l l in o is  60439

R e c e iv e d  N o v e m b e r  15, 1971
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