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Abstract: The position of equilibrium between the title compounds, which are valence-bond isomers, is governed by the magnitude
of the van der Waals’ attraction between the two alkyl groups. This is calculated (MMP2) to favor the 1,6 isomer by less than
0.02 kcal/mol in the case where the two groups are methyl and more than 1.07 kcal/mol in the case where the two groups

are tert-butyl.

Nonbonded or van der Waals’ forces between two atoms or
molecules containing filled shells of electrons are attractive at
relatively long distances and repulsive at short distances. Organic
chemistry is awash with examples in which these repulsive forces
are very important (steric hindrance),? but examples of van der
Waals’ attractions leading to observable chemical consequences
are quite rare. Such attractions are sometimes referred to as
“hydrophobic bonding” in the biochemical literature, and examples
involving two large molecules (or a large molecule and a small
molecule) are well documented.? The only intramolecular ex-
ample of which we are aware in which an observable effect has
been convincingly attributed to van der Waals’ attraction in a small
molecule is in the equilibrium between the conformations of
1,3,5-trineopentylbenzene.# In this molecule, the three groups
can either all fold over on the same side of the benzene ring or
two can be on one side with the third opposite. The former
conformation is found to predominate, and this has been attributed
to the mutual van der Waals’ attractions among the neopentyl
groups.

Recently, Streitwieser has published some results on the
equilibrium between 1 and 2 (Scheme I, R, R’ = tert-butyl).’
These are valence-bond isomers, but the double-bond shift in
cyclooctatetraene (COT) is known to occur rather easily at room
temperature,’ and it does also in these compounds. The interesting
observation® was that 1 is more stable than 2 by 0.67 kcal/mol.
Streitwieser suggested that this might be due to van der Waals’
attraction between the two fert-butyl groups.

This is a problem that is ideally suited to attack by the molecular
mechanics method.” The MMp2 force field was used in the present
work.® The van der Waals’ parameters used in this force field
stem mainly from studies involving the interplanar spacing in
graphite® and the crystal spacing and heat of sublimation of the
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hexane crystal.l® While there has been a good deal of discussion
about the repulsive part of the van der Waals’ curve for hydrogen
and carbon over the past several years,’ the attractive portion of
the curve has been less thoroughly studied. Detailed studies
showing how the attractive part of the van der Waals’ curve was
evaluated have been presented for only a few of the force fields
in the literature.”1°

Results and Discussion

In the present study, COT itself was first examined, and the
geometry and inversion barrier are reasonably well reproduced.
The basic computational procedure involves a w-electron self-
consistent-field calculation on the planar COT molecule with
alternating bond lengths. From this treatment, the necessary force
constants for stretching and torsion involving the bonds connecting
the w-system atoms are evaluated. Once the force constants are
available, a straightforward molecular mechanics calculation is
carried out, which causes the molecule to pucker into its well-
known tub form. The basic calculation follows that described
earlier,!! but the details differ somewhat. While it would be
desirable to calculate the inversion barrier that separates 1 from
2 (R, R’ = -Bu), there is a limitation in the self-consistent-field
calculation that prevents this.!2  We can calculate the barrier
to mechanical inversion (without the double-bond shift) through
a planar conformation, and for 1 (R, R’ = t-Bu), the value is 25.81
kcal/mol. The experimental enthalpy of activation for the con-
version 1 — 2 is 15.5 kcal/mol. The calculated inversion barrier
for COT itself is 13.7 kcal/mol, essentially identical with the
experimental value.!! The only conclusion we can draw is that
the transformation pathway for 1 — 2 involves a transition state
that is of substantially lower energy than the planar structure.
Examinations of models suggest that the molecule need not become
planar, but rather undergoes a pseudorotational motion for the
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Table I. van der Waals’ and Total Energy Changes:
1 = 2 kecal/mol

R R’ Eyqw Eiotal
Me Me 0.07 0.02
Me 1-Bu 0.29 0.33
t-Bu t-Bu 0.86 1.07

transformation 1 — 2. Unfortunately, we are unable to carry out
calculations that would model this pathway.

Next, we considered placing methyl groups and rert-butyl
groups at atoms 1 and 4 or at atoms | and 6. If one examines
a Dreiding model of the 1,6-di~zert-butyl compound, the alkyl
groups appear to be much too close together, with the nearest
hydrogens being separated by about 1.5 A. Since the van der
Waals’ H-H minimum is around 3 A, this implies large repulsions
between the tert-butyl groups. This implication is erroneous,
however, due to the well-known inaccuracy of Dreiding molecular
models. The C-C-C bond angles in COT are 126.1° (experi-
mental'® and 124.6° (MMP2), while the models show an idealized
value of 120°. The difference is quite significant. With the correct
bond angle, the rerr-butyl groups are moved away from one an-
other to the point where there is no repulsion between them but
rather attractions between even the nearest hydrogen atoms. The
interaction between any pair of atoms is not very large (for two
hydrogens at their van der Waals’ minumum the interaction energy
with the MMP2 force field is —0.06 kcal/mol). Most of the atoms
are somewhat further apart than the van der Waals’ minimum,;
thus, most of the interactions are of the order —0.01 kcal/mol per
atom pair. But the terz-butyl group contains 13 atoms; therefore,
for 2 interacting rerr-butyl groups, there are 169 interactions!
Clearly, though the numbers are individually small, their total
is significant. In the 1,4-di-rert-butyl case, the groups are much
farther apart; hence, the total interaction is correspondingly less.

Table I summarizes our calculations for the dimethyl, di-
tert-butyl, and methyl-rert-butyl cases. The van der Waals’ at-
traction is always greater for the 1,6 isomer, and the steric energy
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correspondingly lower. The trend in van der Waals’ attraction
energy parallels the total number of interactions between the alkyl
groups: 169 for di-tert-butyl, 52 for methyl-rert-butyl, and 16
for dimethyl. The conclusion is interesting: large groups such
as terr-butyl, which are quite polarizable, will show large van der
Waals’ attractions; small groups like methyl, which are not very
polarizable, will show extremely small interactions. Of course,
the total energy difference between 1 and 2 depends upon other
contributions besides the van der Waals’ attractions. But these
other factors appear to be quite small, and the nonbonded at-
tractions dominate the situation.

Conclusions

Thus, the MMP2 force field clearly indicates 1 to be more stable
than 2 in the gas phase. We emphasize that ther are no adjustable
parameters in the calculation; this is a necessary result of this force
field. The measurements by Streitwieser are in solution, and some
change in the equilibrium constant may attend a change to the
gas phase. In particular, a difference in molecular volume for
the two isomers might alter the experimental value. Since there
are no overlapping van der Waals’ radii that differ significantly
in the two isomers, one might expect this effect to be negligible.
Also, the enthalpy difference may be sensitive to differences in
the polarizability of the solvent molecules. We believe that ex-
periment and theory are in good agreement. The proposal by
Streitwieser that this equilibrium is determined primarily by van
der Waals’ attraction between the fert-butyl groups is borne out
by the molecular mechanics calculations.!
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Abstract: Intervalence electron transfer in a mixed-valence sample of europium sulfide is shown to give rise to dielectric relaxation
which can be studied by using the technique of time domain reflectometry (TDR). It is demonstrated that the dielectric relaxation
times measured by using these techniques can be directly related to the rates of intervalence electron transfer. Rates obtained
via time domain reflectometry are compared with Méssbauer results obtained on the same sample and with other published
Méssbauer and conductivity studies. The significance of these results relative to Hush theory is also examined.

Electron-transfer processes are dominant phenomena in a
number of important areas in both chemistry and physics such
as redox reactions, electrochemistry, and semiconductor science.
Understanding the rate at which these processes occur and the
energetics which govern both the rate and extent of electron
transfer should help scientists to understand and manipulate
electron-transfer processes to optimize desired chemical and /or
physical properties for many systems. Unfortunately, the actual
electron-transfer process is often difficult to study directly, es-
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pecially in those oxidation reduction reactions where the electron
transfer is one in a series of rapidly occurring steps. Electron
transfer in mixed-valence compounds is a simpler process whose
understanding can provide fundamental information which relates
to a wide range of electron-transfer phenomena.

Experiments aimed at determining electron-transfer rates in
a variety of mixed-valence compounds have been undertaken by
using physical methods which include electron paramagnetic
resonance (EPR), nuclear magnetic resonance (NMR), magnetic
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