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1. INTRODUCTION

1.1. Scope of the Review

Mixed valence is a phenomenon that many chemists sponta-
neously associate with coordination compounds. The prototype
of a designed mixed valence species, the so-called Creutz—Taube
ion (1, Chart 1), is indeed a coordination complex with an
electronic structure that has been under debate for more than
30 years.” By now, there exists a large body of literature on
experimental and theoretical work, including several excellent
reviews, on the subject of mixed valence in coordination com-
plexes.” '" By definition, mixed valence compounds contain an
element which, at least formally, is present in more than one
oxidation state. This element does not necessarily have to be
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metallic; indeed, purely organic mixed valence compounds have
been known since the early days of investigations in this research
field."* In this paper, we review work that has been specifically
geared at exploring the electronic structures of mixed valence
compounds with purely organic redox sites.

1.2. General Introduction to Mixed Valence

The question of charge localization or delocalization is para-
mount in mixed valence chemistry. For one-electron mixed
valence compounds comprised of two redox sites R connected
by a bridging unit b, two extreme forms described by R*" —b—
RUDF (complete localization), and RS9+ _p R0+
(full delocalization) as well as anything in between is possible.'®
Robin and Day introduced a useful classification scheme for these
different forms that has been generally adopted by the scientific
community.'* Completely localized systems belong to class I,
fully delocalized molecules are class III, and systems in between
belong to class II. The transitions between these regimes are not
abrupt, and an additional class of “almost delocalized” systems at
the borderline between classes II and III has later been con-
sidered useful.>®'* Two key factors (and their interplay) deter-
mine to which class a mixed valence compound belongs, namely,
the electronic coupling (Hap) between the two redox sites, and
the reorganization energy (1) associated with electron transfer
between them.' In the extreme case of Hap = 0 (Figure 1a), the
odd electron may find itself in either one of two harmonic
potential energy wells with equal force constants (corresponding
to 21). On the dimensionless reaction coordinate X, which
represents an antisymmetric combination of the R—b and
solvent stretching vibrations, the equilibrium positions are at
X =0and at X = 1. When Hp = 0, the system belongs to class I,
and vertical electronic transitions from one potential well to the
other are not observed. The situation changes fundamentally
when Hup # 0, because mixing between the wave functions that
define the two potential wells removes their degeneracy at X =
0.5. This gives rise to new adiabatic potential energy surfaces
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Figure 1. Potential energy surfaces for electron transfer in mixed valence systems with (a) negligible, (b) weak, and (c) strong electronic coupling
(Hap)- A is the total reorganization energy accompanying the electron transfer.

(Figure 1b) with their energy splitting at X = 0.5 corresponding
to 2H ag. Vertical electronic transitions from the minimum of one
potential well to a vibrationally excited state of the second poten-
tial energy surface are now possible. In the regime of relatively
weak electronic coupling in which there are two clear minima in
the lower potential well near X = 0 and X = 1 (class II), the
Franck—Condon transitions occur to a steeply sloping region of
the higher potential well, and hence, given a Gaussian distribu-
tion of energies in the ground-state centered near X = 0, nearly
Gaussian shaped (and usually structureless) broad intervalence
absorption bands are the result. In this case the energetic position
of the intervalence absorption band maximum (E,,,) corresponds
to the total reorganization energy (1). When Hyp = 1/24, there
are no longer two minima in the lower potential energy well, but
instead there occurs a single minimum at X = 0.5 (Figure 1c), and
the limit of strong coupling (class I1I) is attained. In this case the
resulting intervalence absorption band is comparatively narrow
(and frequently exhibits vibrational fine structure) because it
occurs to a weakly sloping region of the upper potential well.
While the terms “intervalence transition” and “mixed valence”
are also used for class III systems, the transitions in this limit do
not involve net charge transfer, and the two redox centers have an
averaged valence state. In the simple two-state model E,, now
measures the magnitude of the electronic coupling. However,
Nelsen and Zink pointed out that there is a serious problem with
this picture:'” Fully delocalized systems are symmetrical, and
hence their intervalence transition can be symmetry forbidden
and vanishingly weak.'"®"® The important conclusion from
Nelsen’s and Zink’s work is that the two-state model cannot
apply to the strong intervalence bands that are experimentally
observable for many class III systems. Instead, a so-called neigh-
boring orbital model was found to provide a significantly more
accurate descrig)tion of the electronic structure of fully deloca-
lized systems."

Even for class II systems, the use of more complicated
theoretical models is frequently unavoidable. A three-state model
represents an extension to the two-state model by including a
third electronic state formed by charge transfer to or from the
molecular bridge that connects the two redox centers.® The
mediating state “C” has its potential energy minimum at X = 0.5
above the intersection of the reactant (“A”) and product (“B”)
diabatic states. In this case, bridge-mediated electronic coupling
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is described by a superexchange formalism,”***! and the overall

electronic coupling (Hag) becomes a function of the individual
couplings between the redox sites and the bridge (Hac, Hcg) and
the vertical energy gap (A¢) at X = 0.5 between the reactant/
product intersection and the minimum of the bridge potential
energy surface.”>*

As far as the reorganization energy (4) is concerned, a
partitioning into inner- (4;,) and outer-sphere (4,y) contribu-
tions is useful.** A;, represents the energy that is required for
reorganization of bond lengths and angles in the course of the
electron-transfer process, whereas A, quantifies the energy
required for solvent reorganization. The solvent is frequently
treated as a dielectric medium that has no specific interactions
with the redox sites and the bridge.25

More detailed descriptions of physical models describing the
mixed valence phenomenon are found in several reviews on this
subject. > 8

1.3. Brief Historical Survey of Organic Mixed Valence

One of the earliest instances in which a purely organic
compound was brought into connection with the concept of
mixed valence was an investigation of the electrical conductivity
of tetrathiafulvalene (TTF) and its one-electron oxidized form
(TTF").® Initial investigations suggested that neutral TTF is a
photoconducting molecule, but the photocurrent spectrum led
to the conclusion that trace amounts of TFF" were responsible
for this phenomenon. When neat TTF" was investigated in the
form of its chloride salt (2, Chart 2), it was found to be an
excellent organic semiconductor with a room-temperature resis-
tivity that is 12 orders of magnitude below that of neutral TTF.
Wudl and co-workers pointed out that this observation is similar
to one previously made for a mixed valence biferrocenium picrate
salt (3),%° which has a room-temperature resistivity that is 4—6
orders of magnitude lower than that of charge-neutral ferrocene.”
Yet, at that point, the issue of charge delocalization within a given
TTF molecule was not further addressed and the two five-rings of
the TTF" cation were simply designated as “oxidized half’” and
“reduced half”*® Only 1 year later, Cowan and co-workers
pointed out in a review that TTF" may be considered a class
III mixed valence compound."

A comparative study of the flexibility of alkane and poly-
(ethylene glycol) chains represents a noteworthy early example
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in which the dynamics of thermal intramolecular electron transfer
between two organic moieties in different redox states was
investigated by electron paramagnetic resonance (EPR) spectro-
scopy:~® Depending on temperature and the chain length n of the
flexible spacer between two phthalimide (PI) units in a series of
PI—(CH,),—PI (4, Chart 3) and PI— (CH,CH,—0),CH,CH,—
PI (5) molecules, the one-electron reduced forms of these
species either exhibited EPR spectra that were consistent with
localization of the excess electron at one single PI unit or with
electron delocalization over both PI redox centers.

Shortly after the Cowan review,"> Kosower and Teuerstein
reported on optically detected intramolecular electron transfer in
an organic mixed valence compound that is structurally related to
4.” Their titration of the alkane-bridged bis(pyridinium) dica-
tion (6>F, Chart 4) with a pyridinyl radical (7°) in acetonitrile
solution led to the formation of a species that exhibited a weak
(Emax ~ 1500 M~ 'em ™) and broad absorption band peaking at
1360 nm. On the basis of a series of control experiments, this
species was identified as a complex formed between the two
pyridinium rings of 6>* and a pyridinyl radical 7° sandwiched in
between, and the near-infrared absorption band was termed
“intervalence absorption”.”’ It was noted that similar near-
infrared absorption bands had previously been observed for radical
anions of tetracyanoquinodimethane (TCNQ). Indeed, the
infrared spectrum of Et;NH'TCNQ  had been reported
already in 1962 to exhibit a broad featureless band between
1000 and 1500 nm that was ascribed to an electronic rather than
vibrational absorption.*

An investigation of the one-electron reduced form of diketone
8 (Chart S) represents one of the first studies that was specifically
geared toward a detailed understanding of charge delocalization

in an organic mixed valence compound.’" The key question that
Mazur and co-workers tackled is whether the molecular structure
of the radical anion of 8 is best described by rapidly equilibrating
species 8a~ and 8b™~ or whether the fully symmetrical structure
8¢ would be more appropriate. In other words, it was attempted
to elucidate whether 8 belongs to class II or class III of the
Robin—Day classification scheme,'* although this terminology
was not used in this work. The intriguing experimental observa-
tion was that the infrared spectrum of 8~ showed no evidence for
the typical ketone (~1700 cm™') or ketyl (~1550 cm ')
stretching modes but instead exhibited three intense infrared
absorption bands at significantly lower frequencies, which were
absent in a reference molecule (9) that basically corresponds to
half of molecule 8. Schroeder and Mazur pointed out that if 8
was merely a composite of noninteracting ketone and ketyl (8a~,
8b "), then infrared absorptions at ~1700 and 1550 cm ™' would
be expected.*” Conversely, for full charge delocalization (8¢ ™) an
infrared absorption at some intermediate frequency should
result. The fact that the experimental infrared spectrum did
not correspond to either of the two intuitive expectations was
explained by low-energetic vibronic transitions that are not
simply vibrational but contain some electronic contribution. A
very detailed study including investigation of solvent and coun-
terion effects finally lead to the conclusion that 8 is a weakly
coupled system with an electronic coupling matrix element Hup
=450 cm ' in dimethyl sulfoxide.**

An increasing interest in long-range electron transfer in the
1980s also stimulated investigations of charge delocalization
between organic redox centers which are separated over dis-
tances that are considerably greater than the sum of their van der
Waals radii.>* One illustrative example is the radical anion of
molecule 10 (Chart 6), which is comprised of two biphenyl units
connected by a rigid spacer, separating these moieties by six
C—C single bonds and holding them at an edge-to-edge distance
larger than 7 A.>* The rate of intramolecular (thermal) electron
transfer between the two biphenyl units of 10~ was found to
exceed 10" s~ in polar solvents, but for lower polarity solvents
EPR experiments indicated slower rates. This observation was
attributed to the formation of tight ion pairs in the less polar
solvents. Thereby rapid electron movement is impeded, and the
electron-transfer rate becomes governed by the rate for counter-
ion migration.

These findings shed a new light on a prior study of charge
delocalization in the syn- and anti-conformers of the radical
anion 11~ (Chart 7). EPR spectroscopy indicated the simulta-
neous presence of spin-localized and spin-delocalized species in a
mixture comprised of the two conformers.*® The spin-localized
species was originally thought to be the anti-conformer because
the two biphenyls are somewhat further apart from each other
than in the syn-conformer. The new study agreed with this
assignment but offered a different explanation:>* The radical
anion of the anti-conformer may be a localized system because
electron transfer between the two biphenyl units is associated
with cation migration over a significantly greater distance than in
the syn-conformer. The latter is U-shaped, and in the course of
intramolecular electron transfer between the two biphenyls, the
cation can always stay more or less in the middle of the cavity
between them.

One of the first systematic investigations of the distance
dependence of intervalence charge transfer in organic mixed
valence compounds was made by Miller and co-workers using
diquinone radical anions. In their initial studies,*>*” these researchers
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report on an unordinary near-infrared absorption band for the
radical anion of molecule 12 (Chart 8).

Because neither monoquinone radical anions nor the neutral
diquinone exhibited this long-wavelength band, it was concluded
that diquinone radical anions, formally comprised of a quinone
and a semiquinone site, can in fact be regarded as mixed valence
species. Due to a lack of solvent dependence of the near-infrared
absorption band, it was further concluded that 12™ belongs to
Robin—Day class III, and infrared absorption experiments
monitoring the carbonyl C—O stretching bands were in line
with this assignment.*® The radical anions of 13 and 14 did also
exhibit near-infrared absorption bands, but when compared to
that of 12, they were much broader, contained no vibrational
fine structure, and occurred at longer wavelengths.39 From this it
was hypothesized that 13” and 14~ adopt a mixed valence
structure which tends to temporarily localize the anion radical on
one quinone moiety.

Nelsen and co-workers aimed at a direct comparison of
electron-transfer rates estimated on the basis of analyses of
intervalence absorption bands (following Hush's theory) 16 with
the electron-transfer rates measured directly by EPR spectros-
copy. It was noted that certain organic mixed valence com-
pounds exhibit much slower electron-transfer rates than
commonly observed for metal-based mixed valence systems,
and hence the charge-transfer dynamics become measurable on
an EPR time scale, while the electronic coupling between the two
redox centers remains strong enough for uncomplicated detec-
tion of intervalence absorption bands.*® The key to this favorable
situation is the large inner-sphere reorganization energy (;,)
associated with electron transfer in carefully selected organic
mixed valence systems. Hydrazine redox units were identified as

particularly interesting in this respect since they undergo unu-
sually large geometry changes upon electron loss. Oxidation of
bis(hydrazine) molecule 15 (Chart 9) gives a mixed valence
species that formally contains a paramagnetic (neutral) hydra-
zine unit and a diamagnetic (cationic) dinitrogen unit. Intramo-
lecular charge transfer between these two moieties is associated
with 4,, = 45.8 kcal/mol,* a value that is far larger than those
reported for example for an organometallic bis(ferrocene) mixed
valence compound (2.0 kcal/mol) or a mixed valence diruthe-
nium complex (4.7 kcal/mol).

1.4. Survey over the Main Types of Organic Mixed Valence
Systems

The foregoing brief historical review introduced already
several different types of purely organic mixed valence com-
pounds, but with the exception of the exemplary system from
Nelsen (15™), the molecules presented so far do not belong to
the most thoroughly investigated families of such compounds.
The most popular redox active centers in organic mixed valence
compounds in recent years are tertiary amines, particularly para-
substituted triarylamines. This is largely due to the stability of
their radical cation forms and the synthetic possibilities that
resulted from relatively recent developments in palladium-cata-
lyzed N—C coupling reactions. There exists a fairly large body of
literature on systems of the general type described by molecular
structure 16 (Chart 10) in which the substituent R is usually
either a methoxyl or methyl group. Many specific examples of this
type will be described in the following sections of this review. An
important subgroup of organic mixed valence species based on
tertiary amines are radical cations of p-phenylenediamines (17)
in which the two nitrogen centers are particularly close to one
another. The question of charge localization and delocalization in
these systems has received much attention in several alkyl- and
aryl-substituted molecules, but the radical cation of N,N,N/,
N'-tetramethyl-p-phenylenediamine (TMPD) is the most thor-
oughly studied example. TMPD™ is the prototype of a fully
delocalized (class I1T) organic mixed valence species,* and it will
serve as an exemplary system on which some of the basic
principles of organic mixed valence chemistry will be illustrated
in the next chapter.

The p-phenylene bridge motif plays an important role in a
variety of different types of organic mixed valence compounds. It
is a good coupling unit not only between amino groups but also
for many other functional groups that lead to redox active
compounds. One important example is p-dinitrobenzene (18,
Chart 11), the radical anion of which is the prototype for a series
of dinitro compounds that qualify as organic mixed valence
species and that have received significant attention in recent
years.” In terms of stability, the reduced dinitro compounds are
substantially less well behaved than oxidized diamines and hence
represent a much less popular choice for investigations of organic
mixed valence. More exotic examples of p-phenylene bridged
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\ / considerable attention in the context of organic mixed valence.
N—©~N Steric reasons demand for a bridging unit somewhat larger than
R/ \R p-phenylene in order to obtain significant electronic coupling
17 between two such centers; an all-trans p-divinylbenzene bridge
leads to the prototype system (23, Chart 12) for this class of
compounds. Combination of polychlorinated triphenylmethyl
systems are diboranes (19) or bis(dioxaborines) (20).*~* redox centers with tertiary amines has recently allowed the

Kaim and Schulz found that p-phenylenediboranes are essentially
mirror images of p-phenylenediamines in that the strongly
electron accepting boryl groups represent counterparts to the
strongly electron donating amino groups.

The charge-neutral forms of molecules 17—20 are benzenoid;
that is, they are para-disubstituted benzene derivatives with single
bonds between the 1,4-carbons and their substituents. In their
radical ions forms, however, they adopt quinonoid electronic
structures in which the bonds between the 1,4-carbons and their
substituents adopt some double bond character. Similar quinonoid
radical ion structures are accessible upon reduction of p-benzoqui-
none (21) and tetracyanoquinodimethane (22), which represent
the prototypes for two other prominent classes of organic mixed
valence compounds.*”** Indeed, the close electronic relationship
between p-phenylenediamine radical cations and quinone radical
anions was pointed out already more than 85 years ago.* Due to
their instability in air, the quinone radical anions are considerably
more difficult to handle experimentally than intervalence radical
cations. The stability is markedly increased for quinones that are
alkyl-substituted in the ortho position to the carbonyl functional
group, and a variety of such alkylated quinone radical anions with
bridges much longer than a single benzene unit have been inves-
tigated in recent years.”” This family of systems is structurally mar-
kedly different from the diquinone molecules (12—14) studied in
the early work by Miller and co-workers. >

preparation of charge-neutral organic mixed valence compounds,
the prototype of which is represented by molecule 24.%> The vast
majority of organic mixed valence systems are charged species, a
fact that often severely limits their solubility in less polar solvents.
The recent development of neutral mixed valence compounds
like 24 is therefore particularly valuable for investigations of the
solvent dependence of intervalence transitions. Unchlorinated
triphenylmethyl radicals and their anions are substantially less
stable than their chlorinated counterparts and consequently have
received relatively little attention in mixed valence chemistry.>>

Given the important role played by methylviologen and its
numerous derivatives in bimolecular electron-transfer chemistry,
there are surprisingly few studies that specifically aimed at a
detailed understanding of the mixed valence electronic structure
of the one-electron reduced forms of such compounds. Methyl-
viologen radical monocation itself is a fully delocalized mixed
valence system,>*** and also the half-reduced forms of a series of
so-called extended viologens (25, Chart 13) were found to be
class III mixed valence molecules.*® In light of the increasing
interest in diimide electron acceptors,®” it is also somewhat
surprising to note that there are comparatively few studies that
discuss the radical monoanions of these species as mixed valence
systems.so’s'8

Bis(tetrathiafulvalene) compounds represent a last important
family of organic mixed valence systems that is to be mentioned
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in this Introduction. As discussed in section 1.3, the tetrathiaful-
valene radical cation itself can be considered a class III mixed
valence system, but when two TTF units are connected to one
another, new mixed valence phenomena arise as a consequence
of electronic interactions between the two TTF redox centers.>”
The prototype given here is the radical cation of molecule 26,
but there exists a fairly broad variety of bis(tetrathiafulvalene)
compounds that are rather badly represented by this particular
molecular structure. This includes for example fused TTFs in
which the two TTF moieties are connected by a planar con-
jugated 7t-system.>” Mixed valence systems from this family of
compounds were already part of a comprehensive review on
bis(tetrathiafulvalene) molecules.®

2. PHENYLENEDIAMINE DERIVATIVES AND CLOSELY
RELATED SYSTEMS

Derivatives of p-phenylenediamine were the first organic
radical cations ever isolated.”’ Wurster prepared the blue TMPD ™"
in 1879,%% and Weitz recognized its true chemical nature in 1928,
designating it “Kationradikal”.* In early applications of electron-
transfer theory to organic compounds the TMPD ™ molecule
played an eminent role, and the rate for electron self-exchange
between TMPD and TMPD " was one of the first measured.** In
principle, two extreme cases of different electronic structures are
conceivable for TMPD ™, namely, a structure (277, Chart 14)
with one planar dimethylamino group that bears the positive
charge, while the other dimethylamino group is neutral and has
pyramidal geometry, and, as an alternative, a structure (28")
which has equivalent nitrogen atoms and charge delocalized over
the eight atom 7 system, corresponding to a class III system
according to Robin and Day.*” In structure 27" the positive

5143

Chart 14
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charge is localized, but a rapid intramolecular electron transfer
could interchange the role of the two nitrogens, in which case
TMPD" would be a class II mixed valence system. Spectro-
scopic,?*% structural,® and theoretical studies*>®” are con-
sistent with TMPD ™" being a completely delocalized class I
system; i.e., structure 28" represents a reasonable description of
this organic radical cation. One of the spectroscopic arguments to
assign it to class ITI comes from the observation of vibrational fine
structure in the intervalence absorption band.***® Generally,
vibrational fine structure in an optical absorption spectrum
occurs when a Franck—Condon transition results in a wavepack-
et on the excited-state surface that can return to its origin within
about a picosecond.® This is only possible when the excited-state
surface has its minimum near the equilibrium geometry of the
ground state, a situation that is encountered exclusively for class
Il intervalence compounds (Figure 1c).”® A balance of reorganiza-
tion and delocalization energies is decisive for the fully delocalized
electronic structure of TMPD': Formation of structure 277
requires a geometry change from pyramidal to planar at one single
nitrogen center, whereas in structure 28" both nitrogens have to be
reorganized while at the same time delocalization energy is gained.
Obviously, for TMPD ™ this energy gain outweighs the price to be
paid by reorganizing two (instead of one) nitrogen centers.**

dx.doi.org/10.1021/cr100441k |Chem. Rev. 2011, 111, 5138-5178
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Nelsen and co-workers have demonstrated that upon increase
of the reorganization energy in a bis(hydrazine) analogue of
TMPD* (29") the situation changes, and a charge- locahzed
radical cation structure becomes energetically more favorable.**
While the room-temperature EPR spectrum of 29" exhibits the
nine-line pattern expected for four equivalent nitrogens in a fully
delocalized electronic structure, a five-line pattern indicative of
spin localization was observed at —105 °C. The intervalence
charge-transfer band is solvent dependent, consistent with class
II behavior, and a reorganization energy (1) of ~38 kcal/mol was
estimated from the energetic position of the intervalence
band maximum. This compares to a reorganization energy of
~30 kcal/mol for TMPD'.”! Thus, the 27% increase in A when
going from 28" to 297 is associated with a transition from a
charge-delocalized to a charge-localized electronic structure. The
reason for the large reorganization energy associated with
electron transfer in 29" becomes evident from its X-ray crystal
structure, which reveals that very large structural changes are
associated with oxidation/reduction chemistry of the hydrazine
units.** In 29" BPh, , the formally charge-neutral hydrazine unit
has a nitrogen—nitrogen distance of 1.454 A, while in its oxi-
dized counterpart the distance between the two nitrogens is only
1.359 A. Moreover, there are important differences in the twist
angles between the phenyl plane and the neutral and oxidized
hydrazine units. This latter fact also accounts for the large diffe-
rence in electronic coupling matrix elements between 28" (Hup
A 23.3 keal/mol) and 29" (H,p & 5.8 keal/mol).

As becomes obvious from this discussion, accurate estimates
of the reorganization energies are important for proper under-
standing of the electronic structures of mixed valence com-
pounds. Grampp and Jaenicke attempted to determine A for
electron self-exchange between TMPD and TMPD™" through
EPR line broadening experiments.”” By this method, estimates of
A are only available by making a number of assumptions, and
therefore it was deemed desirable to determine A directly by
observing the intervalence band associated with electron transfer
from a neutral TMPD unit toa TMPD ™ cation in a molecule that
links the two moieties together covalently. Molecules 30 (Chart 15)
and 31 were made for this purpose, but an intervalence absorp-
tion band could only be detected for 317.”" This is because the
intensity of the intervalence absorption is proportional to H, A
and Hap must be significantly smaller in 30" than in 317 due
to the larger distance between the two individual phenylene-
diamine units (7 versus 3 o-bonds between the closest N
atoms). Analysis of the intervalence absorption band of 31"
produced 4 & 30 kcal/mol, a value that is far larger than that
obtained from prior EPR studies of TMPD/TMPD ™ self-
exchange.

Replacement of the methyl groups of TMPD " by other alkyl
or aryl substituents was found to have a nonnegligible impact on

Chart 16
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the energetic position of the intervalence absorption band (E,,),
which is a direct meastre for the electronic couphng in class IIT
systems (Flgure 1c).% For TMPDJr Eyp = 46.6 kcal/mol,
whereas for 32" (Chart 16) and 337 the E p-values are 45.5
and 46.2 kcal/mol. The bicyclooctyl substltuents of 327 permit
somewhat more effective delocalization of the partially oxidized
nitrogen p lone pairs than the methyl groups of TMPD *; hence,
E,p decreases by 1.1 kcal/mol. On the other hand, y-keto sub-
stitution of the bicyclooctyl rings in 33" decreases their ability to
stabilize the positive charge, and this results in an E,-value
practically on par with that of TMPD". While these changes
in E,, are relatively minor, the radical cation of N,N,N’,
N- tetraphenyl p: phenylenedlamme (TPPDY, 34™) yields E,p
34.7 keal/mol.%° Thus, quite rightfully it has been asked how
delocalized the electronic structure of the TPPD " radical cation
might be.”?

TPPD ™ has been crystallized as a hexachloroantimonate salt,
and X-ray structure analysis indicates that the TPPD ™ cation is
centrosymmetric, exhibits a quinoidal distortion, and has aryl
rings arranged in propeller form around the nitrogen centers.”®
All of these structural features can be reproduced by density
functional theory (DFT) calculations, yet assignment of TPPD ™"
to class III based only on these grounds is not justified for several
reasons: The crystallographic symmetry might be due to static or
dynamic disorder of molecules that are actually slightly asym-
metric, and the gas-phase calculations are only of limited rele-
vance to solution where solvent and counterions may introduce a
certain degree of asymmetry. Therefore, a detailed optical spec-
troscopic and vibrational study of TPPD " was undertaken.”®
Unfortunately, the selection rules for IR and Raman vibrations in
microsymmetries corresponding to localized or delocalized
structures of the central p-phenylenediamine unit of TPPD™"
are similar, and hence the comparison of infrared and Raman
spectra alone was not particularly insightful. Yet, from the fact
that solution and solid-state IR spectra are very similar to one
another, in conjunction with the determination of a centrosym-
metric crystal structure and an excellent agreement of experi-
mental vibrational spectra with those calculated for a delocalized
structure, TPPD ™" was finally assigned to class IIL. Resonance
Raman spectroscopy revealed that no less than eight vibrational
modes are strongly coupled to the intervalence band, indicating
that the charge-transfer excited-state potential energy surface is
displaced along a multitude of normal coordinates relative to
the ground-state potential energy surface. Application of time-
dependent theory® allowed determination of the dimensionless
(Huang—Rhys) displacement parameters for the individual
resonance enhanced vibrational modes. Particularly large Huang—
Rhys factors were found for a symmetrical N—aryl—N stretch as
well as twisting and wagging motions of the phenyl groups. All of
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these are modes involving important distortions of the axial
C—N bonds. From a fit of the resonance Raman and optical
absorption cross-sections it was possible to estimate the inner-
(Ain) and outer-sphere (4,,) reorganization energies, the sum of
which (3480 cm™ ') compares favorably to the total reorganiza-
tion energy obtained from application of Hush theory to the
intervalence absorption band (4080 cm ™). The finding of a Aoy-
value almost five times smaller than A;, is in line with a small
influence of the solvent on the intramolecular charge-transfer
process and consequently supports the assignment of TPPD ™ to
Robin—Day class IIL

The tetraalkyl-p-phenylenediamine radical cation 33" has
been subjected to similarly detailed investigations by resonance
Raman spectroscopy and analyses by time-dependent theory of
electronic transitions.”* Contrary to that of 34", the intervalence
absorption band of 33" exhibits vibrational fine structure,
featuring a vibrational progression in a mode with a frequency
of 1324 cm ™ '. However, such a mode is absent in the resonance
Raman spectrum of 33". Instead, nine modes with other
frequencies are found to be resonance enhanced. The atomic
motions associated with these nine modes were identified by
using Gaussian 98 calculations, and it was found that the most
resonance-enhanced mode is the symmetric aromatic C—C and
C—N stretch at 1620 cm ™' leading to a quinonoid distortion of
the molecule. The vibrational mode leading to the largest
Huang—Rhys factor is an out-of-plane R,N—aryl-NR, bend
(405 cm™") involving a large amplitude phenyl ring tilt. The
absence of a 1324 cm™ ' mode corresponding to the vibrational
progression in the intervalence absorption spectrum was attrib-
uted to the missing-mode effect (MIME), which is not an un-
common phenomenon for large molecules.”® Analysis in terms of
the time-dependent picture of electronic transitions gave an
almost perfect fit to the experimental absorption spectrum’®
and led to the conclusion that 337 is a true class III system.

The radical cation of N,N,N',N'-tetraanisyl-p-phenylenedia-
mine (TAPD ™, 35", Chart 17) differs from TPPD " (34") only
in the presence of additional methoxyl groups in the para
positions of the aryl substituents. In general, this prevents
electrochemical dimerization upon oxidation of tertiary amines
and hence ensures reversible oxidation.”® There have been two
independent studies of the electronic structure of TAPD*.””7
The outcome of the experimental and theoretical work by
Lambert and Noll is that the electronic spectrum of 357 can
be interpreted adequately in terms of a localized (class II)
structure just at the border to class IIL.”” Brédas and co-workers
reinterpreted their results in the framework of a dynamic vibronic
model and arrived also at the conclusion that 35" is at the
borderline of class II and class IIL.”® An important point that
emerged from this vibronic coupling analysis is that the shape of
the intervalence charge-transfer band alone does not necessarily
provide a good indication whether a mixed valence system

Chart 18

37

belongs to class II or class IIL.”® If there are strong interactions
with symmetric vibrations, the shape of the intervalence band can
be broad and unstructured even in the case of class III systems, a
fact that has also been noted by Nelsen.'® Thus, even though the
intervalence band of 35" is broad and unstructured, unlike those
of 32" or 337, it is still close to being a class III system.
Particularly noteworthy in this context is the fact that Lambert
and N&ll found the intervalence band of 35" to be strongly
asymmetric:”” Gaussian fits to the experimental spectrum are
poor due to a cutoff on the low-energy side, as predicted by
theory for systems that are close to the class II/class III
borderline."® Because strong electronic couplings usually give
rise to rates for electron transfer (kgr) that are much faster than
what can be measured by magnetic resonance techniques (kg o<
Has?),** the possibility of obtaining experimental values for
electronic couplings from photoelectron spectroscopy was
explored.”” Work on 277, 35", and four other bis(triarylamine)
radical cations demonstrated the feasibility of this approach to
obtaining experimental values for Hap that can be used to verify
those extracted from intervalence absorption band analysis.””

A study of the ortho-isomer of TAPD " (36™") led to the same
classification as that for 35".%" The electronic coupling matrix
element is estimated to be on the order of 2000 cm™ "~ for the
ortho-isomer and 3240 cm ™" for the para-isomer. In phenylene-
bridged systems, complete planarization is usually most favorable
for chargge transfer because of effective s-delocalization
pathways,”"** but in the ortho-isomer this geometry is not
possible due to steric constraints. Therefore it has been specu-
lated that the relatively large electronic coupling in 36 might be
caused (at least partially) by through-space interaction between
the two nitrogen lone-pair orbitals.”’

Ito et al. investigated a p-phenylenediamine derivative (37,
Chart 18), with two attached nitroxide units that both carry an
unpaired spin.*> In the charge-neutral form of 37, the two
nitroxide spins are antiferromagnetically coupled with an ex-
change constant of only 4 cm ™~ '; i.e., the two spins are essentially
uncorrelated. After oxidation of the central p-phenylenediamine
unit, a third unpaired electron is present. Pulsed EPR measure-
ments on 37" show that, at 5 K, there is predominant population
of a spin quartet state, indicating ferromagnetic coupling between
the three spins. The intervalence absorption of the oxidized
p-phenylenediamine unit remains unaffected by this. The trir-
adical cation 37" is an unusual species in that there coexist two
localized (nitroxide) spins and a delocalized spin (on the
p-phenylenediamine), with the latter mediating spin alignment.

Recently, a series of papers on macrocyclic compounds (38,
39, and 40, Chart 19) containing two TMPD units was pub-
lished.®* 7% In their dicationic forms, some of these molecules
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exhibit close intramolecular contacts between the two singly
oxidized TMPD units, and the macrocyclic compounds display
topologies resembling those found in cyclophane molecules.*
Although the focus of this research appears to be on such face-to-
face s-stacking geometries in doubly oxidized bis(TMPD)
macrocycles, there have been some interesting observations on
the singly oxidized species that are relevant in the context of
organic mixed valence. For example, methyl-substituted 38"
exhibits a near-infrared absorption band at ~3800 cm ™' that has
been attributed to an intervalence transition that is caused by
intramolecular electron transfer from the neutral TMPD moiety
to the oxidized TMPD ™ partner. In isopropyl-substituted 387,
the same band occurs at ~10000 cm ', ie., at substantially
higher energy. X-ray crystallographic studies indicate where this
large difference comes from, albeit structures for the mixed
valence forms (38™") are not available. However, the X-ray crystal
structures of the charge-neutral and dicationic forms of both
methyl- and isopropyl-substituted 38 have been determined,***°
and the important finding is that, for the methyl-substituted
version of 38>, the two p-phenylenediamine units are essentially
coplanar, whereas in the analogous isopropyl-substituted system,
they are twisted considerably relative to one another.*® The
reason for this appears to be the bulkier nature of the isopropyl
groups, and therefore it is likely that similar structural differences
occur between the methyl- and isopropyl-substituted monoca-
tions. Molecular mechanics calculations on the neutral forms of
39 and 40 suggest that the alkane spacers of these macrocycles
are too long in order to force the two p-phenylenediamine
units into coplanar arrangement,86 and intervalence absorp-
tion bands for the monocationic forms of these molecules
were not reported.

3. ELECTRONIC COUPLING IN COVALENT SYSTEMS:
IMPORTANCE OF THE MOLECULAR BRIDGE BETWEEN
THE TWO REDOX CENTERS

3.1. Distance Dependence

Work by Miller and co-workers on the diquinone systems
12—14 mentioned in section 1.3 represents one of the earliest
investigations of the distance dependence of charge transfer in
organic mixed valence molecules.””®” Much of this research
focused on the question, at what distance between the two redox
active units would a transition occur from a fully delocalized class
III structure (as observed for 127) to a charge-localized class II
system? For the diquinones, this turned out to be the case already
for the naphthalene-bridged system 137. Interestingly, the
anthracene-bridged diimide radical anion 41~ (Chart 20) was
found to be a class III system, despite even greater spatial
separation of its two redox sites.>” It was assumed that this arises
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because diimide sz* orbitals are higher in energy than quinone 77*
orbitals, which leads to smaller energy gaps (Ag, section 1.2) to
the 77* orbitals of the bridging units. A systematic investigation of
the distance dependence of the electronic coupling matrix
element or the reorganization energy was not performed.

As part of an in-depth study of distance, connectivity, and
conformation effects on intramolecular electron transfer in
organic mixed valence systems, Kochi and co-workers investi-
gated molecules 42—46 (Chart 21) in which two redox active
2,5-dimethoxy-4-methylphenyl units are connected to one an-
other either directly or by variable-length oligo-p-phenylene
spacers.”® ” The 2,5-dimethoxy-4-methylphenyl (DMP) unit
is easy to oxidize (E,, ~ 1.1 V vs SCE) and undergoes relatively
large geometrical changes during oxidation due to an energeti-
cally favorable quinonoidal resonance form.” Intervalence ab-
sorption bands caused by intramolecular electron transfer from
neutral DMP to oxidized DMP ™" were observed for the radical
cations of 42—45. Complementary temperature-dependent EPR
studies and investigations by X-ray crystallography indicate that
427" is a class III system and 43" is at the class II—class III
borderline, whereas 44~ and 45 are “clean” class II systems.**™
The near-infrared absorption bands of 42 —45" were analyzed
in the framework of Hush’s theory,'® whereby electronic cou-
pling matrix elements ranging from 2330 em ' (for 427) to
217 cm™ ' (for 45™) were determined. The distance (d) between
the DMP units increases from 43 Ain 42" t0 21.5Ain 46", and
a plot of log(Hag) against d (Figure 2a) is linear, as predicted by
superexchange theory.”

From temperature-dependent EPR line broadening experi-
ments, electron-transfer rate constants (kgr) were determined
for molecules 43" —46". At a temperature of 20 °C, kg was
estimated to decrease from 10'° s~ ' for the molecule with a
single p-phenylene spacer (43") to a value of 3 x 107 s~ " for the
tetra-p-phenylene-bridged system (467). A plot of log(kgr)
versus DMB—DMB " distance (Figure 2b) is less clearly linear,
and the exponential distance dependence of the electron-transfer
rate is less obvious than for the electronic coupling matrix
element. Yet, linear regression fits to the two sets of data
in Figure 2 yield slopes that roughly differ by the factor of 2
(—0.18 A for Hyp compared to —0.44 A for k1) that would be
expected on the basis of the relationship kg o< Hap” predicted by
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10° 1 B=o.44\}3:\ analogue of TMPD™" (48™). The radical cations of all four
, 46° molecules are class III systems, and Hap can be extracted directly
10 s 10 15 20 from their intervalence absorption band maxima (Figure Ic).
distance [A] Given the fully delocalized electronic structure of these systems,

Figure 2. (a) Distance dependence of the electronic coupling matrix
element (H,p) in mixed valence radicals of molecules with terminal p-
dimethoxytolyl redox sites and p-phenylene bridges. The number of
intervening phenylene bridging units increases from 0 (42") to 3 (45™);
(b) distance dependence of the rate for intramolecular electron transfer
(kgr) in the same type of radicals as determined by EPR spectroscopy.
The number of phenylene spacers increases from 1 (437) to 4
(46™).887° The dashed lines are linear regression fits yielding distance
decay constants of 8 = 0.18 A™" (for Hap) and 8 = 0.44 A~ (for kgy).

semiclassical electron-transfer theory.** The absolute value of the
slope determined from the kg data (0.44 A) is a distance decay
constant (f3) that can be compared to [3-values extracted from
investigations of photoinduced long-range electron transfer in
donor—acceptor systems with oligo-p-phenylene bridges. Litera-
ture values for /3 for such bridges range from 0.21 to 0.77 A~',**
with values around 0.4 A™" being observed most frequently.”" All
subsequent [3-values in this review describe the distance depen-
dence of kg and hence are exactly twice as large as the slopes
extracted from plots of In(H,p) versus distance.

Nelsen and co-workers investigated the distance dependence
of the electronic coupling in a series of violene molecules which
have 21 + 3 77 electrons on 21 + 2 sp” hybridized atoms.” The
most prominent member of the series is the TMPD ™" radical
cation (287).%° The other members were the TMPD ™ analogue
32" with two bicyclooctyl rings at the place of the four methyl
substituents, then a molecule in which the same two amines are
connected by an azo group (47", Chart 22), and last the biphenyl

their N—N distance was judged a poor measure of the electron-
transfer distance. Therefore, the lengths of the overall systems
were simply expressed in terms of the number (1) of connecting
o-bonds between the two amine nitrogen atoms. The depen-
dence of Hap on 1 (ranging from n = 3 for 47" to n = 9 for 48™)
turned out to be nearly perfectly exponential, and a (dimen-
sionless) distance decay constant (f3,) of 0.3 was obtained.®®
This is significantly lower than what is typically observed for
saturated alkane bridges (8, & 1.0),” and reflects the fact that
the molecules considered here are 77-conjugated. An investiga-
tion of pyridylethylene-bridged pentaammineruthenium mixed
valence systems yielded 8, ~ 0.34.°°* The good agreement
between the diamine [3,-value (0.3) with that from the ruthenium
study (0.34) is reassuring, because the inorganic systems belong
to class II and have much better defined electron-transfer
distances.%

Lambert and Noll studied an entire series of bis(triarylamine)
molecules that are based on the N,N,N’,N'-tetraanisyl-p-phenyl-
enediamine prototype molecule (35).”” Instead of a single
p-phenylene spacer between the two nitrogens, the longer ana-
logues have naphthalene (49), biphenyl (50), tolane (51), or
even longer bridges (52, 53) (Chart 23).

The N—N distance increases from 5.6 to 19.3 A along this
series, and a near-infrared absorption band due to intramolecular
electron transfer is observable for all radical cationic forms.
Compounds 49" —53" are class II systems with H,g-values
decreasing from 2240 to 500 cm ' The dependence of Hap on
the number of 0-bonds (1) connecting the two nitrogens was
found to be exponential (Figure 3a), despite the fact that 49—53
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Figure 3. (a) Semilogarithmic representation of Hp versus the number
of o-bonds between nitrogen atoms in a series of bis(triarylamine)
radical cations. A linear regression fit to the data (dashed line) yields a
dimensionless distance decay constant of 3, = 0.32.”” (b) Difference in
electrochemical potential (AE) between the first two oxidations for the
same series of bis(triarylamine) molecules as a function of the electronic
coupling (Hug) determined for their mixed valence radical cations.”’
Adapted with permission from ref 77. Copyright 1999 American
Chemical Society.

do not represent a true homologous series of molecules. The
distance decay constant in this case is 0.32 (including the data
point for 35%),”7 in excellent agreement with Nelsen’s 3, value of
0.3 for the class III violenes from above.*® Futhermore, there is a
linear correlation of the redox potential splitting (AE) between
the first two oxidation waves of these bis(triarylamine) molecules
and the electronic coupling matrix elements (Hyp) of their mixed
valence forms (Figure 3b). For the shortest member of the series

5148

oxidation of the neutral molecules to their radical cation forms.
Throughout the series the central N—C bonds shorten by
~0.025 A, the central phenylene rings undergo a quinonoidal
distortion, and the twist angles between the amino groups
decrease. In the alkyne systems 517 and 527, the lengths of
the triple bonds increase by ~0.010 A, while the central single
bond in 527 shortens by roughly the same amount.”® Analysis of
the molecular frontier orbitals suggests that the intramolecular
charge transfer in these radicals involves a shift of electron
density from the terminal anisyl rings toward the central part
of the molecules. It has been pointed out that this may contribute
significantly to the solvent dependence of the intervalence
absorptions of these systems. The effect of temperature on the
charge-transfer transitions in 50" and 51" was also explored.”®

Investigations of photoinduced long-range electron transfer in
donor—bridge —acceptor molecules revealed far weaker distance
dependences for charge transfer across oligo-p-phenylene
vinylene (OPV) wires than for oligo-p-phenylenes, due to
the activation of a hopping mechanism that is more weakly
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Figure 4. Semilogarithmic representation of the distance dependence
of Hap in vinylene-bridged bis(triarylamine) radical cations 54" —57"
as obtained by various computational methods: by DFT calculations
(gray filled squares), by AM1 calculations (open circles), and by DFT
calculations based on effective donor—acceptor separations (d,y,) rather
than N—N distances (black triangles).

dependent on distance than the superexchange tunneling
process.”®®” In this context, the study by Barlow et al. on
OPV-bridged tertiary amines 54—57 (Chart 24),”® represents
an important extension of the work by Lambert and Noll on
molecules 49—53.”

The shortest member of the Barlow series (547) is found to
exhibit a strongly asymmetric near-infrared absorption band that
is only a weakly solvatochromic (930 cm ™" blue shift between
CH,Cl, and CH;CN). By contrast, the intervalence absorption
band of 55" has a symmetrical Gaussian shape and is a more
strongly solvent-dependent (2070 c¢m ™' blue shift between
CH,Cl, and CH;CN), and hence it appears plausible to assign
54" to class Il and 55 to class IL®® The longer congeners (56
and 57") did also exhibit intense absorption bands around
9000 cm ', but similar absorptions with approximately twice
the absorptivity were observed for the 56> and 57" dications,
indicating that these bands are due to charge transfer from the
highest occupied bridge-localized orbital to the oxidized tertiary
amines. With intervalence bands in 56" and 57 being masked
by other absorptions, experimental values for the electronic
coupling matrix elements of these longer congeners remained
elusive, and consequently the distance dependence of Hup in

54" —57" was explored only with computational methods. AM1
and DFT calculations gave results that significantly deviate from
each other (Figure 4). DFT-computed values for Hap (gray filled
squares) were consistently greater than those estimated by AM1
calculations (open circles), and the distance decay constants
of the two sets of calculated Hap data are 0.14 A~' (DFT) and
0.24 A~" (AM1). Both values are substantially greater than those
previously reported for photoinduced charge transfer across
OPV wires (0.01 A~").°*°” Barlow et al. note that the N—N
distance is quite simply a bad measure of the electron-transfer
distance in these highly 7-conjugated molecules. When the
effective separation (d,;,) between donor and acceptor sites is
estimated on the basis of calculated transition dipole moments,
values between 8.78 A (54") and 21.98 A (57") are found.
These effective electron-transfer distances are between 28 and
46% smaller than the N—N distances. A plot of In(H,g) versus
dp yields B =0.08 A~" (black triangles in Figure 4), in somewhat
better agreement with the values obtained for OPV wires in
donor—bridge—acceptor molecules.

The comparison between stilbene-bridged 54" and tolane-
bridged 517 is exemplary for the stronger electronic coupling
mediated by double bonds with respect to triple bonds:”” The
intervalence absorption band of 54" exhibits the above-
mentioned weak solvatochromism, and the crystallographic structure
of this cation is consistent with class III behavior. The near-
infrared absorption of 517 is strongly solvatochromic, and con-
sequently this species was allocated to class II. Thus, despite
identical numbers of connecting o' bonds between the two redox
units, the alkene and alkyne species 54 and 517 fall into very
different regimes of delocalization.”

For increasingly long mixed valence systems the intervalence
absorption bands become more and more difficult to detect,
because the intensity of these bands is proportional to Hys>® In
some of the above-mentioned examples (56", 57 ") such bands
have remained undetected, not only because of their weakness
but also because of electronic transitions from the bridge to the
oxidized redox centers that superpose the intervalence bands.
One clever approach to circumvent this latter problem involves
the use of electron-deficient bridges. Lambert and co-workers
reported on a comparative study of 58" (Chart 25) and 597,
which differ only by two cyano groups attached to the bridge.'*
In 58", an intense (¢ ~ 25000 M ' cm ') band due to hole
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transfer from the oxidized amine to the bridge is observed around
11000 cm™ ' In 597, the analogous transition occurs at
~14200 cm ', and a weak (& < 1000 M~ ' cm ') intervalence
absorption band becomes observable at ~11800 cm™ . Its
analysis in terms of Mulliken—Hush theory yielded Hup =
190 cm ™.

Lambert and Amthor explored the distance dependence of
H,p in bis(triarylamine) systems that incorporate [2.2]paracy-
clophane as a bridging unit."®" The cations of 60—62 (Chart 26)
are class II mixed valence systems with intervalence absorption
band maxima between 6230 cm ™' (60") and 7500 cm ™' (627).
These species exhibit optical absorption bands due to hole
transfer from the oxidized triarylamine unit to the bridge around
11000 cm ™', which nearly mask the intervalence bands. Due to
the close energetic proximity of these electronic transitions, a
three-level model including the one-electron oxidized state of the
bridge in addition to the two intervalence charge-transfer states

was used to describe the electronic structures of these species.
Electronic couplings calculated in this manner are between 37
and 214% larger than those calculated on the basis of a simple
two-level model that neglects the bridge states, with deviations
becoming larger with increasing bridge length (Figure S). Plots of
In(Hag) versus the number of ¢ bonds between the two
nitrogens are essentially linear for both types of models, and
the distance decay constants are 3, = 0.36 for the three-level
model and 3, = 0.56 for the two-level model (Figure S). The
f,-value from the three-level model differs only marginally from
that extracted from analysis of the structurally similar radical
cations of 35 and 49—53 (Figure 3, 3, = 0.32), indicating that the
[2.2]paracyclophane unit is actin§ more like an unsaturated
spacer than like a saturated bridge.""!

In a collaboration between the groups of Grampp and
Lambert, the distance dependence of barrier heights associated
with thermal electron transfer was explored by comparing the
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Figure 6. Correlation between the activation energy for thermal
electron transfer determmed by EPR spectroscopy (AG¥gpr) and the
activation energy (AG opt) determined from analysis of the 1nterva1ence
charge-transfer bands in various bis(triarylamine) radical cations."

Data points represented by open circles were obtained using a two-state
model; data points represented by gray filled squares were obtained
using a three-level model. The dashed line has a slope of 1, while a fit to
the experimental data points would yield a slope of 1.5."° Adapted with
permission from ref 102. Copyright 2009 American Chemical Society.

radical cations of 53, 58, and 60—63."°> These systems exhibit
room-temperature electron-transfer rates between 3 x 107 and
1.6 x 10” s~ and give rise to EPR spectra either consisting of
three major lines (indicative of spin localization on a single
nitrogen center with a nuclear spin of 1) or spectra consisting of
five major lines that can be explained by interaction of the
unpaired spin with two equivalent nitrogens. Variations in
temperature induce a changeover between these slow and fast
exchange limits, and Eyring analysis of the temperature-depen-
dent data yields activation parameters for thermal electron
transfer. The activation free energies (AG ppr) thus obtained
for the thermal electron-transfer range from 780 cm ™' (for 60™)
t0 2000 cm ™' (for 58") and correlate linearly with the activation
energies determined from analyses of the 1ntervalence charge-
transfer bands using a three-level model (AG 3level) and a
two-level model (AG Zlevel)l However, the barriers ex-
tracted from these models systematically exceed those deter-
mined by EPR spectroscopy, and a plot of AG* 31evel and
AG¢2_Ieve1 versus AG gpg yields a linear correlation with a
slope of 1.5 (Figure 6).

Chart 27

Millen and co-workers noted that much of the prior research
on organic mixed valence had involved conjugated bridges that
were not completely planar due to torsion about formal single
bonds, thereby leading to less than optimal 7-conjugation.
Therefore, they explored the length dependence of electronic
coupling between two triarylamine units connected by ladder-
type pentaphenylene bridging units, which are more planar and
more conjugated than many of the previously used molecular
wires.'%*'%* Terminal amino groups were connected by one (64,
Chart 27), two (65), or three (66) pentaphenylene units,
yielding N—N distances of 22, 43, and 63 A. In molecule 64,
the first two electrons are removed successively with a potential
difference of 100 mV, but for the longer molecules (65, 66) the
first two oxidations are unresolved, suggesting that the two
electrons are removed simultaneously from both amines. Com-
pound 64" exhibits a broad and unstructured absorption band
peaking at 5280 cm ™' which has been attributed to intervalence
charge transfer, but in this spectral region 65" and 66" only
show absorptions that are identified as bridge-to-oxidized amine
charge transfers. Thus, while 64 can be described as a class 1T
system with Hyg = 548 cm™ ', there is no evidence for any
significant electronic interaction between the triarylamine redox
centers in 65" and 66+, and they have to be considered charge-
localized systems.'®® It is possible that the torsional junctions
occurring between neighboring pentaphenylene units are re-
sponsible for this.

Thiophene-based polymers are of interest for a variety of
different (opto)electronic applications, and hence charge trans-
fer in oligothiophenes has received considerable attention.'®® In
this context, Lacroix and co-workers performed a computa-
tional study of charge delocalization in bis(triarylamine)
radical cations with oligothiophene bridges ranging in length
from one (67", Chart 28) to 22 thiophene units (68™).'° T
computations mainly focused on bond length and charge
density differences between neutral and cationic forms. For
systems with only one or two bridging thiophene units, the
calculated geometries of the radical cations are symmetrical,
whereas for longer congeners they are consistent with the
formation of a localized charge defect. This manifests itself in
semiquinonoidal distortions on one side of the radical cation,
while the other side stays structurally nearly identical to the
geometry calculated for the charge-neutral form. In other
words, a transition from class III to class II behavior upon
bridge lengthening is calculated. The calculations also predict
that, with increasing bridge length, electron transfer from the
oligothiophene bridge to the oxidized amine becomes increas-
ingly probable. This suggests that, upon bridge lengthening,
long-range charge transfer between triarylamine units will
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undergo a changeover in mechanism from superexchange
tunneling to hopping.'*®

Odom et al. performed an experimental study of the distance
dependence of charge delocalization in thiophene-bridged bis-
(triarylamine) radical cations.'”” The asymmetric intervalence
absorption band of 69" indicates a fully delocalized electronic
structure, in line with the computational work by Lacroix and co-
workers discussed above.'” The characteristics of the interva-
lence absorptions of 70" —73" support their assignment to class
111, and in the case of the dithienopyrrole-bridged species 72/
73" an exceptionally lar§e electronic coupling of Hap =
5790 cm ™" was estimated."”” This is one of the largest values
reported yet for a bis(triarylamine) radical cation. The close
energetic proximity of the one-electron oxidized states of thio-
phenes and triarylamines is likely to contribute to this large
electronic coupling, and one may ask, to what extent can these
radicals still be regarded as bis(triarylamine) mixed valence
species rather than bridge-oxidized compounds? EPR spectros-
copy on 69" —73" indicates that most of the spin density is
associated with the nitrogen atoms, but it is clear that the
thiophene bridge units bear a larger amount of spin density than
the bridges in other (non-thiophene-linked) bis(triarylamine)
radical cations.'””

Lambert and co-workers performed a distance dependence
study of intramolecular electron transfer in the radical cationic
forms of molecules with two dimethylphenazine redox centers
(74—77, Chart 29)."* Electronic couplings for these class I

systems were found to be exponentially dependent on the num-
ber of o-bonds connecting the two phenazines. 3, = 0.34,'% in
excellent agreement with the value extracted from the triaryla-
mine systems 35" and 49" —53" (Figure 3a).”” The diethyny-
lanthracene bridge in 77" appears to mediate somewhat weaker
electronic coupling than the divinylanthracene bridge in 78 *, but
direct comparison is difficult because the latter system uses
methylphenothiazine redox centers instead of dimethylphenazines.'®

Recent work by Nelsen and co-workers provided detailed
insight into the distance dependence of charge transfer in mixed
valence dinitroaromatic radical anions.'” Such species had long
been considered charge-localized species due to their tight
interaction with alkali metal or even tetrabutylammonium coun-
terions, but it has become clear that when reducing various
dinitroaromatics with sodium in the presence of excess cryptand
79 (Chart 30), many of the resulting anionic species are in fact
truly delocalized intervalence compounds. For investigation of
the distance dependence of intervalence charge transfer in these
systems, direct comparison between the radical anions of 1,4-
dinitrobenzene (80), 2,6-dinitronaphthalene (81), and 2,6-dini-
troanthracene (82) (Chart 31) is a good starting point.

These species exhibit highly structured near-infrared absorp-
tion spectra which are typical for fully delocalized (class III)
systems. Hp is found to decrease exponentially along the series
with a distance decay constant of 3, = 0.2 (Figure 7).} The
deviation from the value obtained for class II bis(triarylamine)
radical cations (S, = 0.32, Figure 3a) is significant.”> When
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Chart 30 bridge length.”* Similarly curved distance dependences were
reported for photoinduced electron transfer in certain donor—
O/_\O bridge —acceptor molecules.”>''* Large differences in electronic
( _> couplings between Kekulé- and non-Kekulé-substituted isomers
N N, were also reForted for naphthalene-bridged bis(hydrazine)
%O\_/O% molecules." """
O\_/O The x-axis in Figure 7 simply counts the number of o-bonds
79 between nitrogen atoms, but as seen above for the class II

adding the Hjp-value for 1,5-dinitronaphthalene (837) to the
distance dependence plot in Figure 7, this data point (gray filled
square) does not fit at all into the picture of an exponential
distance dependence. Indeed, Hup is smaller in 83~ than in 81~
by 25%, and the rate for (thermal) intramolecular electron
transfer at 215 K (as determined by EPR spectroscopy) is 2
orders of magnitude slower for 83 than for 81, despite the fact
that the two systems are constitutional isomers." "

The important fundamental difference between 2,6- and 1,5-
substituted naphthalene is that the former has a so-called Kekulé
substitution pattern, whereas the latter does not. What this
means is that the S5-o-bond shortest pathway for coupling
between the two nitro groups is not functional for 83~ and
instead has to be replaced by an 11-0-bond pathway. This point is
illustrated by the (simpler) examples of 2,6- and 1,5-naphtho-
quinones, 86 and 87 (Chart 32). When included as an 11-0-bond
compound, 83 fits the exponential distance dependence in
Figure 7 reasonably well. However, additional inclusion of two
radical anions with biphenyl or fluorene spacers between the two
nitro groups (84, 857) reveals a deviation from strictly
exponential distance dependence for the series 80 —85 ™. Such
deviations are expected for systems in which the energy differ-
ence between the charge-bearing units and the bridge orbitals
involved in superexchange decreases as a function of increasing

triarylamine systems, the N—N distance can actually be a rather
poor measure of the electron-transfer distance. One would
expect this to be an even greater problem for class III mixed
valence systems such as the dinitroaromatics considered here. To
explore this aspect, the transition dipole moments associated
with the intervalence charge transfers in the dinitroaromatic
systems 80 —85  were calculated on the basis of optical
absorption data and subsequently converted to electron-transfer
distances (d,p)."” The important finding is that the electron-
transfer distance on the adiabatic surfaces is only between 26 and
40% of the N—N distance. Thus, the dinitro radical anions seem
to exhibit much smaller d,;, at comparable electronic coupling
than those of bis(triarylamine) radical cations. It has been noted
that something may be wrong with the analysis of the radical
anion intervalence data in the framework of a simple two-state
model, and this suspicion has been substantiated by DFT
calculations."® The key conclusion was that the two-state model
is inadequate for analysis of intervalence bands in strongly
coupled class III systems in which the transition energies cannot
be related to a single electronic coupling in the molecule."®
Quite remarkably, even the biphenyl- and fluorene-bridged
systems 84 and 85 with 9 0-bonds between nitro groups are
fully delocalized class III systems. Thus, the question arises at
which point the transition to partially localized class II systems
will occur. To explore this frontier, three Kekulé-substituted
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Figure 7. Distance dependence of the electronic coupling in various
dinitroaromatic radical anions. The dashed line is a fit to the data points
of the homologous series 80~ —82".'"""" Compound 83" is repre-
sented twice: once with a non-Kekulé S-0-bond pathway (gray filled
square) and once with its 11-0-bond Kekulé coupling pathway (open
circle)."'® Adapted with permission from ref 17. Copyright 2003

American Chemical Society.
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Chart 32

11-0-bond bridged dinitroaromatic radical anions (88~ —907,
Chart 33) were investigated recently.''" There is a pronounced
solvent dependence of the intervalence absorption bands of 88~
and 89 that will be discussed in section 7, and in most solvents
these anions are class II species. However, 90~ remains a class III
system in all solvents, and its Hap-value (4700 em ') is
remarkably high. When included in the plot of Figure 7, this
species stands out by an exceptionally large deviation from an
exponential distance dependence of Hg. Notably, the electronic
coupling in this 11-0-bond species is larger than that obtained for
the 7-0-bond compound 81, indicating once again that the
distance between redox active groups is not the sole factor
determining electronic couplings. The explanation for the re-
markably large Hap in 90~ comes from energetically low-lying
one-electron reduced states on the azo bridge: The smaller the
energy gap between the donor/acceptor states and the bridge
state, the stron%er superexchange coupling becomes (sections
1.2 and 3.3).2%*

The close electronic relationship between p-phenylenedia-
mine radical cations and quinone radical anions was noted more
than 85 years ago.*” Indeed, quinone radical anions are true
mixed valence species, but, due to their instability in air, they are
considerably more difficult to handle experimentally than inter-
valence radical cations. However, their stability is markedly
improved when the positions ortho to the carbonyl groups are
alkylated.""* The radical anions of molecules 91—95 (Chart 34)
all exhibit highly structured intervalence absorption bands in-
dicative of class III behavior, while 96 displays an unstructured
Gaussian-shaped near-infrared absorption band that this is in line
with class II behavior.*” For the five fully delocalized systems,
In(E,,) depends linearly on the number of bridging o-bonds
between the terminal oxygen atoms with /3, = 0.3 (Figure 8), but
absolute values for Hyp were not reported, due to the prior
observation that the simple two-state model is inadequate for
estimation of electronic couplings in class III systems (see
above). Be that as it may, the observation of a fully delocalized
electronic structure for a 17-bond mixed valence radical anion
(957) is quite remarkable.

3.2. Influence of Bridge Structure, Connectivity, Topology,
and Conformation

There are numerous studies in which the electronic interac-
tion between two nearly equidistant organic redox centers was
investigated as a function of the chemical structure of the linker
between them. A case in point is the comparison of the radical
cations of 53 and 97 (Chart 35).""> Both of them are class I
mixed valence species, and their Hap-values are 350 cm ™' (53")
and 450 cm ™' (97"). The observation of stronger electronic
coupling for the platinum—phenylacetylide bridge is in line
with the previous finding that Pt-bridged phenylacetylides can
have higher molecular conductivity than oligo-p-phenylene
ethynylenes.''®

Mayor et al. investigated intramolecular electron trans-
fer between pentakis(thiophenyl)benzene subunits in 98,
997, and 100~ (Chart 36).""” The former two have similar
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American Chemical Society.

center-to-center distances between the two reducible subunits
(9.4 A versus 8.7 A), but only the diacetylene bridge in 98~
mediates detectable electronic coupling. It manifests itself in a
separation of the first two one-electron reduction waves by 260
mV and an intervalence absorption at a wavelength of 1310 nm.
A crystal structure of 99 indicates why coupling is poor in its
radical anion: There are torsion angles of 72° between the C=N
double bonds and the central benzene planes of the reducible
subunits; hence, the system is likely to be poorly 7-conju-
gated."’” The p-divinylbenzene bridge in 100~ was found to
isolate completely the two redox centers, in clear contrast to the
class II behavior observed for the Op-divinylanthracene bridged
methylphenothiazine system 78."” The special role of anthra-
cene as a bridging unit will be discussed in section 3.3.

A given aromatic bridging unit can mediate vastly different
electronic couplings depending on the positions at which it is
substituted. This phenomenon has already been illustrated by
comparison of the 2,6- and 1,5-dinitro-substituted naphthalenes
81 and 83."7 Like the latter, 2,7-dinitronaphthalene (101,
Chart 37) has a non-Kekulé substitution pattern, and its anion
is a class II mixed valence system."'® Dinitro substitution of
phenanthrene cores leads to similar differences between Kekulé-
(102) and non-Kekulé-substituted (103) isomers: 103~ has a

somewhat shorter N—N distance, but with Hxp = 445 cm ™ an
electronic coupling that is by a factor of 2 smaller than that of
102" The reason for this is that 102~ has a 9-bond conjugation
pathway between nitro groups, whereas, in 103" there is only an
11-bond pathway. On the other hand, as long as Kekulé-
substituted molecules are compared to other Kekulé-substituted
isomers, very similar mixed valence properties are observed. For
example, the radical anions of p- and o-dinitrobenzene (80,
1047) are both fully delocalized class III systems. Likewise, the
radical anions of 2,7-dinitrobiphenylene (105) and 1,8-dinitro-
biphenylene (106) have nearly identical electronic couplings.'®

[2.2]Paracyclophane bridges can also give rise to isomerism
that affects the extent of electron delocalization in organic mixed
valence systems. The simplest examples are the pseudo-para
(107) and pseudo-ortho (108) isomers of dinitro[2.2]paracyclo-
phane. Compound 108" is a class II system with a broad and
unstructured intervalence absorption band in solvents of widely
varying polarity. By contrast, 107 is so close at the borderline
that changing the solvent from acetonitrile to hexamethylpho-
sphoramide tips it from class II to class IIL.'* Computational
work explains where the difference in electronic coupling be-
tween the two isomers comes from: The nodal patterns for the
singly occupied molecular orbital (SOMO) of 107 and 108~
differ significantly: In 107 there is positive overlap between the
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C—N bonds and the peudo-geminal carbons on the opposite
ring, while in 108" this overlap is missing. Consequently, cross-
ring communication is greater in the pseudo-para than in the
pseudo-ortho isomer. The computations also indicate that in
solvents which lead to small outer-sphere reorganization ener-
gies, the intervalence transition cannot simply be regarded as
electron transfer between nitro groups.'

The same type of isomerism distinguishes the cyclophane-
bridged bis(triarylamine) radical cations of 61 and 109
(Chart 38)."°" Electronic couplings, calculated from intervalence
absorption data using a three-state model, are 570 cm ™" for the
pseudo-para isomer (61") and 430 cm ™! for the pseudo-ortho
isomer (109™"). When compared to the dinitro systems 107~ and
1087, this is a small difference which is due to the fact that the
redox active triarylamine units are connected to the cyclophane
through additional ethynyl groups that elongate the overall
molecules. When the [2.2]paracyclophane spacer of 61 is replaced
by a [3.3]paracyclophane unit (63), the electronic coupling
between the two triarylamine moieties, as determined from
intervalence absorption data, remains surprisingly constant. In
line with this finding, temperature-dependent EPR measure-
ments reveal very similar rates for intramolecular electron
transfer in 617 and 63".'%% This is surprising because of the
much shorter distance between 7-faces in [2.2]paracyclophane
with respect to [3.3]paracyclophane.

Differences between para- and meta-substituted benzene
bridges in organic mixed valence systems were studied by many
different research groups. Veciana and collaborators investigated
the influence of bridge topology using p- and m-divinylbenzene
spacers between polychlorinated triphenylmethyl units (23, 110
(Chart 39))."2>"*! In their charge-neutral forms, these molecules

are stable diradicals, and mixed valence species are obtained upon
one-electron reduction. The through-bond distances between
the radical t-carbons in 23 and 110 differ marginally (24.1 A
versus 22.7 A), but only 23 displays an intervalence absorption
band from which an electronic coupling of 121 cm ™' can be
estimated. EPR spectroscopy reveals that at a temperature of 200
K the para isomer (237) is a charge-localized system with the
entire density of the unpaired spin on half of the molecule (slow
exchange limit), whereas at 300 K the unpaired electron couples
with two equivalent "H nuclei, indicating that the fast exchange
limit for thermal charge transfer is attained at this temperature.
The meta isomer (110°) exhibits EPR spectra consistent with the
slow exchange limit at all temperatures between 200 and 300 K.
These findings are in line with the differences between Kekulé-
and non-Kekulé-substituted dinitroaromatic radical anions
reported above.

The radical cation of bis(triarylamine) 111 (Chart 40) is
essentially a topological isomer of 35" with two additional
methyl groups at the bridging benzene unit. In the para-sub-
stituted phenylenediamine 35, the first two one-electron oxida-
tions are 410 mV apart, but in the meta-substituted compound
111 the difference is only 160 mV.">* In the latter, the two redox
units are in fact so effectively decoupled from one another that
the biradical form (111>") becomes stable in solution at —78 °C.
An analogous comparative study was performed with the carba-
nions of 112 and 113.>* Compound 112~ turned out to be a
delocalized system on the EPR time scale, whereas in 113" the
unpaired electron is localized on one side of the molecule.

Lambert and Noll explored the radical cations of the topolo-
gical isomers 114 and 115 (Chart 41) as well as polymeric mixed
valence compounds resulting from electrochemical polymerization
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of the monomers 114 and 115.7° Contrary to most other
triarylamine systems discussed herein, the terminal phenyl rings
of 114 and 115 bear no substituents in the para position to the
nitrogen atom, and this makes them susceptible to polymeriza-
tion under application of oxidative potentials. The monomer
114" and its polymeric forms exhibit spectroscopic properties

113

Chart 41

114

that are consistent with significantly stronger electronic coupling
between individual redox units than in 115" and its polymeric
forms. However, difficulties in determining extinction coeffi-
cients impede quantitative evaluation of the electronic coupling
matrix elements in the polymers.

Lahlil et al. investigated a series of a extended tetrathiafulva-
lene molecules, among them the radical cations of 116 and 117
(Chart 42) in which two TTF units are fused to different sides of
abenzene bridge.>” The regioisomerism distinguishing 116 from
117 is reminiscent of the isomerism between para- and meta-
substituted benzenes, and optical absorption spectra also reflect
this structural analogy: 116" exhibits a broad intervalence
absorption band centered around 1700 nm indicative of class
I mixed valence behavior, while 117" appears to be a fully
localized system without any electronic near-infrared absorp-
tions. Structurally similar bis(tetrathiafulvalene) molecules with
silicon or germanium double bridges and their mixed valence
states have been investigated by Geoffroy and co-workers
(section 3.3).123

The issue of electronic coupling and 7-conjugation across
p-phenylene bridges as a function of twist angles has received
considerable attention in research on charge and energy transfer.*"*
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Among the many studies that were conducted in this context are
several on organic mixed valence systems. Kochi and co-workers
investigated conformation effects on electronic coupling be-
tween p-phenylene-bridged 2,5-dimethoxy-4-methylphenyl re-
dox centers. Specifically, they compared four radical cations
(43,1187 —120", Chart 43) that have between 0 and 4 methyl
substituents attached to a single bridging phenyl unit.* At a
constant center-to-center distance of 8.6 A between redox
centers, Mulliken —Hush analysis of intervalence absorption data
yields electronic coupling matrix elements of 760 cm ™' (43"),
377 cm ' (1187),325 ecm ' (1197),and 170 cm ™ (1207). In
43", a comparatively low torsion angle of ~30° between
the individual phenylene planes enables a reasonably efficient
Jr-conjugation pathway. In an X-ray crystal structure of the
charge-neutral form of 120, the torsion angle between the durene
bridge and the two attached redox partners is 81.3°, which means
that the 7-conjugation pathway is essentially blocked.”® EPR line
broadening experiments show that this entails a decrease of the
rate for thermal electron transfer at —100 °C from ~10'°s ™" in
43" to less than 3 x 10°s™ " in 1207.%

Nelsen et al. performed a similar study on p-phenylene-
bridged bis(hydrazine) radical cations (297, 1217, 1227,
Chart 44).*'%* Investigation of these molecules is somewhat
complicated by the fact that they occur as a mixture of diaster-
eomers and rotational conformers. X-ray crystallographic work
shows that the twist angle between the phenylene spacer and the
two attached redox units increases from 48 to 66° when going
from 29" to 122". From intervalence absorption data, the
electronic coupling is calculated to decrease from 2510 cm ™"

& ~
o) (=)
29 _7Kk )YC_ 121

A(N
Cos=)
)<5—122

in 297 to 1710 cm ™' in 121" and 1150 em™ " in 1227, This
factor of ~2 decrease upon exchange of an unsubstituted
phenylene unit by a durene spacer is significantly less dramatic
than the factor of ~5 decrease observed between 43" and 120"
by Kochi and co-workers.*” Nelsen et al. pointed out that the
effective distance between redox centers is influenced by charge
delocalization into the bridge,"** and this may introduce errors in
the calculation of electronic coupling matrix elements from
intervalence absorption data. The electronic couplings in the
hydrazine radical cations 297, 1217, and 122" are remarkably
insensitive to temperature changes, indicating that the average
torsion angle is not much affected by temperature.'*® In 297,
intramolecular electron transfer is too fast to measure by EPR
spectroscopy, but thanks to decoupling of the two redox active
units by bridge methylation, such measurements can be used to
determine the rates for thermal electron transfer in 121" and
1227 In dichloromethane at 200 K, kg = 3.4 x 10’ s~ ' for 1217
and kgr = 1.05 x 10" s~ " for 1227,

A twist around a central phenylene bridging unit is also held
(at least partly) responsible for the markedly different electronic
structures of bis(hydrazine) 29" and diamine 33 *:”* The former
is a class IT and the latter a class III system. The hydrazine groups
are considerably more twisted relative to the phenylene bridge
than the amines, and this makes H g significantly smaller in 29"
than in 33". Together with the much larger inner-sphere
reorganization energy in the bis(hydrazine) system, this accounts
for the strongly different mixed valence properties of 29" and
33", Regarding electronic coupling strength, the p-phenylene-
bridged bis(dioxaborine) system 20" lies exactly between 297
and 33%.%

Molecules with biphenyl bridges have also proven useful for
investigations of conformational effects on organic mixed
valence. Nelsen et al. studied the radical cations of bis(hydrazines)
123—125 (Chart 45) by variable-temperature EPR spectroscopy
and found that for 123" and 124" there is good agreement
between the estimates of Hap from optical spectroscopic and
EPR data.'” For the strongly twisted tetramethylbiphenyl-
bridged compound (125"), no intervalence absorption band
could be detected and EPR spectroscopy failed to provide an
accurate estimate of kgr. A comparative study of dinitro-sub-
stituted biphenyls yields similar results: The electronic coupling
matrix element for 84 amounts to 1100 cm ™, while for 126
Hap =710 cm ™' and for 127 Hpg = 540 cm™*.1%¢

Insight into the importance of twist angles in TMPD-related
molecules was obtained by Yamamoto and co-workers in a
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comparative study of the radical cations of molecules 128—133
(Chart 46)."” The time scale for electron transfer in these
strongly coupled class III systems reaches picoseconds, and
hence infrared spectroscopy monitoring the N—H stretching
absorption proved useful for investigation of intramolecular
electron transfer in these radical cations. At temperatures below
~200 K two separate N—H vibration bands due to neutral and
cationic nitrogen centers were observable, while at higher
temperature there was coalescence to a single signal."””'*®
Analysis of the infrared data with Bloch-type equations gave
results that were consistent with those obtained from analysis of
intervalence absorption data in the framework of Marcus—Hush
theory. Rates for thermal electron transfer were found to vary
between 3.9 X 10'"s™" for 130" to 2.4 x 10" s " for 128", and
optical absorption spectroscopy gave electronic coupling matrix
elements that varied from 3440 cm™' (130") to 3780 cm ™'
(128+)}27

An extreme case of twisting was obtained in the spiro-fused
bis(triarylamine) compound 134 (Chart 47) from Hirao et al.'?
In this molecule, two redox active triarylamine-based 77-systems
are linked perpendicularly to one another through a spiro Si
atom. The first two one-electron oxidation waves for this
molecule are 160 mV apart, indicating that, despite their ortho-
gonal geometry, there is significant electronic coupling between
the two triarylamine moieties. EPR measurements on 134" in
the temperature range between 203 and 324 K demonstrate that
a thermally activated intramolecular electron transfer is active at
room temperature (kg = 4.2 X 10° s7'), but an intervalence
absorption band could not be detected.

A similarly large twist angle (close to 90°) is predicted by
computational work for the two bicyclooctyl-substituted amines
in molecule 135 (Chart 48)."*° Yet, an intervalence absorption
band for 1357 is easily detectable, and this was attributed to the
ease of twisting about the oxygen—aryl bonds. It was estimated
that the energetic cost associated with torsion from 90 to 70° is
only ~0.26 kcal/mol for this particular linkage.

Conformational effects also play a role in the tetra- and
hexacyclic bis(hydrazine) compounds 136—139 (Chart 49)
from the Nelsen group.”' In the methylated molecules (136
and 137), the intervalence absorption bands are observed at
substantially lower energies than for analogous molecules with

bulkier substituents (138 and 139). Sterically more demanding
substituents hinder flattening at the nitrogen centers following
oxidation, and hence the inner-sphere reorganization energy
associated with intervalence electron transfer is increased in
138"/139" with respect to 136" /137", In addition, the tetra-
cyclic radical cations 136" and 138" have detectably smaller
electronic couplings than the hexacyclic analogues 137" and
1397, despite the presence of very similar double 4-0-bond
pathways connecting the two dinitrogen units. However, it has
not been possible to identify any single structural factor that is
responsible for this.

3.3. Influence of the Bridge Redox States

When substituents are attached to conjugated bridges, they
may not only induce changes in the bridge conformation but also
affect the redox potentials of the bridge. This in turn can have an
important influence on the electronic coupling that is mediated
by the bridge. There are several studies from the field of organic
mixed valence that nicely illustrate this phenomenon. Building
on their own prior work on bis(triarylamine) radical cations,
Lambert and co-workers explored the influence of bridge redox
states on electron transfer in a series of radicals that is based on
prototype system 537."3* The redox potential of the bridge was
modulated through replacement of the central phenyl unit by
naphthalene (140, Chart 50), anthracene (141), p-dimethoxy-
benzene (142), and benzo-15-crown (143) spacers. A three-state
model, involving the one-electron oxidized states of the bridge,
had to be employed for analysis of the intervalence absorptions of
the radical cationic forms of these species. Electronic coupling
between the bridge and the triarylamine redox centers was found
to be particularly strong for 1417 and 142" which have central
anthracene and p-dimethoxybenzene units. This was attributed
to the comparatively low oxidation potentials of these two
particular bridge units, and the resulting small energy gap
between the one-electron oxidized state of the bridge and those
of the triarylamine centers."**'**> According to superexchange
theory,® this is beneficial for hole tunneling (section 1.2).** In
the case of 141" and 142" this energy gap may even be
sufficiently small in order for a hopping mechanism to become
active.** Complexation of Ca”" into the benzocrown of 143"
decreases the triarylamine-bridge coupling from 950 to
480 cm ™. It was left open whether this is due to a field effect
caused by the dipositive charge of the calcium cation or induced
by conformational changes of the crown ether that entail
modification of the overlap between oxygen lone pairs with the
phenylene ring.

These results are in line with the observation of accelerated
(photoinduced) hole transfer in donor—bridge—acceptor sys-
tems that incorporate anthracene and dimethoxybenzene brid-
ging units,">*~'>® and they are similar to the findings reported by
Nelsen et al. for related bis(hydrazine) mixed valence species.
Specifically, Nelsen and Ismagilov found the rate of intramole-
cular electron transfer in the p-xylene bridged bis(hydrazine)
cation 121" to be measurable by EPR spectroscopy, while the
structurally very similar p-dimethoxybenzene bridged radical
cation 144" (Chart 51) exhibited a rate beyond the EPR time
scale."™® For the anthracene-bridged bis(hydrazine) system 145,
molecule 122 with its durene spacer is the best reference point,
because of similar twist angles between the bridge and the two
attached redox units in these two cases. Variable-temperature
EPR spectroscopy shows that the barrier to thermal electron
transfer is 29% (1.7 kcal/mol) lower in 145" than in 1227.'%
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This was attributed to an energetically low lying oxidized state of
the bridge.

Lambert’s bis(triarylamine) molecules 35 (Chart 52), 146,
and 147 are analogues of 53, 140, and 141 without ethynyl
linkers."*® Asymmetric, weakly solvent-dependent intervalence
absorption bands point toward assignment of 146" and 147" to

bridge units (53", 1407, and 1417). Steric effects must be
responsible for this behavior: In 357, the bridging phenyl unit is
twisted by 27° with respect to the plane formed by the two
N—Cjnisy1 bonds, whereas in 1471 a twist angle of 62° was
calculated. The gain in electronic coupling obtained by decreas-
ing the energy gap between the triarylamines and the bridge is
thus outweighed by the loss caused through unfavorable mutual
orientation. The presence of additional ethynyl linkers in 1417
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preserves effective sr-coupling through the central anthracene
unit because there is not enough steric strain that would impede
coplanarity. The comparison of the benzene—naphthalene—
anthracene systems with and without ethynyl linkers (537,
140", 141" versus 35", 146", 147") is a nice illustration of
the fact that the magnitude of electronic coupling is governed by
a subtle interplay of energetic and geometric factors, as predicted
by superexchange theory.*

Methyl-substitution of molecular phenylene bridge units does
also strengthen the electronic coupling pathway for hole tunnel-
ing between triarylamine redox centers, but the effect is some-
what weaker than in the case of methoxyl groups. For the radical
cation of 53 (Chart 53), the electronic coupling amounts to
990 cm !, whereas in 148" H,p has increased to 1320 cm ™.
Interestingly, this appears to be accompanied by a ~500 cm ™"
increase in reorganization energy. Thus, there is plenty of
evidence that substitution of phenylene bridges with electron-
donating methoxyl- (1427, 144") or methyl groups (1487)
enhances hole tunneling pathways. Electron-withdrawing cyano
substituents have the opposite effect, as seen from the compar-
ison of the radical cations of 55 and 149."*' The room-tempera-
ture EPR spectrum of 149 exhibits a five-line pattern indicative
of interaction of the unpaired spin with two nitrogen centers and
full charge delocalization, while at 191 K a three-line spectrum
shows that the odd electron is localized on one triarylamine unit
on the EPR time scale. In the same temperature range, 55"
remains in the fast exchange limit, and charge localization cannot
be induced by cooling. Analysis of the intervalence absorption
data is in line with faster electron transfer in $5* than in 149
The electronic coupling matrix elements calculated through
evaluation of the transition dipole moments for the intervalence
absorption bands are 700 cm™ ' for 55 and 470 cm ™' for
149+ 98141

A different strategy to tune the energy gap between the bridge
states and those of the attached redox centers is to vary the
oxidizing (or reducing) power of the terminal redox units while
leaving the bridge unaltered. This is relatively straightforward to
accomplish for triarylamines because their commonly used
methoxyl para substituents can easily be replaced by other, less
electron-donating substituents. An investigation of the radical
cations of 51 (Chart 54) and 151—153 is relevant in this
context."** The energetic position of the intervalence absorption
band in these four systems was found to vary linearly with the
splitting between the first oxidation potentials of the two
differently substituted triarylamine units. The somewhat surpris-
ing outcome of a two-state model analysis is a nearly constant

electronic coupling matrix element of 1020 &= 50 cm ™' for all
four radical cations, despite significant variations in the triaryla-
mine-bridge energy gap.'**

Modulation of the energy gap between the redox sites and the
connecting bridge also occurs when a biphenyl spacer is replaced
by a fluorene unit."* The two types of bridges hold the redox
centers at nearly identical distance, but oxidation of fluorene
occurs at substantially lower potentials than oxidation of biphe-
nyl. The presence of energetically low-lying one-electron oxi-
dized bridge states strengthens the superexchange pathway for
hole tunneling, in the same way as seen above for methoxyl or
methyl substitution of simple phenylene units. However, this
effect is superposed by increased electronic coupling due to lower
torsion angles between the individual phenyl units in fluorene
with respect to biphenyl. The combined effects of low-lying
bridge energy levels and small twist angles lead to the observation
of electronic coupling matrix elements of 630 cm ' for the
fluorene system 154" (Chart 55) compared to 430 cm™ ' for the
biphenyl system 44".*° A similar observation is made for the
bis(hydrazine) systems 123" and 124 "."** There, Hyp is a factor
of 1.13 larger for the fluorene- than for the biphenyl-bridged
system. Interestingly, for the dinitroaromatic radical anions 84~
and 85~ the opposite observation was made:'”'>® The biphenyl-
bridged system (84 ) has a slightly stronger electronic coupling
(3450 cm ') than the fluorene-bridged anion 85~ (3395 cm ™),
despite the obvious advantage of a flatter bridging geometry in
the latter. However, by contrast to the hole-transfer systems 44"
and 1547 as well as 1237 and 1247, charge transfer in the
dinitroaromatic radical anions 84~ and 85 proceeds by an
electron-transfer pathway.'” Thus, when the bridge becomes
easier to oxidize but more difficult to reduce, this increases the
energetic barrier for electron tunneling and decreases electronic
coupling between the nitro groups.

Comparison of mixed valence molecules belonging to the
violene and cyanine families of radical cations does also provide
evidence for the importance of small energy gaps between the
bridge and the terminal redox sites. Violene radicals have 21 + 3
7T electrons on 2n + 2 sp2 hybridized atoms, while cyanine
radicals have 2n + 4 7 electrons on 2n + 3 sp” hybridized
atoms.” The radical cations of molecules 28 (Chart 56), 33, 47,
and 48 are examples of the violene family, while 1557 —158" are
examples of cyanine radicals.

The distance dependence of Hup along the two different series
comprised of four radicals is identical (Figure 9), and a distance
decay constant of f3, = 0.3 was determined in both cases.”®
However, at equal number of 0-bonds between the nitrogens, the
absolute values of the electronic coupling matrix elements in the
cyanine radicals are nearly twice as large as in the violene systems.
When extrapolated to van der Waals contact between redox
centers, Hyp = 74.4 kcal/mol for the cyanines and Hup = 41.8
kcal/mol for the violenes. This discrepancy can be attributed to
smaller tunneling-energy gaps associated with hole transfer in the
cyanines compared to violenes. Thus, the violene—cyanine
comparison shows that, due to bridge redox effects, an entire
family of molecules can be predestined to better electronic
coupling than another one.

The use of five-membered aromatic rings as bridging groups
between triarylamine redox centers does also lead to observa-
tions that illustrate the importance of the bridge redox states.
Noll et al. found that 1,3-azulene has the ability to mediate strong
electronic coupling between triarylamines because it has a very
low first oxidation potential that leads to a small energy barrier for
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intramolecular hole transfer.'"** On the basis of intervalence
absorption band analysis, the electronic coupling in the azu-
lene-bridged radical cation of 159 (Chart 57) is almost equally as
strong as that in the isomeric naphthalene-bridged system 146"
(3900 cm ™" versus 4000 cm ). At first glance, this is somewhat
surprising because for 159" one might expect the two amines to
be only weakly coupled given the pseudo-meta topology result-
ing from 1,3-substitution of azulene. Apparently, this effect is
compensated by the low oxidation potential of azulene. In
molecule 160, tertiary amine redox units were attached to the
2- and 6-positions of azulene."* In this case, the bridge exerts a
push—pull effect on the overall molecule: One redox unit is
attached to the electron-rich five-membered ring and the other to
the electron-poor seven-membered ring. This introduces a redox

induced hole transfer between the two slightly unequal redox
centers.

Other five-membered rings that were used as bridges in
bis(triarylamine) mixed valence systems are furan (161,
Chart 58) and thiophene (162, 163)."* While 161" and 162"
are ordinary mixed valence radicals with intervalence absorption
bands between 4000 and 8000 cm ™, 163 is to be considered a
bridge-localized system with most of the charge density located at
the 3,4-ethylenedioxythiophene unit. Thus, in the latter, the
linker connecting the two triarylamines has such a low oxidation
potential that it is no longer a simple bridge but has become the
most redox active unit in the molecule.

In the radical cationic forms of the fused bis(tetrathiafulvalene)
molecules 116 (Chart 59) and 164, the electronic structure of the
bridge has a big influence on 1ntervalence electron transfer be-
tween the two TTF moieties.'> Compound 116" is a class I
system with Hag & 1000 cm ™', but 164 " is a class III system with
an electronic coupling twice as large. The replacement of the
bridging (fluorinated) benzene spacer by a pyrazine unit causes a
substantial stabilization of the bridge HOMO and LUMO. This
leads to stronger superexchange interactions because the energy
gap between the TTF and the bridge states becomes smaller.
Molecules 165 and 166 with their central 1,4-disilicon and 1,4-
digermanium six-membered rings are structurally similar bis-
(tetrathiafulvalene) systems. One might expect bridge redox
effects to lead to different electronic couplings in 165" and
166", but it was merely reported that both radical cations appear
to be fully delocalized systems on the EPR time scale, and precise
values of Hyp were not determined.'*

In the context of TTF-containing organic mixed valence
species it is worth noting that the tetrathiafulvalene motif has
also been used as a bridging unit connecting other redox centers.
For instance, in molecules 167 (Chart 60) and 168 a TTF unit
bridges two benzoquinone or naphthoquinone moieties."*’” The
radical anion of 167 is a true mixed valence species in which
electron delocalization between the two quinones becomes
thermally activated above 260 K, the activation energy being
roughly 8 kcal/mol. It has been noted that TTF has such a small
ionization potential that it is a very promising material for
molecular wires that closely match the work function of metal
layers on electrodes.*®

Differences between the redox states of the bridge and those of
the attached benzoquinone or imide units also play an important
role in Miller’s early investigations of diquinone and diimide
systems.””®” The anthracene-bridged diquinone radical anion
14" is a class II system, whereas the anthracene-bridged diimide
radical anion 41~ belongs to class III. The reason for this is a
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Adapted with permission from ref 65. Copyright 1998 American
Chemical Society.

QG g
Oy

CH30 OCH;z

160

smaller energy gap between the one-electron reduced states of
anthracene and the imide moieties than between anthracene and
the quinone units.'*

4. MULTIDIMENSIONAL ORGANIC MIXED VALENCE

When more than two redox active units are arranged in
nonlinear fashion, multidimensional mixed valence systems can
be obtained. With purely organic systems, pioneering work in

this area was made by Bonvoisin, Launay, and Veciana. Both the
one- and the two-electron reduced forms of the perchlorinated
species 169 (Chart 61) are mixed valence systems.'*® The
charge-neutral form of 169 is a chemically and thermally stable
organic triradical with a quartet ground state. It was anticipated
that in its mono- and dianionic forms, intramolecular electron
transfer between magnetically coupled redox centers could be
observed. Indeed, 169 exhibits an intervalence charge-transfer
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band around 2900 nm, and variable-temperature EPR spectros-
copy established the presence of a triplet ground state. Thus,
169 is a rare example of a purely organic mixed valence high-
spin species. In the dianion, electronic coupling between the
individual redox centers is somewhat larger than in the mono-
anion (392 cm ~! versus 320 cm ™ )

Similar research was performed with triarylamine instead of
polychlorinated phenyl redox units.">" Compounds 170" and
170" are both class II mixed valence systems with electronic
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couplings of 204 and 224 cm ™' based on intervalence band
analysis.">* These rather small couplings reflect the meta topol-
ogy of the central phenyl unit. The intervalence absorption bands
of the mono- and dications of 170 are nearly identical. Therefore,
a situation in which two electrons move toward a hole cannot
easily be distinguished from a situation in which one electron can
move toward two holes (Figure 10).

In molecule 171 (Chart 62) the 3-fold symmetry is lost, and in
its mixed valence mono- and dicationic forms there are now two
distinguishable pathways for electron transfer: One that formally
occurs between nitrogen centers separated by two phenyl spacers
and one in which the nitrogens are three phenyl rings apart. The
intervalence absorption bands caused by these two electron
transfers cannot be resolved completely, yet based on a two-
dimensional Hush analy51s, electronic coupling matrix elements
of 387 and 230 am ! for the shorter and longer pathways in 171"
were estimated.'®

EPR investigations of the radical monocation of the Cs-
symmetrical tris(diarylamino)benzene species 172 suggested
that at —78 °C the unpaired spin is delocalized equally over all
three nitrogen centers, but detailed investigations of intervalence
absorptions were not undertaken.'>* At higher temperatures,
172" and 172>" as well as related 1,3,5-tris(diarylamino)ben-
zene radicals with para substituents other than tert-butyl appear
to be unstable.

Ito and co-workers investigated a more complicated system
(173) that is based on the same central structural motif as
molecule 172 but has additional diarylamine units attached at the
periphery of each of the three branches of the star-shaped
molecule."*® To elucidate the electronic structure of its cationic
forms, simultaneous investigation of a reference molecule (174)
turned out to be useful. Molecule 174 represents a substructure
0f 173, and its cyclic voltammogram exhibits three well-separated
and reversible one-electron oxidation waves. However, in the
voltammogram of the star-shaped molecule 173, there are not
simply three reversible three-electron waves as could be expected
for the superposition of three mutually independent molecular
subunits of type 174, but there are at least five individual
oxidation waves. This is a manifestation of electronic coupling
among the peripherally substituted triarylamines via the central
1,3,5-substituted phenyl unit. However, EPR spectroscopy
shows that these couplings are weak: Between 203 and 293 K
the monocation of reference molecule 174 is a fully delocalized
system, but in 173" the hole is localized on one of the three
identical branches. Thus, as expected from the results presented
in section 3.2, the para-disubstituted phenyls within the subunit
174 mediate much stronger electronic coupling than the meta
linkages of the central phenyl unit in 173 that interconnects the
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Figure 10. Possibilities for electron transfer (dashed arrows) in the
mixed valence monocation (left) and dication (right) of a star-shaped
tris(triarylamine) compound.'®".

three individual branches. Consequently, in optical absorption
spectra of 173" only the intervalence absorption band due to
charge transfer within a given branch can be observed, whereas
intervalence charge transfer between adjacent branches remains
undetected.

A pseudo-tetrahedral organic mixed valence system was
reported by Lambert and co-workers.'*® The phosphonium
cation 175" (Chart 63) provides an elegant way of connecting
four triarylamine redox centers in a highly symmetrical three-
dimensional structure. Compound 175" can be reversibly oxi-
dized up to the pentacationic form, and all five redox species have
an intense absorption around 800 nm, but only 175>F, 17537,
and 175*" show an additional broad band occurring as a weak
shoulder at 850 nm. This weak band was assigned to intervalence
charge transfer and analyzed in the framework of a four-dimen-
sional Marcus—Hush approach. This leads to the conclusion that
Hap = 260 cm ™" for all three mixed valence species, a value
that is close to the electronic couplings typically observed for
m-phenylene-bridged triarylamines with comparable N—N dis-
tances. The question of possible pathways for electron transfer is
particularly interesting in these tetrahedral systems: It is con-
ceivable that electron transfer does not proceed along the back-
bone and the central phosphorus atom of the tetrahedron, but
that it is mediated by solvent molecules that are located
between its four legs. Investigations of photoinduced electron
transfer have demonstrated that solvent mediated electron
tunneling can be an efficient alternative to tunneling across
rather insulating bridges.>>"*” An additional interesting as-
pect of the tetrahedral system is the dimensionality of the
electron transfer pathway in the different mixed valence forms:
While in 175" and 175*" the thermal electron-transfer
pathway is one-dimensional, there exist two possibilities for
175", namely, a concerted two-dimensional process and a

two-step one-dimensional way. Theoretical analysis indicates
that the latter process is more probable.'*°

The hexakis(triarylamine) system 176 (Chart 64) is accessible
using the tolane molecule 51 as a starting material for Hagihara
cross-coupling.'*® The cyclic voltammogram of 176 shows only
one unresolved oxidation wave that involves six electrons and
leads to 176°". In the course of oxidation, a near-infrared absorp-
tion band becomes observable, and since it is impossible to
control experimentally the precise oxidation state of 176, this
band was attributed to intervalence charge transfer in the
trication of 176 for which the intervalence band should be most
intense. Computational work suggests that 176>" has a *A,
ground state, but there is also a E state that is energetically so
close that it is populated at room temperature. Since there are *E
as well as “E and *A excited states, there is a multitude of spin-
allowed transitions that may contribute to the observed inter-
valence absorption band, and thus its detailed analysis becomes
very difficult.

A nearly identical system (177) was investigated by Kochi and
co-workers."” Compound 177 differs from 176 only in the
presence of ethyl groups at the place of anisyl moieties. The
important physical difference to 176 is that the cyclic voltammo-
gram of 177 displays four discernible waves, namely, three one-
electron oxidations all separated by at least 100 mV followed by
one three-electron oxidation. This allows the selective formation
of the monocation of 177 and in-depth investigation of its
intervalence absorption band. For this purpose, the two-state
model was extended to include six equivalent redox centers,
taking into account only equivalent interactions between neigh-
boring redox units. This analysis leads to Hyg = 1600 cm ™' and A
= 5400 cmfl, indicating that 177" is close to the class II/class 11
borderline with almost complete toroidal charge delocalization.

To overcome the problem of selective formation of one
specific redox state in a hexakis(triarylamine) species, Lambert
and Noll reverted to molecule 178 which has three nitrogens
substituted with p-anisyl groups and three nitrogens with p-tolyl
substituents."®® This leads to voltammograms comprised of two
well-separated three-electron waves, corresponding to consecu-
tive oxidation of the three anisyl nitrogens prior to the three less
electron-rich tolyl nitrogens. Consequently, selective formation
of 178" is possible, and its intervalence absorption can be
analyzed in the framework of a multidimensional Mulliken—
Hush formalism. There are 20 diabatic states that need to be
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taken into account, and in order to simplify the problem, only
electronic couplings between adjacent triarylamine branches
(substituted in the ortho position at the central phenyl unit)
were taken into account An electronic coupling matrix ele-
ment of 460 cm ™' was found for 178>*. This value is almost a
factor of 3 smaller than that found for the tolane monomer
517 (Hap = 1200 cm ') in which there is an equal number of
bonds between the two nitrogen centers. Twisting of the
connecting aryl units in the sterically crowded 178" is likely

to be one of the main reasons for this strongly diminished
electronic coupling.

Thanks to advances in palladium-catalyzed amination reac-
tions, it has become possible to synthesize well-defined
ladder materials comprised of several triarylamine units.'®'
Molecules 179—181 (Chart 65) may be regarded as oligomers of
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tetraaryl-p-phenylenediamine. The smallest member of this
series (179) has four clearly distinguishable one-electron oxida-
tion waves, but for 180 and 181 the cyclic voltammograms
become less straightforward to interpret. Chemical oxidation of
179—181 with 1 equiv of Pb(OAc), leads to the formation of
EPR active species that exhibit intervalence absorptions. On the
basis of the through-space distance (4.8 A) between two
phenylenediamine units in 181, the two-state Hush model yields
Hap A 2350 cm ™" for coupling between two rungs of the ladder-
type molecule, while on the basis of the through-bond distance
(10.5 A) Hap & 1100 cm ™' was estimated.'®" Which one of the
two pathways is more important is not clear, but it is interesting
to note that a crystal structure of 180 shows that the three
individual p-phenylenediamine units are canted from the plane
formed by the nitrogens and the m-phenylene units. This may be
beneficial for through-space interaction between individual (and
almost coplanar) p-phenylenediamine units.

Mullen and co-workers investigated a series of hexa-peri-
hexabenzocoronenes which, when oxidized to their radical cationic
forms, represent multidimensional organic mixed valence systems.'*”
While these are spectacular molecules, relatively little information
regarding intramolecular electronic coupling between the indi-
vidual redox units was extracted from these systems. So far, the
focus of this works seems to have been on intermolecular charge
carrier mobility along columnar stacks of these molecules.

5. INTERVALENCE CHARGE TRANSFER ACROSS
NONCOVALENT PATHWAYS

This subchapter reviews systems in which an intramolecular
charge transfer between organic redox sites is mediated by
noncovalent pathways. Intermolecular charge transfer in so-
called pimers and related systems in which there is an attracting,
noncovalent interaction between two organic redox centers are
also considered. However, the many examples of simple bi-
molecular self-exchange reactions between organic molecules and
their oxidized or reduced forms cannot be reviewed here.'®*~'%°

Several of the above-mentioned examples of organic mixed
valence systems were suspected to permit charge-transfer path-
ways that do not proceed along covalent bonds. For instance, a
through-space pathway was believed to be activated in the radical
cation of tetraanisyl-o-phenylenediamine (36") due to direct
interaction of the two nitrogen lone-pair orbitals.*® Paracyclo-
phane bridging units in 62" and 63" were investigated with the
expectation to find evidence for through-space coupling between
the two sr-faces of a given paracyclophane unit, but surprisingly
similar couplings were found for [2.2]paracyclophane and

Chart 66

[3.3]paracyclophane.'®® Solvent-mediated electron transfer
between the four individual branches of the tetrahedral
tetrakis(triarylamine) species 175" was regarded as a viable
alternative to electron transfer across the insulating phos-
phorus atom,"*® and through-space charge transfer was dis-
cussed as a possibility in macrocycles 38—40 and ladder-type
molecules 179—181.%478¢1¢

One of the most convincing pieces of evidence for efficient
through-space coupling in organic mixed valence systems is
provided by the radical cation of 182 (Chart 66).'® The
o-xylylene bridge of this molecule imparts conformational flex-
ibility, and the X-ray crystal structure of the charge-neutral form
shows that there is an anti conformation between the two redox
active 2,5-dimethoxy-4-methylphenyl units of a given molecule.
By contrast, in the hexachloroantimonate salt of 1827, the two
units are in syn conformation with nearly coplanar 7-systems
that are separated by 3.2 A, suggesting that there is significant
electronic interaction between them. This is supported by
electrochemical investigations which show that the first two
oxidations of 182 are one-electron processes that are separated
by a potential difference of 160 mV, while in the m- (183") and
p-xylylene isomers (184") the two redox units are oxidized
simultaneously at the same electrochemical potential. EPR
investigations provide further evidence for stronger electronic
coupling in 182" compared to 183" and 184": While EPR
spectra of the latter can be simulated with the unpaired spin
located on one redox unit, the spectrum of 182" is consistent
with spin delocalization. An intervalence absorption band could
be observed exclusively for 182", and on the basis of Hush theory
Hap = 400 cm™ ' was obtained. It appears plausible that this
relatively large value is attained mostly thanks to through-space
interaction between the two 2,5-dimethoxy-4-methylphenyl units.

In a closely related study, the same research group used
phenothiazine redox units in lieu of 2,5-dimethoxy-4-methylphe-
nyl moieties."”” The o-xylylene-bridged system 185 (Chart 67)
was compared to an o-phenylene-bridged diphenothiazine
molecule (186) and a system with a p-phenylene spacer (187).
Remarkably, electronic coupling between the two phenothiazine
units was found to be stronger for the o-xylylene system (Hap =
530 cm ') than for the p-phenylene-bridged system (Hap =
400 cm ™ '). However, the greatest interaction was found for the
o-phenylene molecule (Hpp = 1280 cm ™ '), presumably thanks to
nearly cofacial arrangement of the redox units with a center-to-
center distance of only 3.3 A in the charge-neutral form of 186. A
crystal structure of 185" shows that its two phenothiazine
units are not arranged in the same type of cofacial arrangement
as the 2,5-dimethoxy-4-methylphenyl units in the o-xylylene
analogue 1827,
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When phenothiazine and its radical cation are present at
sufficiently high concentration in dichloromethane, the two types
of species form a dimer radical cation through intermolecular
st-association."”” The resulting molecular ensemble, called
pimer, was found to exhibit an intervalence absorption band
between 1100 and 2400 nm that can be analyzed using Hush
theory."”” This yields Hyp = 660 cm ™' for the pimer, a value
that is comparable to that found for the o-xylylene-bridged
radical cation 185, Thus it seems that intimate mutual cofacial
arrangement of phenothiazine units provides an efficient elec-
tronic coupling pathway.

In addition to the phenothiazine pimer, Kochi and co-workers
also investigated several other radical cation pimers with a view
to evaluating electronic couplings and other factors that are
important for intervalence charge transfer in such molecular
ensembles. The octamethylbiphenylene molecule 188 (Chart 68)
turned out to be particularly well suited for this purpose.'®® In the
solid state, 188 and 188" stack on each other with an inter-
molecular distance of 3.4 A,'® and in dichloromethane solution
they aggregate with an association constant of 350 M ",'*® that is
a value roughly 70 times larger than that measured for the
phenothiazine pimer from above.'®’

The EPR spectrum of the pimer formed by 188 and 188" at
—78 °C is distinctly different from that of the 188" monomer
and can be simulated by assuming delocalization of the unpaired
spin over the entire bimolecular ensemble. Moreover, an inter-
valence absorption band is observed exclusively for the pimer,
but not for the monomer. Kochi and co-workers pointed out that
the nature of the electronic interaction within such mixed valence
pimers is similar to the interaction within charge-transfer com-
plexes formed through s-stacking of electron-rich with electron-
poor arenes (Figure 11).170’171 Thus, there is a close analogy
between charge-transfer transitions in the latter and intervalence
transitions in pimers.

As illustrated by the example of tetracyanoethylene (TCNE),
pimer formation can also occur with anionic species.'”> The
association constant between TCNE and TCNE™ in CH,Cl, is
only 4.5 M, but the intervalence absorption band of the result-
ing anionic ensemble can easily be detected. The (TCNE),  pimer

(a) homomolecular (b) heteromolecular

(Ar),” (ArArY”

Figure 11. Molecular orbital diagrams for pimer formation between
two identical arene (Ar) units of differing oxidation state (left) and for
the formation of charge transfer complexes (right) between two different
arene units (Ar and Ar’). The dashed vertical arrows represent charge
resonance (CR) and charge transfer (CT) transitions. Reprinted with
permission from ref 170. Copyright 2001 The Royal Society of
Chemistry. Adapted with permission from ref 171. Copyright 2000
American Chemical Society.

is considered an important encounter complex for electron self-
exchange between TCNE and TCNE ™, and it is found to
represent a class II mixed valence system with Hpp =~
1000 cm ™' and A &~ 7000 cm ™.

The tetrathiafulvalene molecule has received particular atten-
tion with respect to pimer formation and associated mixed
valence phenomena. Critical for s7-complex formation in this
case is the choice of a very weakly coordinating anion (e.g.,
dodecamethylcarboranate) and a weakly polar solvent (e.g,
CH,Cl,) to minimize cation—anion pairing.173 Under these
conditions, TTF and TTF " associate with an equilibrium con-
stant K, = 6 M ', and a strongly solvent-dependent intervalence
absorption band becomes observable. Its analysis yields Hap =
1600 cm ' and A = 4800 cm ™ '. Taken together, these facts
suggest that the TTF/ TTF" gt-complex is a class II mixed valence
species, and this assignment is supported by computational work.

Spanggaard et al. searched for intramolecular pimer formation
in bis(tetrathiafulvalene) molecules in which two TTF moieties
are linked covalently to one another through two or more flexible
linkers.'”* Despite considerable efforts on a series of molecules,
the rigid system 189 (Chart 69) was the only one for which an
intervalence absorption band due to pimer formation could be
observed unambiguously. However, the intervalence band in this
case originates from intermolecular pimer formation between
189 and 189" rather than being caused by an intramolecular
sr-complex. Similar intermolecular pimers were obtained with
molecular clips that contain two TTF units attached to a glyco-
luril backbone.'”

Intramolecular formation of a TTF/TTF" s-complex could
be achieved by using a calix[4]arene unit with two TTF units
attached to it in a face-to-face fashion (190)."”° While in the
charge-neutral form there are no short contacts between the two
redox active units, one-electron oxidation and subsequent addi-
tion of Na™ give rise to the formation of a species that exhibits an
intervalence absorption band. Rigidification of the calix[4]arene
cone through binding of sodium is crucial for the formation of
this particular intramolecular pimer.

Two recent studies attempted to make use of supramolecular
chemistry for the formation of the TTE/TTE" s-complex in
dilute solution. Kim and co-workers used a cucurbit[8]uril
molecule to encapsulate two TTF molecules in its hydrophobic
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cavity, but onl;r managed to observe the cation radical dimer
[(TTF),)*"." Fujita and co-workers employ a molecular cage 14 192 (o]

comprised of two tris(4-pyridyl)triazine ligands held at an inter-
plane separation of ~10 A through six palladium ions and three
4,4 bipyridine ligands."”® Two TTF molecules can be enclosed
in the rather electron-deficient cavity of this self-assembled
triangular coordination cage. The cyclic voltammogram of this
molecular ensemble shows that the first oxidation of the two
enclosed TTF molecules occurs at electrochemical potentials
differing by 152 mV, thereby indicating substantial mutual
electronic communication between them. The mixed valence
dimer [(TTF),]" exhibits an intervalence band in the near-
infrared and is found to be stable with a half-life of approximately
one day. Only upon further oxidation to the dicationic state, TTF
is liberated rapidly from the cage.

An unusual way of forming [(TTF),]" pimers in dilute
solution was discovered by Fourmigué and co-workers.'”® In
molecule 191 (Chart 70) a TTF molecule was substituted with
two 1,1’-binaphthol units, and it was possible to obtain enantio-
pure RR, SS, and meso isomers. Oxidation of enantiopure
solutions of RR-191 or SS-191 initially leads to the formation
of a species that absorbs around 2000 nm. The absorbance of this
band maximizes after addition of 0.5 equiv of oxidizing agent,
suggesting that it might be due to intervalence charge transfer
between a neutral and an oxidized molecule in a pimer. Cyclic
voltammetry supports this interpretation because a splitting of
the first oxidation of TTF into two separate waves can be
observed for sufficiently concentrated solutions. Importantly,
these experimental observations are made exclusively for enan-
tiopure solutions of the RR- and SS-forms, but not for the meso
isomer. Molecular models offer an explanation for this peculiar
behavior: In the RR- and SS-forms the two naphthol arms are
oriented parallel to one another and leave enough open space
between them for accommodation of a TTF unit from a second
identical molecule. This may result in self-association of two TTF

units with their long axes almost perpendicular to each other,
which is beneficial for overlap between their HOMOs. In the
meso form such aggregation is precluded by the unfavorable
mutual orientation of the naphthol substituents, and mixed
valence pimers do not form.

Evidence for through-space interactions in organic mixed
valence species has also been found by Miller and co-workers
in their early work on diquinone molecules.'**®" On the basis of
optical absorption and EPR investigations, the radical anions of
the isomeric molecules 192 (Chart 71) and 14 were assigned to
different mixed valence classes. Whereas 192~ was identified as a
fully delocalized system, 14~ was assigned to class II. X-ray
crystal structure analysis shows that the carbonyl groups at the
inside of the helical structure of 192 can approach each other to a
distance of 2.85 A. It is believed that thanks to this transannular
overlap of carbonyl groups, delocalization of the odd electron in
192" can occur not only around the covalent phenanthrene
backbone of the helix but also across the gap between the two
ends of the molecule.

Through-space communication between organic moieties that
gives rise to interesting mixed valence properties has also been
observed in Hupp’s molecular squares with the generalized
structure 193 (Chart 72)."%*'® Formally, these molecules are
coordination compounds, but the rhenium(I) tricarbonyl com-
plexes are only structural elements (forming the corners of the
squares), and the mixed valence properties are due to stacked
organic ligands L that are held together in relatively close contact
(~3.8 A) by the metal centers. Ligand L can be a reducible
dipyridyl or diazine ligand, for example 4,4’-dipyridyl or 2,
7-diazapyrene. Spectroscopic studies of these molecules indicate
that direct orbital overlap between the two ligands L is more
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important than superexchange coupling through the rectangle
framework. In the case of L = 4,4'-dipyridyl, an electronic
coupling matrix element as large as 1000 cm~ ' was estimated.
Recently, a similar type of mixed valence species in which two
redox active tri(4-pyridyl)-1,3,5-triazine units are held together
in close cofacial contact (~3.3 A) by six corner-building rhenium
complexes was reported by the same researchers.'®* Through-
space interactions between the two triazine units are believed to
be of key importance in the highly coupled (Hp = 2800 cm ™ ")
mixed valence form of this triangular prism.

6. USE OF EPR SPECTROSCOPY AS A DIRECT TEST FOR
HUSH THEORY

Already several of the earliest studies of purely organic mixed
valence systems made use of EPR spectroscopy to assess the
extent of spin delocalization. This includes for example Mazur’s
diketone 8~,"®° or Miller’s diquinone radical anions (12— 147).Y
The Nelsen group noted that the rates for intramolecular
electron transfer in certain carefully selected organic mixed
valence systems could be sufficiently slow in order to be mea-
surable by EPR spectroscopy, while at the same time their inter-
valence absorption bands remain intense enough to stay easily
detectable. This favorable scenario should permit direct compar-
ison of electron-transfer rates measured by EPR spectroscopy
with rates estimated from Hush analysis of optical absorption
spectra, thereby providing a significant test of Hush theory. This
test is difficult to perform with metal-centered mixed valence
compounds because the electron-transfer rates in such systems
are frequently (but not always)'*® beyond the EPR time scale.

The crux is that the intensity of the intervalence absorption
band and the rate for electron transfer are both proportional to
H,p2¥%** Hence, if electronic coupling is strong and interva-
lence bands are easy to detect, electron-transfer rates are usually
too fast to be measurable by EPR spectroscopy. The solution to
this problem is to decelerate electron transfer by using molecules
that undergo redox chemistry only with large reorganization
energies.

The Nelsen group found that several bis(hydrazine) radical
cations fulfill this requirement.**~* The slowness of electron
transfer in these systems is due to the fact that electron loss by a
hydrazine unit is associated with an unusually large geometry
change, which makes the inner-sphere reorganization energy
very large. This geometry change involves rearrangement of the
two nitrogen lone pair orbital axes from perpendicular in the
charge-neutral molecule to coplanar in the cationic form
(Figure 12), and a simultaneous shortening of the N—N bond
distance by about 0.1 A.""*"*” In simple N,N'-dialkylated bis-
(hydrazine) molecules the torsion angle between the N and N’
lone pairs is indeed close to 90° in the neutral form, but when

o
Figure 12. Illustration of the geometry and bonding changes associated

with the oxidation of hydrazine units. Reprinted with permission from
ref 113. Copyright 2006 Elsevier.
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using N,N'-bicyclic substituents (such as the case for example in
molecule 194), this twist angle deviates from 90° and this
provides a means of tuning the magnitude of the inner-sphere
reorganization energy.113 Estimates of the A,,-values are acces-
sible either through investigation of intramolecular charge trans-
fer in bis(hydrazine) radical cations, or alternatively from studies
of intermolecular electron transfer between monohydrazine
analogues,lm’188 and from calculations."®***°

The first mixed valence system for which precise measurement
of the rate for intramolecular electron transfer by EPR spectros-
copy and detection of the intervalence absorption band was
possible is the radical cation of molecule 194 (Chart 73)."”" This
molecule is the result of a most impressive synthetic effort that
consumed over 15 person-years.'"> The EPR spectrum of 194"
in butyronitrile at —67 °C shows the quintet expected for
interaction of the unpaired spin with only two nitrogen atoms,
while at 107 °C the nine-line signal expected for delocalization
over four nitrogens is observed. An electron-transfer rate of
1.32 x 10® s~ " was interpolated for a temperature of 25 °C, and
this translates into a barrier-crossing frequency of 1295 cm ™.
However, analysis of the intervalence absorption band using
Hush theory yields a barrier-crossing frequency of only
700 cm ™~ ". The rather large discrepancy between the two values
likely arises from the fact that more than one single frequency is
coupled to the intramolecular electron transfer.”"

Comparison of bis(hydrazine) and bis(hydrazyl) radical
cations (with the generic structures 195" and 196", respectively)
underscores the importance of large reorganization energies
for direct measurement of the rate for intramolecular electron
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transfer with EPR spectroscopy.”’ In both types of radical
cations, the spin-bearing dinitrogen units are structurally similar
with the unpaired electron located in an N—N s-antibonding
orbital. However, their diamagnetic dinitrogen units are very
different: In 195" the charge-neutral hydrazine unit has pyr-
amidal nitrogens and a long N—N (single) bond, while the
cationic diazenium unit in 196" has a planar (tert-butylated)
nitrogen atom and a short N—N (double) bond. Thus, the
geometry changes associated with intramolecular electron trans-
fer are expected to be significantly larger in bis(hydrazine) than in
bis(hydrazyl) radical cations. Comparison of 15" with 197"
shows that this expectation is indeed fulfilled:*" Intramolecular
electron transfer was found to be slow on the EPR time scale for
the bis(hydrazine) and fast for the bis(hydrazyl) radical cation,
and inner-sphere reorganization energies of 45.8 kcal/mol ( 157)
and 16.9 kcal/mol (197") were estimated.*'

In bis(hydrazyl) radical cations, the rate for intramolecular
electron transfer reaches the EPR time scale only when the
distance between the two hydrazyl units is increased from four
(asis the case in 197", Chart 73) to six connecting 0-bonds (as is
the case in 198", Chart 74).!'>'* Interestingly, for 1987 the
agreement between the EPR data and optical absorption data was
far better than for 4-0-bonded bis(hydrazine) systems. In the specific
case of the 6-0-bonded bis(hydrazyl) radical cation 198 the electron-
transfer rate determined from EPR spectroscopy was roughly
a factor of 5 larger than that estimated from intervalence
band analysis,'”* while in the case of the 4-0-bonded bis-
(hydrazine) radical cation 138" the difference amounts to a
factor of 36."*" It has been suggested that this is due to stronger
vibronic coupling in the bis(hydrazine) systems with respect to
bis(hydrazyls). In a series of bis(hydrazine) systems the vibronic
coupling constants S = A;,/hv;, were found to be consistently
larger (S = 13.6—17.5) than in a series of bis(hydrazyl) cations
(S=6.5—7.6)."”> Any anharmonicity that might be present in the
electron-transfer potential wells (Figure 1) can therefore be
expected to introduce a greater error in Hush analysis of
hydrazine intervalence absorption bands than in the case of
hydrazyl data.

Synthesis of molecules with carbon frameworks such as those
in radicals 198" and 138" requires many individual steps, and
the final molecules are usually produced as syn and anti isomers that
are difficult or even impossible to separate.''>'*> The synthesis
of p-phenylene-bridged bis(hydrazine) molecules such as 29 is
considerably more straightforward, but some difficulties asso-
ciated with diastereomerism and rotational isomerism do also
occur for such simpler systems.'>* Be that as it may, the prior
sections of this review have already shown that various EPR
investigations of bis(hydrazine) and bis(hydrazyl) radical cations
provided valuable insight into the influence of distance,"'*'*
bridge topology,110 bridge redox levels,"*® and conformational
effects'** on intervalence charge transfer.

The usefulness of EPR spectroscopy for investigation of
intramolecular electron transfer in organic mixed valence systems

is by far not limited to bis(hydrazine) and bis(hydrazyl) systems.
A recent study by Lancaster et al. reports on measurement of
intramolecular electron-transfer rates in bis(triarylamine) radical
cations by variable-temperature EPR spectroscopy and compar-
ison with optical absorption data."*" Indeed, the radical cations of
53 and 150 are the first triarylamine mixed valence species for
which EPR spectra were found to exhibit a temperature-induced
transition from the slow exchange limit (with electron localiza-
tion on one triarylamine unit) to the fast exchange regime (with
spin delocalization over the two nitrogens) and in which optical
and thermal electron transfer have been observed and correlated.
When the barriers for thermal electron transfer are compared to
those extracted from analysis of the intervalence absorption
bands, one arrives at the important conclusion that the two sets
of data are only compatible with one another if one assumes a
charge-transfer distance that is only about 40% of the N—N
distance."*' As discussed already in prior sections of this review,
several other studies concur with the finding that the N—N
distance can be a bad measure for the electron-transfer dis-
tance in bis(triarylamine) systems or in dinitroaromatic radical
anions—particularly in fully delocalized (class III) systems.'”%>%
EPR spectroscopy was also used to estimate the rates or
barriers for intramolecular electron transfer in bis(triarglamine)
radical cations by Kattnig etal. (e.g, 53", 60" —62"),'"> and by
Hirao et al. (1347, 1747)."2%'>5 Other types of organic mixed
valence systems to which EPR spectroscopy has been ap%)lied
include dinitroaromatic radical anions (817, 837, 101"), 7118
polychlorinated triphenylmethyl radicals (237, 1107),3"!2%'*!
dimethoxytolyl radical cations (43" —46", 118" —120"), %%
viologens (25™),* and diquinone radical anions (127 —14 ) %1714

7. SOLVENT AND ION PAIRING EFFECTS

A spectacular case of solvent-dependent mixed valence beha-
vior is provided by the dinitroaromatic radical anions 88" and 89
that were introduced already in section 3.1.""" In these 11-0-
bond bridged species the distance between the two nitro groups
is sufficiently large for the solvent contribution to the total
reorganization energy (A.,) to play a dominant role over
inner-sphere contributions (4;,). In hexamethylphosphoramide
(HMPA, Chart 75) and the cyclic urea DMPU, 88~ and 89 are
class III species, whereas in acetonitrile they exhibit broad and
unstructured near-infrared absorption bands that are typical for
class II compounds. It appears plausible that the high cation-
solvating power of HMPA and DMPU lead to particularly small
Aour-values, allowing full charge delocalization in the mixed
valence anions. A similar crossover from class II to class IIT upon
solvent variation was observed for dinitroaromatic radical anions
with biphenyl bridges (84, 126, 127),"*® fluorene (85 "), or
phenanthrene spacers (1027),"*® and for the paracyclophane-
bridged radical anions 107~ and 108"

A big impetus for understanding the solvent dependence of
intervalence absorption bands comes from the interest in separ-
ating the inner- and outer-sphere parts of the total reorganization
energy. This is necessary for application of modern vibronic
coupling theory to electron transfer in mixed valence com-
pounds. A detailed study of bis(hydrazine) mixed valence radical
cations bridged by saturated (199" — 2017, Chart 76) or
aromatic spacers (297,1227,1237,2027,203 ") demonstrated
that modeling A, for these systems is highly nontrivial. 110,113,193
Indeed, A, was found to correlate not at all with the distance
between the redox active units as would be expected on the basis
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Figure 13. Plot of the outer-sphere reorganization energies (Aqyc)
associated with intervalence charge transfer in bis(hydrazine) radical
cations versus the number of o-bonds between hydrazine groups. The
open circles represent molecules with saturated alkyl bridges, while the
gray filled squares represent systems with unsaturated aryl spacers.
Reprinted with permission from ref 113. Copyright 2006 Elsevier.

of dielectric continuum theory (Figure 13). This theory assumes
that the bridge affects A, merely through the distance that it sets
between the two redox active moieties. However, saturated
bridges tend to produce larger A, values than unsaturated ones
(circles versus squares in Figure 13). This suggests that solvation
of the molecular bridge plays in fact an important role."'*''*'?

This becomes particularly problematic when attempting to
model the solvent dependence of mixed valence species in which
the molecular bridge is involved more or less directly in the
intramolecular electron-transfer process, rather than simply

Chart 77
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being a completely redox inert spacer. This is the case for
example in the bis(triarylamine) radical cations 35" and
50" —52" for which electronic structure calculations indicate
that charge transfer from one triarylamine unit to the other is
accompanied by a charge shift from the terminal anisyl rings
toward the molecular bridges.78

The intervalence absorptions of class III mixed valence species
generally exhibit a much weaker dependence on solvent than
class II compounds. Indeed, weak solvent dependence is fre-
quently used as one of the arguments to assign a mixed valence
species to class IIL. In the fully delocalized systems 29" and 34",
the intervalence bands shift by about 100 cm ™' when §oing from
apolar (chloroform) to polar solvents (acetonitrile).'”* By treat-
ing the solvent merely as a dielectric continuum, the energy of the
intervalence absorption (E,,) in 11 different solvents cannot be
modeled satisfactorily for these two radical cations. It was found
that besides the refractive index of the solvent, the so-called
solvent donicity, as measured by Gutmann’s solvent donicity
numbers,'*® has an important influence.'®* This is a nondielectric
continuum effect, and the importance of solvent donicity
depends strongly on the nature of the mixed valence compound
that is studied. For dinitro aromatic radical anions solvent
donicity has an opposite effect on A, than for bis(triarylamine)
radical cations: For the radical anions A, increases in better
electron-accepting solvents, but for radical cations A, increases
in better electron-donating solvents.''!

Solvent dependence studies are frequently plagued by poor
solubilities of the mixed valence species in apolar solvents
because they are usually charged. This problem was overcome
by the recent development of a new family of charge-neutral
mixed valence cornzpounds with molecule 24 (Chart 77) as the
prototype system.””' In these molecules, a triarylamine unit is
connected to a perchlorinated triarylmethyl radical center.
Intramolecular electron transfer formally occurs from the triar-
ylamine nitrogen to the trisubstituted carbon center, thereby
producing a zwitterionic excited state from an apolar ground
state.>> Molecule 24 and its analogues 204—209 are soluble even
in n-hexane, and this allowed investigation of the intervalence
absorption in 13 different solvents. Interestingly, the intervalence
band maximum (E,,,) of 24 shows a very weak and superficially
nonsystematical dependence on solvent polarity varying only
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from 12300 cm ™ in n-hexane to 12600 cm ™~ in acetonitrile.”
This remarkably weak solvent dependence can be explained by
the occurrence of two opposing effects: The solvent reorganiza-
tion energy increases with increasing solvent polarity, but the
energy difference between diabatic ground- and excited-state
potential surfaces decreases concomitantly. The latter effect is
due to the fact that the excited state is zwitterionic while the
ground state is apolar.”” Investigation of molecules 204—209
leads to the same principal conclusion.'*®

Solvent effects did also play an important role in a rather
unusual study of a mixed valence phenomenon. Investigation of
bis(triarylamine) molecules 61, 141, and 148 by pump/probe
spectroscopy revealed that the first excited states of these charge-
neutral species are similar to the ground states of their radical
cation forms.'”” In other words, while the neutral bis-
(triarylamine) molecules are in their first excited states, they
behave like mixed valence species. This conclusion was based,
inter alia, on great similarities between the solvent dependences
of the excited-state absorption spectrum of neutral 141 and the
ground-state absorption spectrum of 1417

Ion pairing can have a big influence on mixed valence. When
reducing dinitroaromatics or quinones with sodium metal,
addition of cryptand 79 greatly increases the rates for intramo-
lecular electron transfer in the resulting mixed valence radical
anions because the sodium cation is encapsulated and, in
consequence, can interact much less tightly with the anion.*”'"!
For a given dinitroaromatic radical anion, the rate for intramo-
lecular electron transfer can be increased by an order of
magnitude when compared to using tetrabutylammonium as a
counterion.'”®

In bis(hydrazine) radical cations 29", 1237, and 1247, ion
pairing effects were observed in two different types of
experiments:'*” First, variation of the bis(hydrazine) radical
concentration from ~0.1 to ~10 mM in dichloromethane
induces blue shifts of the intervalence absorption bands on the
order of S00 cm ™', Second, addition of an inert salt such as
tetrabutylammonium hexafluorophosphate to a ~0.1 mM solu-
tion of these species in dichloromethane leads to similar blue
shifts. On the basis of titration experiments, ion pairing equilib-
rium constants of 3100 M~ ' (29, 123") and 6100 M~ (124 ")
were determined, and the ion pair energies were found to be in
the range from —4.6 to —5.3 kcal/mol.'®> EPR measurements of
these radical cations have to occur at concentrations at which
already a substantial amount (~30%) of ions is paired while
optical absorption experiments can be performed at lower
concentrations. It has been pointed out that this is one source
of uncertainty that accompanies the comparison of electron-
transfer rates determined from EPR and optical absorption
spectroscopy. In the specific case of the molecules considered
here, this comparison is rather favorable with a difference of only
a factor of 2.5 between kgr values determined by the two
different methods.

An interesting question that has been addressed by Nelsen
et al. concerns the influence of ion pairing and “effective polarity”
on intervalence charge transfer in the solid state. These research-
ers investigated the intervalence absorptions of two bis-
(hydrazine) radical cations (297, 1227) in solvents ranging in
polarity from dichloromethane to dimethylformamide and com-
pared these solution data to diffuse reflectance spectra measured
on various solid supports (Al,O3, LiCl, BaSO,, and KBr).**
While increasing the solvent polarity induces a blue shift
of the intervalence bands due to an increase of the solvent

Chart 78

avYava
O

reorganization energy (4,,.), the nature of the solid support has a
minor influence. The solid-state transition energies are higher
than those in solution, which is interpreted as a manifestation of
ion pairing. On the basis of intervalence band energies, the
“effective polarity” of the crystalline material seems to be
comparable to that of liquid acetonitrile.>*

210

8. CRYSTALLOGRAPHIC STUDIES

Obtaining X-ray crystal structures of class II mixed valence
complexes can be difficult because many of them dispropor-
tionate upon crystallization.* The same problem has been
encountered for organic mixed valence compounds,** and con-
sequently there exist more crystal structures of class III organic
mixed valence systems than on class II compounds. In terms of
determining distances between the redox active centers of
organic mixed valence compounds, X-ray crystallography is of
limited use because the electron-transfer distance can in many
instances not be related directly to interatomic distances. How-
ever, structural analyses of organic mixed valence compounds are
useful, for example, to elucidate molecular distortions that affect
orbital overlaps and 7-conjugation. Care must be taken when
attempting to make a classification of mixed valence species on
the basis of X-ray structural data alone. The situation in the solid
state is fundamentally different from that in solution, where time
and density fluctuations of the solvent may affect the degree of
delocalization in the mixed valence species. Moreover, an
apparently fully centrosymmetric solid-state structure may actu-
ally be slightly asymmetric due to static or dynamic disorder in
the crystal, or the symmetry of the radical cation in the crystal
might be induced by a counterion placed right above or below the
cation.”® Particularly useful are comparative structural studies of
charge-neutral (closed-shell) molecules and their oxidized or
reduced (mixed-valence) forms. This has been possible for the
vinylene-bridged bis(triarylamine) molecule 54.” Upon oxida-
tion, its N—Cgpene bonds shorten slightly, and there occur
pronounced differences between the N—Cgpene and N—Copigyi
bond lengths. The same bond length changes occur on both
triarylamine units. In addition, there is a symmetrical quinonoidal
pattern of bond length alteration in the two benzene rings of the
connecting stilbene moiety that occurs in the cationic form but
not in the neutral molecule. While all of these observations are
consistent with assignment of 54" to class III, the crystal-
lographic data cannot exclude the possibility of a class II species
with only slight asymmetry or in which asymmetry is masked by
static or dynamic disorder.”

Among the many bis(triarylamine) systems that were inves-
tigated in the context of mixed valence, molecule 210 (Chart 78)
is one of the few that could be crystallized in both its neutral and
its cationic form.””" The most significant change in structure
following oxidation is the decrease in the biphenyl torsion angle
from 37.1° in neutral 210 to 4.1° in 2107 SbCls . The fact that
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the N—N distance is virtually unaffected by oxidation (9.981(6)
A versus 9.89(1) A) may reflect delocalization of the HOMO
over the entire N—C¢H,;—CsH4—N framework, as predicted by
DFT calculations. Thus, it appears that the fraction of electronic
charge lost upon oxidation is divided over all the atoms in the
benzidine framework, and the molecular bridge cannot be
considered a redox inert spacer that merely sets the distance
between the two triarylamines.”®"

The radical cation of bis(hydrazine) molecule 29 is one of the
rare class II organic mixed valence systems that could be
crystallized.*” In this case, the N—N distance shortens consider-
ably upon oxidation (from 1.461 A in the neutral species to 1.359
A in the tetraphenylborate (BPh, ) salt), and the two hydrazine
units undergo significant structural changes (Figure 12) that are
in line with the very large inner-sphere reorganization energies
commonly observed for this family of mixed valence compounds.
The twist angle between the lone pair of the aryl-connected
nitrogen and the aryl 7T system increases upon oxidation from
37.5 to 47.6° in the phenyl-bridged molecule 29, and from 50.2
to 66.7° in the durene-bridged analogue 122.">*"* In the crystal
structure of the phenyl-bridged system (29"), the BPh,~
counterion is closer to the cation, and it is less symmetrically
placed with respect to the center of the cation than in the durene-
bridged analogue (122"BPh, ).>* These differences in ion
pairing provide an explanation for the experimental observation
of stronger intervalence absorption changes associated with the
transition from solution to the solid state in the case of 297
compared to 1227,

The 2,5-dimethoxy-4-methylphenyl (DMP) redox units used
by the Kochi group (e.g,, in 42—46) undergo relatively large
structural changes upon oxidation, and there have been several
X-ray structural studies on such systems.**” The quinonoidal
distortion of these redox units has been used as a geometric
measure of their degree of oxidation. In the X-ray crystal
structure of 427SbClg ", the structure of each of the two directly
connected redox units is exactly intermediate between the
geometry of neutral DMP and DMP™". In 43"SbCls~ the two
redox units are separated by a p-phenylene spacer, and the two
DMP units are structurally different from each other: One of
them is closer to the neutral structure, while the other has a
structure that resembles that of DMP ™. On the basis exclusively
of these structural data, one arrives at the conclusion that there is
an asymmetric charge distribution of 20—80% between the two
redox sites in 43". Indeed, 42" and 43 represent cases in which
the X-ray structures accurately reflect the electronic structures of
mixed valence species in solution: Spectroscopic studies demon-
strated that 427 is a class IIT and 43" a class II mixed valence
system.**® In the biphenyl-bridged system 44, the structures
of the two DMP units are such that they suggest complete charge
localization, i.e., class I behavior, while spectroscopic studies
show that 44" is a class IT system in solution.***° It is noteworthy
that there exists a linear correlation between the observed
splitting in electrochemical potential between the first two
oxidations in molecules 42—44 and the amount of positive
charge that is delocalized in the crystal structures of their radical
cations (Figure 14).%

The crystal structures of the biphenyl-bridged system 44"
(Chart 79) and its fluorene-bridged analogue 2117 provide
structural evidence for the fact that fluorene mediates stronger
electronic coupling than biphenyl. While the structure of 44" is
indicative of complete charge localization, 211" exhibits an X-ray
crystal structure that is in line with class II mixed valence behavior

AE,, [kcal/mol]
\\

T T T T
0.0 0.1 0.2 0.3 0.4 0.5
charge distribution q;

Figure 14. Linear correlation between the observed splitting in electro-
chemical potential between the first two oxidations in molecules 42—44
and the distribution of positive charge (g;) over the two redox sites in the
crystal structures of their radical cations;” g; = 0 represents full charge
localization on a single redox site, and g; = 0.5 represents complete
charge delocalization over both redox sites. Reproduced with permission
from ref 90. Copyright 2001 The Royal Society of Chemistry.

Chart 79
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with 35% of the excess positive charge on one DMP unit and
20% on the other. As discussed on the examples of biphenyl- and
fluorene-bridged dinitro (847, 857) and bis(hydrazine) mixed
valence species (1237, 124"), electronic coupling differences
between the two types of bridges may have two origins, namely,
lower torsion angles between the two phenyl rings (here, 16.9° in
44" versus 5.7° in 2117") and greater ease of bridge oxidation.”
The fact that 45% of the excess positive charge in the crystal
structure of 2117 does not appear to reside on the terminal DMP
units suggests that bridge oxidation is indeed very important.
While 427 —44" and 2117 are rigid rodlike molecules, the
DMP units in the systems 182" —184" are linked through
methylene groups that impart much greater structural flexibility.
In consequence, two types of structural changes are associated
with oxidation of molecule 182."% First, the charge-neutral form
has its two redox centers in anti conformation and hence
relatively far apart, while in the cationic form they are in syn
conformation with a cofacial separation of only 3.2 A. Second, a
quinonoidal distortion of the redox centers occurs upon oxida-
tion. The extent of charge delocalization can be assessed in the
same way as for the rigid systems, but in the particular instance of
1827, the structural distortions associated with charge localiza-
tion are found to be strongly anion dependent: The crystal
structure of 1827 PF4~ suggests complete delocalization, while
that of 182" SbCls™ is consistent with a 90:10 charge
distribution between the two DMP units.'®® This example
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underscores the importance of ion pairing effects in mixed
valence chemistry.

9. CONCLUDING REMARKS

One of the motivations for research on organic mixed valence
comes from the interest in organic molecular wires.”” Electron
flow over long distances will likely have to occur by the hopping
mechanism in order to be efficient,*>*®® and therefore it is
important to know the size of the molecular hopping stations
over which an electron can be delocalized. Molecules with
organic redox sites are particularly favorable in this respect
because charge tends to be more delocalized in these systems
than in metal-based mixed valence compounds. Indeed, de-
termination of the adiabatic electron-transfer distance in
organic mixed valence compounds is often a challenging
task, 113/124204,205

For fundamental investigations of the mixed valence phenom-
enon, molecules with purely organic redox centers offer several
advantages over coordination compounds. The intervalence
absorption bands of many organic mixed valence systems tend
to have higher extinction coeflicients than those of metal-based
mixed valence species. Because of their weakness and great width,
these near-infrared absorptions can be difficult to even detect in
coordination compounds; moreover, they may be overlapped by
absorptions caused by other (e.g, ligand-to-metal charge transfer)
transitions.'”* In many organic mixed valence systems, these
difficulties are not encountered to the same extent. What is more,
certain organic mixed valence systems combine strong electronic
coupling with large reorganization energies, thereby allowing easy
detection of intervalence absorption bands and direct measurement
of electron-transfer rates by EPR spectroscopy. This provides the
basis for a direct test of Hush theory, which is difficult, albeit not
impossible to perform with coordination compounds.

By far not all organic mixed valence systems can be analyzed
within Hush’s framework of a two-state model. To class II
systems, it is only applicable when the one-electron oxidized or
one-electron reduced states of the bridge are high enough in
energy. For certain class III systems it appears to be comple-
tely inappropriate,113 but neighboring orbital models can be
useful for analysis of electronic coupling in such cases."?
Dielectric continuum theory fails to describe the effect of
solvent on the reorganization energy in many organic mixed
valence compounds, and solvent donicity has to be taken into
account 11194195

The families of organic mixed valence systems that have been
best explored to date include bis(triarylamine) radical cations,
bis(hydrazine) and bis(hydrazyl) radical cations, dinitroaromatic
and diquinone radical anions, and bis(tetrathiafulvalene) radical
cations. Given the important role played by methylviologen and
its numerous derivatives in bimolecular electron-transfer chem-
istry, surprisingly few studies were specifically geared at under-
standing the electronic coupling between the two redox sites in
the one-electron reduced forms of these compounds. The same is
true for diimide radical anions, despite the fact that they currently
receive much attention in electron-transfer chemistry and other
contexts.”” It is possible that many researchers quite simply do
not perceive these radicals as mixed valence species.

The future challenges in the field of organic mixed valence
are similar to those recently formulated by Keene in a more
general review on the subject of intervalence compounds.® These
challenges include for example the identification of mode-specific

contributions to electron-transfer barriers by IR and resonance
Raman experiments, determination of adiabatic electron-transfer
distances by electroabsorption experiments that exploit the Stark
effect, and the development of appropriate theoretical models
describing ion pairing and solvent donicity effects.
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