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The effect of pressure on the charge-transfer (CT) absorption of a number of electron donor-acceptor com-

plexes (EDAC) has been measured in solution over a range of 3 kbars and at several temperatures.

The

EDAC formed between an anion donor and a cation acceptor (4-methoxy-N-methylpyridinium iodide) showed

a decrease in the stability constant and a blue shift of the CT absorption with increase in pressure.

Three

EDAC formed between ions and neutral molecules (sodium iodide and trinitrobenzene, tropylium tetrafluoro-
borate and hexamethylbenzene, and potassium pentamethoxyearbonyleyclopentadienylide and trinitrobenzene)
showed little effect of pressure on the stability constant and on the CT maximum. The pressure effects found
for these, and for the neutral-neutral complexes investigated earlier, are interpreted qualitatively in terms of
the change of solvation of the components and the complexes brought about by the change in pressure.

Introduction

In part I' we measured the effect of increased hydro-
static pressure on the formation constant (K) and the
charge transfer (CT) absorption energy of electron
donor—aceeptor complexes (EDAC) formed between =
donors and = aceeptors in solution and came to the con-
clusion that a large part of the effect could be explained
by changes in the solvation of the donors, acceptors
and EDAC with change in pressure. We have now
extended our measurements to include EDAC formed
between charged donors and acceptors and neutral
molecules.

In the case of EDAC formed between ions, the polar-
ities of the ground state and the excited state differ in
the opposite sense to those in complexes formed be-
tween neutral components; the effect of pressure on
these complexes should also be opposite if change in
solvation is the predominant factor. TFor complexes
formed between ions and neutral molecules little
change in polarity is expected either during formation
or on excitation and there should be only small solvent
and pressure effects on K and Acr.

We have measured the absorption spectra of one
ion—ion complex, 4-methoxycarbonyl-N-methylpyr-
idinium iodide (MMPI), and three ion-neutral
complexes, Nal-trinitrobenzene (I—TNB), tropylium
tetrafluoroborate-hexamethylbenzene (TRP+—HMB),
and potassium 1,2,3,4,5-pentamethoxycarbonyleyclo-
pentadienylide—trinitrobenzene(MCP—TNB) over a
range of pressures and at several temperatures and
have evaluated formation constants and absorption
coefficients from them. From the pressure effects we
\@/e calculated volume changes of formation.

MMPI was chosen for the measurements because it
has been shown that the energy of its CT absorption
is strongly solvent dependent® and that the CT maxi-
mum is well separated from the component absorptions
and readily observed. The other systems were chosen
to include a variety of ionic donors and acceptors.

Experimental Section

MMPT and Nal were prepared and re-
crystallized as in ref 3. 1,3,5-Trinitrobenzene (TNB)
was recrystallized twice from ethanol. Hexamethyl-
benzene (HMB) was recrystallized from methanol.
Tropylium tetrafluoroborate (TRP*) was prepared by
the method of Dauben, et al.,* and was obtained in
good yields, mp 482-483°K; (ref 4 gives 483°K); nmr
in CH;CN: singlet at 556 cps ex TMS (ref 5 = 552
eps); UV Amax(CH3CN) 273.7 nm (log € = 3.7) (ref 4
Amax(CH;CN) = 273.5 nm (log € = 3.64)). Potassium
pentamethoxycarbonyleyclopentadienylide  (KMCP)
was prepared by the method of Le Goff and LaCount,®
mp 492-493°K (ref 6 = 493°K); nmr in CH;CN:
singlet at 219 cps ex TMS; uv Amax(MeOH) 265 and
294 nm (ref 7 = 265 and 295 nm). Acetone and 2-
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methylpropan-1-ol (--BuOH) were purified and handled,
and their physical properties were evaluated as in ref 3.

Methanol was purified and after distillation was
stored and handled under dry nitrogen. Density data
were obtained from Timmermans® and Bridgman.?
Acetonitrile was distilled from CaH,, stored in brown
bottles and handled under dry nitrogen. The normal
density was obtained from Timmermans® and its pres-
sure dependence was measured by a piston displace-
ment method. The results at 303°K were fitted to
the Tait equation to give

AV P + 818
o 0.229 log Pri
with P in atmospheres.

The spectroscopic measurements were made as de-
seribed in part I,! and the results were evaluated by
the methods described there,® except that we used
Liptay’s!! method to average measurements taken at
eight to ten different wavelengths, and an analogous
method to select and reject those spectra which showed
an anomalous pressure variation at the absorption
maximum.!? By using a criterion of 59, deviation
from a mean value, this led to the rejection of 5% of
the data.

For equilibria in which ions are involved it is neces-
sary to include an activity coefficient in the definition
of the equilibrium constant. For the MMPI system
the equilibrium can be defined as

el S UL R

K, & — 20 (1)
which assumes unit activity coefficient for the complex
of concentration xz,. This leads to the equation for the

evaluation of the data
2 DV 1 1
TR @

where V = molar volume and D = optical density of
the solution, ?K and e are the mole fraction formation
constant and absorption coefficient of the EDAC, 2° is
the total concentration (in mole fractions) of MMPI,
and f is the activity coefficient of MMPI calculated by
the Debye—Hiickel equation, using d = 5 A as in the
evaluation of the conductivity measurements.®? This
may not be the best choice for this parameter when
evaluating spectroscopic measurements as was discussed
at length by Dayvies, Otter, and Prue!® and by Mathe-
son;!* small variations in d, however, do not alter the
values of K and e greatly.'4

For complexes which involve only one ionic com-
ponent one may assume that the activity coefficients
of the complex and the ion are very similar and there-
fore cancel out in the expression for the equilibrium
constant. The equation used for evaluation then
takes the form given in footnote 10.
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Figure 1. Charge-transfer absorption band of MMPI in

acetone at 30° and various pressures. Concentration, 72.3 X
107% mole fraction; path length, 1.91 mm.

The evaluation of K and e from spectroscopic mea-
surements has in the last few years been shown to be
very uncertain except under rather stringent condi-
tions.’®=7 Owing to the algebraic form of eq 2 it is
very difficult to arrive at unique values of K and e, al-
though the product Ke can be determined with greater
certainty.!®

Results and Discussion

A set of spectra of MMPI in acetone at various pres-
sures is shown in Figure 1. The broad absorption
bands are typical of EDAC in solution and are one rea-
son why quantitative determination of the absorption
maximum is often difficult. In many cases the CT
band overlaps the absorption of one of the components
(e.g., TNB) and it is necessary to correct for this before
the absorption maximum can be found. When com-
paring spectra at different pressures and temperatures
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ErrEcT OF PRESSURE ON CHARGE-TRANSFER COMPLEXES

it is necessary to allow for the change in density of the
solution. For the very dilute solutions used in the
present work, adequate correction is obtained by mul-
tiplying the optical density by the relative volume of
the solvent referred to some standard condition. Such
a correction has been applied to the measurements
shown in Figure 1.

Table I gives the wavelength of the CT maximum,
Aer, and the energy shift of it at 3040 bars (6v in cm 1),
as well as the equilibrium constants and absorption co-
efficients found at 1 bar and the volume change derived
from the pressure variation of K, for the different com-
plexes we have examined.

Table I: Equilibrium Constants, Absorption Coefficients,
and CT Maxima of EDAC in Solution

8y K
(3040 (mole €, AV,
Complex Temp, AcT, bars), frac- mol .71 ¢m?
(solvent) 2R nm e¢m~! tion)~! cem™1! mol 1
MMPI 265.2 26802
(acetone) 275.2 4180«
293.2 427 416 3600 1060
303.2 429 590 3200 930 +16
313.2 434 660 3000 1710
MMPI 303.2 372 220 43000 910 +17
(=-BuOH)
I--TNB 208.2 360 0 87 390 0
(MeOH) 318.2 0 27 940
I--TNB 298.2 365 0 1540 575
(=-BuOH) 308.2 0 550 340
TRP+*-HMB 303.2 4173 0 165 455 0
(CH3CN) 313.2 413 +2 0 52 1180
MCP '—TN__B 303.2 382 0 194 1260 0
(MeOH) 313.2 385 0 73 2620

¢ From ref 3.

Figure 2 is a plot of the values of log K?/K! as a func-
tion of pressure and includes! the neutral complex
TNB-HMB for comparison. Figure 3 shows the val-
ues of é» found for the complexes at various pressures.
Values for TNB-HMB are again included. The pres-
sure shift is zero within the accuracy of the measure-
ments for all the ion-neutral EDAC and only the
TRP+-HMB complex is shown.

We shall discuss the individual systems first and then
draw some general conclusions.

MMPI. The spectra of this salt were measured in
acetone at three temperatures, and in ~-BuOH at one
temperature, at five pressures between 1 and 3040 bars.
The concentration range was 5 to 80 X 10~% mole frac-
tion MMPI.'? The absorption band in -BuOH was
found at a shorter wavelength and showed less pressure
shift than the band in acetone. The great sensitivity
of the MMPI/CT band to solvent polarity has been at-
tributed by Kosower? to a “dipole flip”’ of the complex
during excitation which, due to the Franck-Condon
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Figure 2. Effect of pressure on the relative stability

of various EDAC.
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Figure 3. Effect of pressure on the energy of the CT transition
of various EDAC.

effect, leads to a mismatch between the dipole field of
the excited complex and the reaction field of the solvent
around it. This destabilizes the excited state relative
to the ground state and leads to a blue shift of the ab-
sorption band when the solvent interaction is increased
by increase of pressure.

The system has been the subject of a detailed con-
ductometric investigation® and this led to association
constants which were rather different (Table II) from
those found spectroscopically and given in Table I.
According to Prue’s “optical marker” argument!® the
two methods could give the same association constant
even if not all the associated species give a CT absorp-
tion; the e derived from spectroscopic measurements
on such systems, on the other hand, is a weighted aver-
age of the absorption coefficient of the different associ-
ated species. We therefore carefully analyzed our
present results to see whether the difference between
them and the earlier results is significant.

(19) J. E. Prue in “Chemical Physics of Ionic Solutions,” B. E.
Conway and R. G. Barradas, Ed., Wiley, New York, N. Y., 1966,
p 170.
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Table IT: MMPI Association Constants at 1 bar Found
Conductometrically (from Ref 3 Converted to (mole
fraction)~1 Units)

Temp, °K  265.2 275.2 293.2  303.2 ' 313.2

In aceton
K, X 10~ F88 4085 81 886 | a3 d
———————————InBuOH
K, X 107 52.1

We used a computer to map out the standard devia-
tion in the fit of eq 2 as a function of K and e. This
showed the minimum to lie in a long, narrow, approx-
imately hyperbolic valley, along which the value of the
standard deviation varies little. We calculated the
909, confidence limits for K and e by applying a x? test
to the residual variance and found that the conducto-
metric association constant K., was contained within
these limits in every case. We therefore conclude that
the difference between K. and the spectroscopically
determined K is not significant. Since the conducto-
metric measurements are inherently much more accu-
rate (£109%),® K, is the best estimate of the association
constant in this system. For convenience we quote in
Table II the values from ref 3, converted to mole frac-
tion units as used in this paper. The values of log
K?»/K* shown in Figure 2 for this system and the values
of AV in Table I are derived from K,,.

The positive values of AV are in marked contrast
with the contractions found for the EDAC formed from
neutral molecules and indicate the important role of
desolvation when the EDAC is formed from the com-
ponent ions. The magnitude of AV is not as great as
one would expect for completed desolvation of a pair of
ions (3040 em?/mol, from kinetic measurements®)
and this, together with the solvent sensitivity of the CT
energy, indicates that the EDAC is still solvated.

—TNB. The color produced when jodide solutions
are added to TNB solutions has been attributed to the
formation of EDAC.21—23 Briegleb, et al.,?! found the
absorption maximum to be solvent dependent and mea-
sured the formation constant and absorption coefficient
in a series of solvents using different salts as sources of
I-ions. He showed by infrared studies that the com-
plexes differed from “Meisenheimer”’ complexes, and
we confirmed this by nmr measurements.

In our measurements Nal was used as the source of
I- and for the measurements in methanol the concen-
trations ranged from 250 to 1000 X 10—° mole fraction
I-, and from 5 to 9 X 10— mole fraction TNB. In
-BuOH the solutions darken in the course of a few
hours,?! but this effect can be suppressed by the addi-
tion of a small amount (ca. 10— M) of glacial acetic

acid. The concentration of I~ in this solvent was 15

t0 300 X 10—° mole fraction and that of TNB 3 to 30 X
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10—® mole fraction. The CT band was observed as a
shoulder on the TNB absorption and the spectra had
to be corrected for this absorption.

Nal is known to be almost completely dissociated in
MeOH?425 and the EDAC formation is therefore not
complicated by any ion pair equilibrium. Our results
show the CT energy and the equilibrium constant to be
unchanged by pressure, but ema.x was found to increase
slightly with pressure.

In --BuOH only 759, of Nal is dissociated? and two
different complexes can be formed, one between free I~
and TNB and therefore carrying a negative charge, and
the other from an ion pair and TNB and ecarrying no
charge. These cannot be distinguished in the present
experiments. The results in this solvent are similar to
those in MeOH except for larger values of K and a de-
crease of e with rising temperature. This last effect
could oceur if the charged EDAC had a larger e than
the uncharged complex, since with rising temperature
the ion pairing in --BuOH increases® and the observed
average ¢ would thus decrease.

In both solvents K is independent of pressure and
AV = 0. Comparison between the negative AV found
for neutral complexes! and the positive value for MMPI
suggests that the contraction due to the formation of
the CT bond is just balanced by the reduced electro-
striction of the solvent due to the spreading of the ionic
charge.

TRP+-HMB. The tropylium halides do not give
stable solutions and are therefore not suitable for
lengthy measurements. The tetrafluoroborate is sta-
ble in acetonitrile and was used in these measurements
at concentrations between 15 and 150 X 10—° mole
fraction. The 7= complex formed by TRP*+ with
mesitylene?® has K = 13 and in order to measure a
larger K we used HMB as the donor at concentrations
between 25 and 140 X 10— mole fraction. The solid
brown complex could be obtained by evaporating the
solutions and gave an ir spectrum equal to an intimate
mixture of the components and a uv spectrum, as a
mull, similar to the EDAC in solution.

The EDAC has a very broad CT band at 417 nm and
the position has been found to be solvent independent.?
The pressure measurements showed that K is indepen-
dent of P (AV = 0), but e increases slightly with in-
creasing pressure. A rise in temperature caused a de-
crease in K and an increase in e.

(20) W. J.le Noble, Progr. Phys. Org. Chem., 5, 207 (1967).

(21) G. Briegleb, W. Liptay, and R. Fick, Z. Elektrochem., 66, 851
(1962).

(22) K. M. C. Davis, J. Chem. Soc., B, 1128 (1967).
(23) K. M. C. Dayvis, 2bid., 1020 (1969).
(24) R. L. Kay, J. Amer. Chem. Soc., 82, 2099 (1960).

(25) R. E. Jervis, D. R. Muir, J. P. Butler, and A. R. Gordon,
abid., 75, 2855 (1953).

(26) M. Feldman and S. Winstein, ¢bid., 83, 3338 (1961).

(27) T. G. Beaumont and K. M. C. Davis, J. Chem. Soc., B, 1010
(1968).
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In contrast to the invariance of the CT maximum
with pressure we found that the absorption of the TRP+
ion at 275 nm shifted to higher energies by 230 em~—! at
2026 bars, and showed a slight increase (39) in € and a
larger increase in the oscillator strength calculated from
the band width as in ref 1.

MCP—TNB. In contrast to the cyclopentadiene
anion, the pentacarbonylmethoxy substituted anion is
stable, and its EDAC with charged acceptors® and the
unstable complex formed with TCNE have been stud-
ied.”” We found the complex formed between the po-
tassium salt of MCP— and TNB to be sufficiently sta-
ble in methanol (less than 59, change in four hours) to
make absorption measurements in our usual pressure
and temperature range. The concentrations for TNB
ranged from 5 to 11 X 10—° mole fraction, and for
KMCP from 4 to 170 X 10— mole fraction. The CT
band was observed as a shoulder on the TNB absorp-
tion at ca. 385 nm and the spectrum had to be corrected
for the TNB absorption.

The results show that K and e are independent of
pressure (AV = 0), but that with rising temperature
K decreases and e increases.

General Discussion

Within the accuracy of our measurements, K and
Ner for EDAC formed between ions and neutral mole-
cules are pressure independent, but our present and
earlier? measurements indicate a pressure dependence
for the ion—ion complex MMPI. Briegleb and his co-
workers?! found Acr to be solvent dependent for I—
TNB, but were not able to correlate this dependence
with any bulk property of the solvent and concluded
that specific solvent interactions are important. Beau-
mont and Davis,?” on the other hand, agree with our re-
sults in finding Aer to be constant for TRP+—HMB in
most solvents, but to be strongly solvent dependent for
TRP+I- and TRP+-MCP-.

The average thermodynamic quantities for ion—neu-
tral complexes are given in Table III; detailed values
for MMPI were reported earlier.? The values of AH
and AS are very uncertain but indicate rather large
negative values, contrary to Briegleb’s finding?' that
AH =~ 0 and AS is positive for I=TNB. Our AH and
AS values for the ion—neutral complexes have the same
sign as those found for neutral-neutral complexes! but
are about twice as big. It is difficult to account for the
large negative entropy, but in the case of the neutral
complexes it was found to be highly solvent dependent
and, together with the solvent dependence of K for
both types of complexes, this indicates the important
role solvent interactions play in the stability of EDAC.
Similar negative entropies and enthalpies have been ob-
served? for the formation of “Meisenheimer” complexes
between TNB and anions such as CN— and EtO—.
Although the bond formed in these complexes is differ-
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Table III: Values of Thermodynamic Quantities Averaged
over All Pressures for Ion-Neutral Complexes®

I—-TNB I—-TNB TRP+—-HMB MCP—-TNB

in MeOH in i-BuOH in MeCN in MeOH

(308°K) (303°K) (308°K) (308°K)
—AG 97974206 * ' 17.350.6" - 118 0.7 "12.2: 0.4
—AS 130 &= 30 190 =+ 80 220 =70 200 == 40
—AH 50 £ 10 80 = 30 80 == 20 70 £ 10

¢ AG, AH in kJ mol~%, AS in J mol~* °K~1

ent, their formation involves the desolvation of the
anion as for the EDAC.

The effect of pressure on the different types of EDAC
is illustrated in the energy diagrams in Figure 4. These
diagrams are not quantitative but are given to show the
effect, of pressure on the CT energy and on the free en-
ergy of formation of the EDAC. The molecular di-
mensions of the complexes are affected only very little
by the pressures used in the present experiments and
the change will have little effect on the CT energy or the
stability of the complex. The solvation of the compo-
nents and the EDAC is, however, changed by increase
in pressure and this in turn changes the stability of the
complex if it is either more or less polar than the com-
ponents from which it is formed. Thus the stability
of both neutral-neutral and ion—ion complexes is
changed because in one the EDAC is more polar than
the components while in the other it is less polar. Dur-
ing the combination of a large ion with a neutral mole-
cule there is not much change in solvation, as was shown
earlier?? for the formation of triiodide ions, and it is not
surprising that there is no pressure effect on the stability
of the ion—neutral EDAC.

The energy of the CT band is affected by the change
in solvation brought about by increase in pressure again

Yot

= AG

neutral-neutral ion-neutral ion-ion
r r r

Figure 4. Schematic energy diagrams for three types of EDAC
in solution, showing the effect of pressure on the stability
(—AQG) and on the energy of the CT transition (hv) of the
complexes. Key: , ordinary pressure;

————— , high pressure.
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only if there is a change in polarity during excitation.
This is the case in the neutral-neutral and the ion-ion
complexes and in the case of MMPI it is reinforced by
the change in direction of the dipole moment in the ex-
cited state. Changes in solvent polarity should on the
whole parallel the changes caused by increase in pres-

A. JamEs BeEGara AND ULricH P. STRAUSS

sure, but the picture is often complicated by specific
solvent—solute interactions.
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