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Abstract

The attachment of various molecules to graphite surfaces and
the electrochemistry exhibited by the attached species are discussed

in Part I.

Section I-A

Aromatic compounds such as 9,10-phenanthrenequinone are
irreversibly adsorbed onto pyrolytic graphite electrodes. Cyclic
voltammetry is uéed to illustrate the differences in electrochemical
response between surface and solution species. Integration of
the current used to oxidize or reduce the molecules on the surface

affords measurement of surface concentrations, which are typically 10"]0

-11

to 10 mo]es/cmz. The use of differential pulse voltammetry to study

surface electrochemistry is introduced.

Section I-B

Procedures aré presented for attaching pyridfnepentaammineruthenium(II)
complexes to gréphite electrodes by covalent bonding and irreversible ad-
sorption. Cyclic voltammetry and differential pulse voltammetry are used
to compare the electrochemical behavior of the attached complexes and to
measure surface con&entrations, Different orientations of the anisotropic
graphite affect the quantity of reactant that can be attached as well as
the voltammetric Eesponses. On "edge plane" pyrolytic graphife the co-
valently bound and irreversibly adsorbed ruthenium complexes reach coverages

10 2

of 1.5 X 107 and 1.6 x 10° moles/cmzf respectively. The coverage for



10 moies/cmz.

the adsorbed complex on "basal plane" graphite is 3.5 X 107
The covalent attachment procedure is unsuccessful on this surface,
presumably due to the lack of surface oxides. Attachment by irreversible
adsorption yields larger quantities of complex on the electrode surface
but the covalently attached complex persists on the surface for a longer
time; t]/2 = 313 and 1080 min, respectively.

Design of a holder used for rapid mounting of graphite discs for

electrochemical use is included.

Section I-C

The catalytic reduction of oxygen in acidic aqueous solution at several
modified pyrolytic graphite surfaces is examined using a rotating ring-disc
electrode. Surfaces coated with 9,10-phenanthrenequinone and Ru(III)(edta)
afford no catalysis. Adsorbed Fe(III) protoporphyrin IX catalyzes the
reduction of oxygen to water at ~0.2 V. Catalytic properties of modified

graphite and platinum surfaces are compared.

The synthesis, electrochemistry and physical properties of a variety
of Cu(II) and Cu(l) complexes are presented in Part II. The physical

studies reveal several unusual properties of the Cu(I) complexes.

Section II-A

Measurements of formal reduction potentials are compared for several
inorganic systems using cyclic voltammetry, d.c. polarography, differential

pulse voltammetry, and potentiometry. For the type of copper complexes
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being studied, d.c. polarography is judged to be the most reliable
technique, especially in the electrochemical measurement of CO binding
constants. The potential of the oxidation of ferrocene to ferricenium
ion is suggested as a practical reference against which to report the

potentials of other couples.

Section II-B

The synthesis of an oxo-bridged copper(II)-copper(I) mixed-valence
ion and its carbon monoxide adduct is reported along with preliminary
observations concerning electronic and electron paramagnetic resonance

spectra of the ions.

Section II-C

More complete physical studies of the mixed-valence system introduced
in Section II-B are presented. Electrochemistry is used to synthesize the
copper(I)-copper(I) state of the molecule and to obtain formal reduction
potentials (-0.518 V and -0.908 V) for the two copper atoms. The CO
binding constant for the copper(II)-copper(l) complex is measured
polarographically and found to be 2.82 X 104. A1l complexes are charac-
terized by elemental analysis, infra-red spectroscopy, magnetic suscepti-
bility « and electronic spectroscopy. Temperature-dependent electron
paramagnetic resonance spectra of the mixed-valence complex provide an

10

estimated intramolecular electron transfer rate of 2.2 x 10 sec“] at

298°K.
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Introduction to Research on Graphite Electrodes with

Chemically Modified Surfaces



Research in the area of modified electrode surfaces has expanded
rapidly since 1975 (1-14). Prior to 1975, only two papers by
Hubbard and Lane (8) contained material similar to the work being
done in this field today. While modified electrodes are of interest
for a variety of reasons, the research described herein originated
as part of a collaborative effort to discover an electrode that would
reversibly reduce molecular oxygen to water (15).

The ability to reduce oxygen to water rapidly at its thermo-
dynamic potential, +1.23 V versus NHE, would constitute a major
breakthrough in the area of fuel cells and air batteries. Most
electrodes require a large amount of overpotential to effect oxygen
reduction and do so only by producing hydrogen peroxide; this is
an energetically unfavorable route (16). Platinum is the best
material for oxygen reduction. There is evidence that reduction
of 0, at platinum electrodes proceeds directly to H,0 (17); however,
platinum is too expensive for practical use in fuel cells.

Rather than searching for new electrode materials, the efforts
of the collaboration were to be aimed at synthesizing molecular
catalysts capable of: a) being attached to inexpensive electrode
materials, b) rapidly reducing oxygen to water, and c) being
reactivated by the electrode at ~+1.0 V. The formation and

functioning of such a modified electrode is diagrammed below:
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While other partners in the collaboration were to attempt catalyst
synthesis, the Anson group was to investigate methods of catalyst
attachment and to select electrochemical techniques suitable for
detecting surface species and evaluating their ability to reduce
oxygen. Initial efforts were directed toward attachment of two
classes of compounds, flat aromatic organic complexes and ruthenium
complexes, to graphite eletrodes. The attachment of these types of
compounds was desirable because the first potential catalysts likely
to emerge from the collaboration would be metallo-porphyrins and

multi-nuclear ruthenium ammine complexes.



For a variety of reasons pyrolytic graphite was selected as
the material to be used in all attempted attachments. A form of
pure carbon, graphite is conducting and iﬁexpensive. It has been
widely used as a working electrode in electrochemical studies of
diffusing species. Most importantly, graphite is anisotropic,
being composed of sheets of aromatic carbon atoms with the layers
held together by Van der Waals forces. The two possible orientations
of graphite are called 'basal plane'" or ''edge plane'' depending on
whether the flat sheets or jagged edges are exposed. Organic dyes
are known to adsorb strongly to the basal planes of graphite, while
the edge planes contain a variety of carbon-oxygen functional
groups which could be used in covalent attachment of catalysts (18).

Considerable early effort involved attempts to use finely
powdered or microcrystalline graphite as an electrode. Powdered
graphite has a large surface-area/mass ratio; seemingly, electrode
surfaces constructed from these materials would hold easily-
detected amounts of catalysts. Unfortunately, only carbon paste
electrodes (19) could be made from powdered graphite and the role of
the pasting agent, Nujol, in attachment procedures was unclear.
Furthermore, this material was so porous that all reagents were
trapped within and could only be removed after prodigious washing.

The opposite of microcrystalline graphite is highly ordered
pyrolytic graphite, HOPG, which consists of large pieces of graphite

ordered nearly as well as in a single crystal. This material



would have been ideal for distinguishing differences in basal and
edge faces with respect to various attachment procedures; however,
HOPG is nearly impossible to machine or mount as a working electrode.

The material eventually used was a form of graphite that was
visibly anisotropic but which contained sufficient lattice disorder
to allow machining. It could be mounted successfully with either
primarily basal planes (1c) or edge planes (1b) exposed.

At the time of this author's Admission to Candidacy (March 1976)
two papers dealing with modified electrodes, other than Hubbard and
Lane's, had appeared in the literature. Miller et al. induced
chirality in the product of an organic electro-synthetic reaction
by attaching an optically-active molecule to a graphite electrode (1la).
Murray et al. used silane chemistry to attach several organic
molecules to SnO, electrodes and then detected their presence with
ESCA (12a). In neither case was the attached species detected
electrochemically. At Caltech, A. P. Brown and this author were
obtaining electrochemical responses from molecules irreversibly
adsorbed on graphite electrodes. Electro-active organic molecules
such as 9,10-phenanthrenequinone and 3,3'-dimethoxybenzidine, and
iron(III) protoporphyrin IX were detected by cyclic voltammetry and
differential pulse voltammetry. The results of this work were
published (1c) and are included as Section I-A of this thesis (20).

While the irreversible adsorption discussed above occurs
spontaneously, it proved to be much more difficult to attach

ruthenium complexes to graphite by means of a covalent bond.



Synthesis of the necessary ruthenium camplexes was a major problem
in itself. Eventually, a ruthenium pentaammine pyridine complex
was attached by way of an amide bond. This work has also‘been
published (1b) and constitutes Section I-B of this thesis.

Because 9,10-phenanthrenequinone adsorbed so tenaciously on graphite
attempts were made to modify this molecule into a ligand capable

of complexing with Ru(NHa)s(HZO)2+ and anchoring it to the electrode (20).
While these efforts failed, Brown was able to synthesize such a
-molecule from phenanthrene (1d), although phenanthrene adsorbs less
strongly than its quinone form and has no electrochemistry.
Comparisons of the electrochemistry of anchored and covalently-
attached ruthenium are also included in Section I-B.

From 1976 to the present, many papers dealing with modified
electrodes have appeared (1-10, 11b-f, 12b-j, 13, 14). Several
attachment strategies have been used to affix organic and inorganic
molecules to electrodes. The advances in this area suggest that if
a good oxygen reduction catalyst existed, it could be successfully
attached to an electrode. Therefore, one remaining task necessary
for the 0,-collaboration was the development of procedures for
evaluating surface-bound catalysts. The rotating ring-disc technique

was used for this purpose and this work is presented in Section I-C.
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SECTION I-A

I1lustrative Electrochemical Behavior of Reactants
Irreversibly Adsorbed on

Graphite Electrode Surfaces

Alan P. Brown, Carl Koval and Fred C. Anson

Contribution No. 5340 from the A. A. Noyes Laboratory,
California Institute of Technology,
Pasadena, California 91125

(Received 24 May 1976)
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Chemically modified electrode surfaces are the
focus of considerable current research in a number of
laboratories [1-3]. Ample evidence for the successful
attachment of various compounds to the surface of
platinum [1], graphite [2] and tin oxide [3] electrodes
has been offered, however, the direct observation of
the electrochemical behavior of such surface species
for extended periods in solutions free of the attached
.reactants has been reported in only one instance [1].

We have found it possible to observe the electrochemistry
of reactants which are irreversibly adsorbed on the
surface of graphite electrodes by employing differential
pulse voltammetry [4] or slow sweep cyclic voltammetry.
The former technique provides an especially good signal-
to-noise ratio which allows low surface coverages of
reactants to be monitored.

In the present studies we have relied upon the
tendency of certain classes of reactants to adsorb very
strongly on graphite electrodes to produce electroactive
surface species which could be examined in the absence
of any diffusing reactant. It proved possible to
influence the electrochemistry of these adsorbed reactants
by altering the composition (pH, ligand concentration,
etc.) of the (reactant free) solutions in which their

electrochemistry was inspected, thus demonstrating their
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susceptibility to chemical modification in the adsorbed
state. The results we have so far obtained suggest many
possibilities for elaboration and extensions, a number

of which we are currently pursuing.

Experimental

The carbon electrodes employed were either vitreous
carbon (Tokai Ltd., Japan) or pyrolitic graphite (Union
Carbide Corporation, Parma, Ohio). The rod-shaped
electrodes were mounted in glass tubes by means of heat-
shrinkable polyolefin tubing to give exposed discs of
area ca. 0.2 cm?. The vitreous carbon was polished before
use with silica powder. The pyrolitic graphite was
cleaved just before use with a razor blade.

In most experiments, reactants were adsorbed by
exposing the electrode to solutions of the reactant for
several minutes followed by washing with (undeaerated)
distilled water. The electrochemical behavior of the
adsorbed reactants was recorded in reactant-free,
deaerated supporting electrolyte solutions.

The electrolysis cell and apparatus for recording
cyclic voltammograms were conventional. Potentials were
measured and are reported with respect to the saturated

calomel electrode. Electrode areas were 0.2 cm?.
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Differential pulse voltammograms were obtained with
a standard Princeton Applied Research Model 174
instrument with the following settings: Pulse amplitude:
10 mV; d.c. potential scan rate: 5 mV/sec; "drop time":
0.5 sec (i.e., pulse repetition rate: 2 sec-l).

9,10-Phenanthrenequinone was recrystallized from
benzene. The iron(III) tetraphenylporphyrin chloride
and iron(III) protoporphyrin IX chloride were commercial
materials which were used as received. Supporting

electrolyte salts and buffers were reagent grade materials

used without further purification.

Results and Discussion

Figure 1 shows a set of cyclic voltammograms which
result when a pyrolitic graphite or vitreous carbon
electrode is placed in a solution containing 1016 M
9,10-phenanthrenequinone and 3 x 107" M Ru(NH3)63+.

The voltammograms were recorded at increasing times
following the immersion of the electrode in the solution.
The phenanthrenequinone/phenanthrenehydroquinone and

Ru(NH3)63+/2+

couples give rise to the pairs of waves
centered at +175 mV and -200 mV, respectively. The
peak currents of the former couple increase in magnitude

as more and more of the quinone has time to diffuse to

the electrode and adsorb on its surface. At the same
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Figure 1

Cyclic voltammograms obtained with a pyrolitic
graphite electrode in a solution containing

0.3 mM Ru(NH3)53+ and 0.001 mM 9,10-phenanthrene-
quinone. Scan rate: 20 mV/sec; supporting
electrolyte: 1 M CF3;COOH; electrode area:

0.2 cm?. Minutes of exposure of the freshly
cleaved electrode to the solution (which was
stirred by bubbling nitrogen between scans):

a -2, b8, 8=20,4d=47, 3~ 84,
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time there is virtually no change in the peaks corresponding
to the non-adsorbing Ru(NH3)63+/2+ couple. (Note that

the current resulting from unadsorbed, diffusing quinone

is negligibly small in this 107° M solution.) The test

was made to demonstrate that accumulation of the quinone
occurs on the electrode surface and not by absorption

into micropores or crevices in the electrode or its

seal. The latter would lead to a comparable enhancement

for both the ruthenium and quinone couples.

The two sets of waves in Figure 1 have the differing
shapes and forward and reverse peak separations that are
expected for adsorbed and diffusing reactants. The
peak potentials for the Ru(NHa)GH/2+ waves are separated
by ca. the 58 mV expected for a simple one-electron
nernstian couple present in solution. The much smaller
peak separation and more symmetrical wave shapes exhibited
by the quinone/hydroquinone couple are consistent with
both the reactant and product remaining on the surface [5,6].
(The behavior is very similar to that observed with
dissolved reactants in thin-layer cells [7]).

The Ru(NH3)53+/2+ waves in Figure 1 do not differ
significantly from those obtained in the absence of the
adsorbed quinone. This outer-spherc redox couple is

apparently able to exchange clectrons with the eclectrode
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through the layer of adsorbed hydroquinone present on the
graphite at the potentials where Ru(NH3)63+ is reduced.

If the electrode used in Figure 1 is removed from
the solution, washed with excess water and placed in a
supporting electrolyte free of both reactants, a cyclic
voltammogram such as the one shown in Figure 2 results.
The area under either wave corresponds to the presence
of ca. 2.5 x 10 '° moles cm ’ (geometric area) of quinone
on the electrode sufface which approximates monolayer
coverage. The adsorbed 9,10-phenanthrenequinone leaves
the electrode surface very slowly. The magnitude of the
peak current decreases over a period of many hours.
The rate of removal appears to be approximately first
order with a half-1life of 7 to 9 hours. The waves can
be eliminated immediately if the eclectrode surface is
renewed by cleaving (pyrolitic graphite) or polishing
(vitreous carbon).

9,10-Phenanthrenequinone adsorbed on graphite exhibits
readily detectable cyclic voltammograms because of the
high coverage obtained with this reactant and the fact
that two electrons are involved in its reduction. The
peak current is proportional to the square of the number
of electrons transferred for a nernstian process involving
reactants and products confined to the electrode surface [5,60].

With smaller quantities of adsorbed rcactants whose
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Figure 2

Cyclic voltammogram obtained after the adsorption
depicted in Figure 1 was complete and the
electrode was removed, washed, and transferred

to a solution containing only 1 M CI3;COOI.

Scan rate: 20 mV/sec.
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reactions involve only one electron, less well defined
cyclic voltammograms result. For example, Figure 3A
shows the cyclic voltammogram obtained when iron(III)
tetraphenylporphyrin is adsorbed on the electrode. The
amount of this larger molecule which is adsorbed is only
about 107" moles cm > (estimated from the cyclic
voltammogram assuming that the reaction involves one
electron). Figure 3B shows the differential pulse
.voltammogram obtained with the same electrode. The
relative improvement in the ratio of the peak current to
background current is apparent. Similar improvements

in sensitivity have been obtained with a number of
adsorbed reactants and the differeﬁtial pulse technique
appears to be generally useful for examining the behavior
of new systems.

The strength of the adsorption of various reactants
on graphite appears to correlate with the number of
aromatic centers in the adsorbing molecule. Thus N,N,-
N“,N"-tetramethyl-p-phenylenediamine, having one aromatic
ring, showed nodefgctable irreversible adsorption onto
vitreous carbon electrodes from a saturated solution in
1 M HC10,. By contrast o-dianisidine (3,3"-dimethoxy-
benzidine), with two aromatic rings, was readily adsorbed

from 1 M HC10,.
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Figure 3

Cyclic (A) and differential pulse (B) voltammo-
grams of iron(III) tetraphenylporphyrin
adsorbed on a vitreous carbon electrode.
Adsorption for 5 minutes from a saturated
solution of the porphyrin in dimethyl formamide.
Voltammograms recorded in 1 M HC1l as supporting

electrolyte. Cyclic scan rate: 5 mV/sec.
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Cyclic and differential pulse voltammograms for
iron(III) protoporphyrin IX adsorbed on a vitreous carbon
electrode are shown in Figure 4. This area under half
of the cyclic voltammogram corresponds to the presence
of ca. 107 '" moles cm™® of reactant assuming a one-electron
electrode reaction. That a one-electron process 1is
involved was confirmed by measuring the sweep rate
dependence of the cathodic peak current. The ratio of
the slope of a plot of peak current vs. sweep rate to
the area under a voltammogram (at any convenient sweep
rate) can be shown to equal %%%. The measured value of
this ratio was ca. 0.23 %% suggesting that n = 1.

The electrochemistry of both the adsorbed 9,10-
phenanthrenequinone and iron protopofphyrin IX could be
altered by changing the pH of the electrolyte in which
the voltammograms were recorded. Figure 5 shows the pH
dependence of the differential pulse peak potentials
for both adsorbed reactants. The shift of ca. 60 mV
per pH unit resembles the behavior observed with iron
protoporphyrin IX in homogencous solution [8]. The
cyclic voltammetric behavior of 9,10-phenanthrenequinone
in homogeneous solution has not been reported. We
found its homogeneous electrochemistry to be complicated

by a separation into two closely spaced waves at pH

values above 1; similar behavior of the surface species
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Figure 4

Cyclic (A) and differential pulse (B) volt-
ammograms of iron(III) protoporphyrin IX
adsorbed on a vitreous carbon electrode.
Adsorption for 5 minutes from a saturated
solution of the porphyrin in 0.1 M Na,B,05.
Voltammograms recorded in 0.1 M Na,B,0; as
supporting electrolyte. Cyclic scan rate:

5 mV/sec.
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Figure 5

Differential pulse voltammetric peak potentials
for 9,10-phenanthrenequinone (Q) and iron(III)
protoporphyrin IX ([J) as a function of the pH

of supporting electrolyte buffers.
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results when the quinone is adsorbed from such solutions.
However, only a single wave is obtained in supporting
electrolytes of all pH when the adsorption is carried
out from solutions containing 1 M H'. The 60 mV slope
obtained in Figure 5 resembles the homogeneous behavior
of similar anthraquinones [9] and is reasonable for the
expected 2-electron 2-proton reduction reaction. The
fact that the differential pulse peak potential depended
only on the pH of the electrolyte in which the voltammogram
was recorded is evidence of the chemical accessibility
of the adsorbed quinone.

Experiments were conducted with the protoporphyrin
IX to test whether the iron center in the adsorbed
complex was susceptible to ligand substitution. It was
found that in a borate buffer (pH 10) the addition of
1 M chloride ion had no effect on the pcak potential
but saturation of the electrolyte with carbon monoxide
caused an anodic shift of 50 mV in the peak potential
which could be reversed by subsequent saturation with
argon. Similar anodic shifts in peak potentials also
resulted when imidazole or pyridine were added to the
supporting electrolytes in modest concentrations (0.01 -
0.1 M). At higher concentrations these strong axial
ligands [10] tended to strip the adsorbed porphyrin from

the electrode surface.
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The general responses of the adsorbed molecules to
changes in the homogeneous concentrations of protons and
potential axial ligands are understandable in terms of
the homogeneous chemistry of the same molecules. However,
the evidence does not prove that identical chemistry
is involved on the surface and in solution. It would
not be surprising to encounter surface chemistry which
differs substantially from that in the solution phase
with other reactants or alternative modes of attachment
to the surface.

The small wave that can just be discerned in Figure 4
at potentials anodic of the main wave is enhanced when
the adsorption is carried out from solutions in which
the porphyrin is known to exist as a monomeric species.
Figure 6 shows a series of differential pulse voltammo-
grams that resulted when the porphyrin was adsorbed from
the aqueous layer produced by equilibrating 1 M HC1 with
a dilute (< 1 mM) chloroform solution of the porphyrin[11,12].
The decay of the prewave suggests that it may represent
a second form of adsorbed porphyrin which is less strongly
attached. If the adsorption is carried out from glacial
acetic acid where the porphyrin is also monomeric [13],
similar behavior results although the peak potential of

the prewave is shifted slightly.
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Figure 6

Differential pulse voltammograms for iron(III)
protoporphyrin IX adsorbed on vitreous carbon
from the aqueous layer resulting when a dilute
chloroform solution of the porphyrin was
equilibrated with 1 M HC1 [11]. Supporting
electrolyte: 0.1 M Na,B,0;. The voltammograms
were recorded successively on the same electrode,
in the order shown. The elapsed time between

each recording was approximately 5 minutes.
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A further indication of the differences in the two
forms of the attached porphyrin appears when small amounts
of oxygen are introduced as shown in Figure 7. The
current at potentials near the prewave grows as the oxygen
concentration is increased while the more cathodic wave
remains unaffected. In the absence of adsorbed porphyrin
and with comparable oxygen concentrations, the peak due
to the reduction of the oxygen occurs at potentials
about 200 mV more negative so that the adsorbed porphyrin
appears to provide a modest catalysis of the oxygen
reduction reaction.

It is somewhat surprising that differential pulse
voltammetry, a technique designed to discriminate against
capacitive charging currents, should prove so useful in
measuring currents which flow to charge the faradaic
pseudocapacitance arising from adsorbed recactants. The
effectiveness is in fact dependent upon the presence
of some uncompensated resistance in the circuit controlled
by the PAR 174 instrument. A theoretical analysis of the
peak currents to be expected in differential pulse
voltammetry with nernstian reactants bound to electrode
surfaces in the presence of uncompensated resistance [14]
shows that the relationship between peak currents and the
quantity of attached reactant will not be linear in

general.  llowever, approximate linearity is predicted
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Figure 7

Differential pulse voltammogram for oxygen
reduction at a vitreous carbon electrode on
which iron protoporphyrin IX is adsorbed.
Supporting electrolyte: 0.1 M Na,B,05.
Voltammograms were recorded after introduction
of increasing quantities of oxygen. The
largest peak current is ca. one-fifth as

large as that obtained in an air-saturated

solution.
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within certain ranges of surface concentration and
uncompensated resistance. Figure 8 shows plots of both
the differential pulse and cyclic voltammetric peak
currents vs. the quantity of adsorbed 9,10-phenanthrene-
quinone under conditions where the.uncompensated resistance
present in the cell was approximately 100 ohms. The
lincarity of the cyclic voltammetric data is to be
expected [5,6]. The corresponding linearity, zero-
sintercept and larger slope of the plot of the differential
pulse data are encouraging observations which suggest

that the more sensitive differential pulse technique

can provide quantitative as well as qualitative electro-
chemical information about reactants attached to electrode

surfaces.
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Figure 8

Differential pulsc (a) and cyclic (b) voltammetric
peak currents vs. quantity of 9,10-phenanthrenc-
quinone adsorbed on a pyrolitic graphite
electrode. The quantity adsorbed was estimated

by integration of the cyclic voltammetric
current-potential curves. Supporting electrolytc:
1 M CH3CO0H. The lines are the result of least-
squarcs regression of the data. Cyclic scan

ratec: 10 mV/scc.
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A number of schemes for the attachment of a variety
of molecules to electrode surfaces have been proposed and
tested recently (1-12). 1In only a few instances have the
attached molecules exhibited the long-lived, reversible
electrochemical behavior that would be essential for
effective catalysis of charge transfer reactions involving
less reactive substrates to be realized. In preliminary
experiments (4) directed at such an objective we reported
some examples of reactants containing multiple aromatic
rings (e.g., 9,10-phenanthrenequinone, iron protoporphyrin IX,
and iron tetraphenylporphyrin), which attach themselves
to graphite electrodes by spontaneous, irreversible adsorption.
In media free of attached reactant, these surface species
remain adsorbed for hours and can be cycled repeatedly
between oxidation states electrochemically. The tendency
of sufficiently large, aromatic molecules to adsorb on
graphite has also been exploited to attach a simple
transition metal complex, Ru(NHg)sL2+ (L is the large,
aromatic ligand), to a graphite electrode and to examine
its electrochemical behavior in the attached state (12).

In the present paper, methods similar to those
.described by Miller and co-workers (2) were used to
attach the same ruthenium redox couple to graphite electrodes

by coordinating the metal to a pyridine ligand which was,
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in turn, covalently linked to the graphite surface. The
objective was to compare the two methods of attachment
with respect to the electrochemical behavior of the redox

center and to the longevity of the attachment.

EXPERIMENTAL

Materials
Graphite. The pyrolytic graphite was commercially
available material (Union Carbide Corp., Parma, Ohio).
It was obtained in the form of cylindrical rods in which
the layered (basal) planes of graphite were either
parallel or perpendicular to the axis of the rod. 1In
the former case surfaces cut perpendicular to the rod
axis presumably contain a large number of 'edge' carbon
atoms and will be termed edge pyrolytic graphite (EPG).
In the latter case,cut surfaces contain mostly basal
planes and are termed basal pyrolytic graphite (BPG).
Complexes. [Ru(NH3)sC1]Cl, was prepared from
Ru(NH;)¢C1l; by standard procedures (13). [Ru(NH3)sL](PF¢),
where L = pyridine, 4-aminomethylpyridine, (AMP), (insert drawing 1)
and N-(4-picolinic)-benzamide, (PBA), (insert drawing 2)
were synthesized by adaptation of a procedure described
in reference (14): To a solution of Ru(NH3)5(0H2)2+,
generated by reduction of Ru(NH3)5C1?+ with zinc amalgam,
a five-fold excess of L was added and the reaction allowed

to proceed for ca. 1 hour. The resulting solution was
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filtered and the desired complex precipitated by addition
of solid NH,PFg.

The ligand, PBA, was synthesized by the reaction.of benzoyl
chloride and 4-aminomethylpyridine in benzene. The crude product
was recrystalized from benzene yielding white needles which gave
the following elemental analysis (%): C, 73.69, H, 5.79, and
N, 13.13. Calculated for C,3H;,N,0 C, 73.56, H, 5.70 and N, 13.20.
The preparation of the ligand, 1-(9-phenanthrene)-2-(4-pyridine)-
ethene, (PPE), (insert drawing 3) and its ruthenium complex
have been described (12} .

Other chemicals, solvents and supporting electrolytes
were reagent grade and were used as received.

Apparatus. Cyclic voltammograms and differential
pulse voltammograms were obtained by means of a Princeton
Applied Research Model 174 Polarographic Analyzer.

Conventional two-compartment cells were employed with a
platinum wire auxiliary electrode and a saturated calomel
reference electrode, Both BPG and EPG electrodes were

in the form of disks, Disks were obtained from rods of
basal plane pyroiytic graphite by slicing with a razor
blade, Those from edge pyrolytic graphite rods were cut
on a lathe. Both types of electrode were mounted in the
Teflon holder shown in Figure 1. The O-ring seal defines

2
a reasonably reproducible surface area of ca, 0.12 cm
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Figure 1

Teflon holder for pyrolitic graphite

disk electrodes.
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and there was no evidence of the solution leaking under

the O-ring even after several hours of use. The holder
allows electrodes to be mounted in less than one minute
which is highly desirable when a large number of electrodes
is being screened. The electrode surface is recessed

ca. 2 mm below the outer orifice of the removable Teflon

cap but it did not prove difficult to stir the solution

well enough to ensure that the solution layer at the
electrode surface was representative of the bulk solution
composition.

Procedures. The graphite discs were subjected to

various treatments designed to clean and oxidize the
surface, to attach ligands to the surface and to form
ruthenium complexes with the attached ligands.

Treatment I - EPG disks were abraded in air with clean,
AG2-400 silicon carbide paper (Minnesota Mining § Manufacturing
Co., Minneapolis, Minnesota) to expose fresh graphite. The
sur faces of these discs were flat but visibly rough. They were not
polished further for fear of decreasing the number of exposed
"edge' carbon sites. Loose graphite particles were removed by
vigorous washing withwater and the disks were dried under vacuun.
Treatments of BPGelectrodes beganwith cleavage of a thin layer from
the surface to expose fresh graphite instead of abrading the surface
withsilicon carbide paper. Both types of disks were thenheated in
air at 400° C for four hours, cooled, treated in a Soxhlet extractor

withdistilled water for twelve hours and dried under vacuum.
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Treatment II - Disks from Treatment I were subjected
to Soxhlet extraction with benzene for twelve hours and
dried under vacuum,

Treatment III - Disks from Treatment I were stirred
overnight - in a refluxing solution of benzene (10 ml.)
containing 2 ml of 4amminomethylpyridine, The disks
were rinsed with several portions of benzene and then
subjected to twelve hours of Soxhlet extraction with
benzene, removed and dried under vacuum.

Treatment IV - Disks from Treatment I were stirred
in a refluxing mixture of benzene (5 ml.) and thionyl |
chloride (5 ml.) for eight hours, rinsed with pure
benzene and then subjected to Treatment III,

Treatment V - A 0.01 M solution of Ru(NHj)sOH, '
was prepared by dissolving [Ru(NH3)sC1]Cl, in a 0.1 M
solution of sodium trifluoracetate (pH 6 - 7) and reducing
the Ru(III) to Ru(II) at a stirred mercury pool electrode
at -700 mV vs. S.C.E. under argon. The resulting
solution was transferred under argon to a second vessel
containing the disk electrodes which were soaked in the
solution for 30 minutes, rinsed thoroughly with water
.and air dried.

Electrochemical measurements were conducted at room

temperature (22 #2° C) in solutions freed of oxygen by
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bubbling with argon that had been passed through a
vanadium(II) solution. All potentials are quoted vs.

the saturated calomel electrode (S.C.E,)

RESULTS

Relevant Formal Potentials of Unattached Ruthenium

Complexes. Formal potentials for the couple Ru(III) (NH3)sX +
e = Ru(II)(NH;)sX have been measured in a variety of
supporting electrolytes for a considerable number of hetero-
1i§ands, X (15516} Those most relevant to the present
study are collected in Table I and include values, measured
as part of the present study, for complexes for which no
previous potentials were available in the desired acidic
electrolyte. Supporting electrolytes consisting of 1 M
acids were employed in the present case in order to shift
the inevitably present, pH-dependent waves associated with
oxidation and reduction of the graphite electrode surface
out of the potential region characteristic of the ruthenium
complexes investigated. Differential pulse voltammetry

was used to measure the formal potentials in Table I

using EPG electrodes which had been subjected to Treatment I
(see Experimental section). The width at half-peak height
of the differential pulse voltammograms was typically 90

to 95 mV compared with the expected 90.4 mV for a one-
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TABLE I. Formal Redox Potentials of Some Selected Complexes
of Ru(III) - Ru(II)
Ef, mV Supporting
Complex vs. SCE Electrolyte Reference
Ru(NH;) "2 27 -194 0.1F NaBF, (15)
-191 1 M HTFA this work
-210 1 M HCL this work
Ru(NH3)spy T2 °% 60 0.1F NaTFA - 0,1F HTFA (15)
48 1F HTFA this work
26 1F HC1 this work
Ru(NH3) sL°*» %"
L = AMP 95 1F HTFA this work
76 1F HC1 this work
L = PBA 44 1F HTFA this work
23 1F HC1 this work
Ru(NH3) sOH, »2%  -179 0.1F NaTFA - 0,1F HTFA (15)
Ru(NH,)sC1 72" % -287 0.2F NaTFA (15)

pY = pyridine
HTFA = Trifluoroacetic acid

NaTFA - Sodium trifluoroacetate
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electron nernstian reaction, indicating that high electron
transfer rates prevail between the dissolved complexes
and the EPG graphite electrodes. The small differences
in the formal potentials in Table I for hydrochloric acid
and trifluoroacetic acid supporting electrolytes are most
likely reflections of differences in the extent of ion
pairing between the cationic reactants and the supporting
electrolyte anions in the two cases.

Attachment of Ru(II)(NH3)§t to Graphite Electrode

Surfaces by Means of a Covalently Bound, Pendant Pyridine

Ligand, Graphite disks were subjected to Treatments III
and IV (see Experimental section) in order to produce a
surface containing 4-aminomethylpyridine groups and to
Treatment V to attach the Ru(NH3)52+— moiety to the
pendant pyridine ligand. The 1ikely surface chemistry

is indicated in Figure 2.
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Figure 2

The likely surface chemistry involved in the
attachment of Ru(II)(NH3)52+ to graphite

electrode surfaces.
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The unabraded graphite disks with chiefly basal planes

exposed (BPG) showed no detectable attachment under any of
the reaction conditions investigated. By contrast, attachment
to EPG disks was successful. Figure 3 shows typical differential
pulse voltammograms recorded at EPG disks following the treat-
ments used to achieve attachment of the Ru(II) complex. The
surfaces of the disks show no apparent changes to the eye at
any stage of the treatments and the differential pulse voltammo-
grams recorded at any point prior to Treatment V are virtually
identical (Figure 3). However, disks subjected to Treatments III
and IV and then soaked in a solution of Ru(NH3)50H22+, -
Treatment V, yield a prominent differential pulse voltammetric
peak centered at ca. +135 mV.

Cyclic voltammograms recorded at EPG disks that have under-
gone Treatments III and V or IV and V are displayed in Figure 4.
The waves have the symmetric shape characteristic of a surface
redox couple (11); however, the peak potentials are not identical.
They differ by 40 mV (Figure 4A). Furthermore, the width at
half peak height is 145 mV (Figure 4A or 4B) compared to the
theoretical value of 90 mV (17). The area under the waves in
Figure 4 corresponds to a surface concentration of 4.6 x 1g =+
moles cm ~ (geometric area).

Repeated scanning of these waves between the potential
limits shown causes no change in their size or shape.
However, if the electrode potential is maintained in the range

between +0.5 and 1.0 volt for several minutes, the peak current
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Figure 3

Different pulse voltammograms recorded at
EPG discs. The discs have undergone the
treatments indicated (see Experimental
section). Supporting electrolyte: 1 M
Trifluoroacetic acid. Scan rate: 2 mV

sec . Modulation amplitude: 5 mV.
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Figure 4

Cyclic voltammograms of covalently attached
Tu(NH3) s (CAAMP). Supporting electrolyte:
1 M Trifluoroacetic acid. Scan rates: A,

0.1 volt sec ', B, 5.0 volt sec '
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of subsequently recorded voltammograms is decreased markedly.
Disks that have undergone Treatments III and V or IV and V can
be stored in air for up to a day without significant changes in
the wave at +135 mV. As expected, the wave can be entirely
eliminated by abrading the electrode with silicon carbide

paper.

Control Experiments. The possibilities that during Treat-

ment V the Ru(NH3)50H22+ might seep into microcrevices in the
disks or react with groups present on the surface of the oxidized
graphite to (somehow) produce an attached or adsorbed ruthenium
cdmplex were examined by exposing disks that had been subjected
only to Treatments I or II to the solution of Ru(NH3)50H22+.
The lack of any detectable differential pulse peak using such
disks (Figure 3 ) is strong evidence against these possibilities.
Additional control experiments that produced no sign of
attachment included the exposure of disks subjected to the
Treatments I, II and III or IVto 0.01 M solutions of Ru(NHa)s3+,
Ru(NH3)s or RU(NH3)5C12+- Theseresults confirmed the absence of
significant porosity in the pyrolytic graphite employed as well as
demonstrating that a labile coordination position in the ruthenium

complex is required for the attachment reaction to be successful .

The (remote) possibility that the attachment process, instead
of proceeding as suggested in Figure 2Z, involved a very strong
ion-pair interaction between anionic groups on the oxidized graphite
surface and the cationic amminomethylpyridine pentaammine ruthenium

complex was eliminated.by soaking graphite disks in 0.01 M solutions
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of [Ru(NH3)s (AMP)] (PFe)2 at pH 1 or 7. (Samples of solid
[Ru(NH3) s (AMP) ] (PF¢) 2 invariably contained Ru(NH3) s (OH2) (PF¢).
as an impurity. It was therefore necessary to add a slight
excess of 4&-amminomethylpyridine during these experiments.)
Disks subjected to these treatments showed no electrochemical
response in the range of potentials where the peaks were
obtained in Figure 3.

Peak Potentials. The peak potential (135 mV in

1F HTFA; 115 mV in 1F HC1l) of the waves shown in Figure 3
falls in the expected range for a pentaammineruthenium
complex in which a m-acid such as pyridine occupies one

of the coordination sites. If the sixth coordination

site were occupied by a ligand such as an ammine, a halide
anion or water the peak potential would appear at potentials
200 to 300 mV more negative (Table I).

In order to compare the peak potentials of the attached
ruthenium couple with those of unattached complexes containing
a sixth ligand more closely resembling the one which is
believed to bind the ruthenium to the graphite surface,
the differential pulse voltammetry of the complexes

Ru(NH3)5L2+(L = AMP, PBA) was examined.
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The peak potentials of these complexes, given in Table I,
fall very close to that of the corresponding pyridine
complex. From this it may be inferred that the 40 to

90 mV difference between the peak potentials of the
attached ruthenium complex and unattached model complexes
does not result from the presence of the amminomethyl
group in the 4 position of the pyridine ligand or from
the amidization of this group.

Attachment of RU(NH3)5L2+ to Graphite Electrode

Surfaces by Means of the Irreversible Adsorption

of the Pendant Ligand, L. The preparation of the

ligand PPE and its complex with pentaammine-
ruthenium(II) was recently reported along with a
preliminary description of its electrochemical

behavior (12). The phenanthrene group of

the ligand serves as an '"aromatic anchor'" by

spontaneously adsorbing on the surface of graphite
electrodes and carrying with it the ruthenium complex
attached to the pyridine group in the ligand., In contrast
to the covalent attachment scheme which depends upon

the presence of an adequate number of appropriate functional
groups on the electrode surface, attachment by means of
pendant aromatic anchors proceeds readily on BPG as well as

on EPG electrodes. Figure 5A shows a cyclic voltammogram



63

obtained with a BPG disk that had been soaked in a dilute
solution (less than 1 mM) of Ru(NH3)5(PPE)2+ in 1:1 acetone-
water for 15 min., removed, washed thoroughly with water,
and dried in air before being mounted in the electrode
holder (Figure 1). The well-formed waves have the
symmetrical shape, identical peak potentials and nearly
the 90 mV width at half peak height characteristic of
reactants which undergo rapid electron transfer and
are confined to the surface of an electrode (17). The
area encompassed by either the anodic or cathodic wave
corresponds to a surface concentration of 5,2 x 107"
moles cm (geometric area),

Figure 5B is a cyclic voltammogram obtained with a
EPG disk which was subjected to the same treatment as
the BPG disk in Figure 5A. The waves are not as well
separated from the background currents, their shape is
less symmetrical, the peak potential separation appears
to be greater than was true with the BPG electrode, and
the width at half peak height is 115 mV, Nevertheless,
the apparent surface concentration evaluated by integration
of the cyclic voltammogram, 2.8 X 107" moles cm‘z, is
-significantly greater than that at the BPG electrode,
The differences in the behavior exhibited by the two types
of electrode are believed to be the results of the

significantly larger microscopic area of the EPG electrode



64

Figure 5

Cyclic voltammograms of adsorbed Ru(NHg)s(PPE)2+
on a BPG electrode (curve A) and an EPG electrode
(curve B). Supporting electrolyte: 1 M Trifluoro-

. . ; -1
dcetic acid. Scan rate: 2.0 volt sec
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which produces greater background currents associated
with double layer charging and surface oxide formation
and reduction. These background currents are asymmetric
within the potential region where the cyclic voltammetric
waves of the adsorbed reactant fall and the resulting
asymmetric summing of the background and faradaic currents
causes the two peak currents to appear at different
potentials. Comparison of the two voltammograms in

Figure 5 makes it clear that BPG electrodes are preferable
for inspecting the electrochemical response of reactants
which ére attached to the electrode surface by means of
aromatic anchors,

Sweep Rate Dependence of Faradaic Currents for Attached

Complexes and Background Currents at Graphite Electrodes. In

cyclic voltammetry the relatively small faradaic currents
that result with reactants attached to the electrode surface
are often obscured by the background currents which are

also present. The component of the background current
arising from double layer charging, id.l.’ is given by

Equation 1

Av (1)

where Cd 1 is the double layer capacitance, A is the

electrode area and v is the rate of potential scan. The
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faradaic current arising from the presence of T moles

cm of an attached reactant that obeys the Nernst

equation is (4)

. _ n’F?’TAv
e = TarT— 123

Since both currents depend linearly on the rate of
potential scan, one would not expect to be able to
improve the ratio of faradaic to double layer charging
current by increasing the scan rate, However, comparison
of theﬁtwo cyclic voltammograms in Figure 4 shows that the
faradaic peak becomes somewhat more prominent at the higher
scan rate, This type of behavior was observed with EPG
electrodes independent of the mode of attachment of the
reactants,

Figure 6 summarizes the observed sweep rate dependence
of background and faradaic currents for both EPG and BPG
electrodes. (Double layer charging current, id.l.’ was
measured as one half the distance between anodic and
cathodic traces on the cyclic voltammograms.) With the
exception of Curve D, all of the data lie close to the
.straight lines of unit slope expected on the basis of
Equations 1 and 2. The smaller slppe of Curve D,

which represents the background current
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at an EPG electrode, means that the fawvadaic current
increases more rapidly than the background with EPG
electrodes so that the prominence of faradaic peaks is
enhanced at higher scan rates. The origin of this effect
is most likely associated with the kinetics of the
formation (and removal) of graphite oxides on the EPG
electrode surface which constitutes a major component of
the background current. Curve A in Figure 6 shows that
BPG electrodes yield smaller background currents which
exhibit the expected linear dependence on scan rate,
Cfclic voltammetry at appropriate scan rates is a
useful procedure with high surface concentrations of
attached reactants but at lower concentrations its
sensitivity is inadequate at any scan rate and the
differential pulse technique becomes preferable (4,11).

Evaluation of Surface Concentrations with Differential

Pulse Voltammetry., The general properties of differential

pulse voltammograms recorded with reactants attached to
electrodes have been discussed recently (11). By restricting
measurements to sufficiently slow scan rates (1 mV s™!

or less) peak potentials are obtained that fall close

.to the formal potentials of the attached reactants and

are independent of the direction of the scan, Introducing
(uncompensated) resistance in series with the indicator

electrode produces an enhancement in the peak current and
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Figure 6

Log current vs. log scan rate for voltammetric
peak and background currents. A: Background
current at -200 mV for BPG electrode. B: Peak
current for Ru(NHa)s(PPh)2+ adsorbed on BPG
electrode. C: Peak current for covalently
attached Ru(NH3)s (CAAMP) on EPG electrode.

D: Background current at -200 mV for EPG
electrode. E: Peak current for Ru(NH;) s (PPE)

adsorbed on EPG electrode.
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provides a method for estimating the amount of reactant
attached to the electrode (11). Figure 7 shows plots of
differential pulse voltammetric peak currents for both

forms of attached reactant versus the amount of uncompensated
resistance present in the circuit controlled by the pulse
polarograph. The maximum peak current occurs at the

value of the uncompensated resistance, Ru’ given in

Equation 3 (11):

01
(Ry)max = t(-Cd.l. + Cg) £2

where t is the time at which differential pulse current
is sampled and Cf is the faradaic pseudocapacitance which
is given by Equation 4 for nernstian reactants (1)

_ n?F2AT 4
f‘“"'ﬁr‘ ()
The surface concentration can then be determined by

measuring (Ru) and Cd 1 and applying Equation 5:

max

4RT £
P &= s -~ C (5)
nF A | R T ax d,1.

As is clear from Figure 5 the effective value of
Ca 1 obtained from cyclic voltammetry and Equation 1

depends somewhat upon the scan rate employed, especially
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Figure 7

Differential pulse voltammetric peak current
vs. uncompensated resistance added to the
cireuit. Az Ru(NHg)s(PPE)2+ adsorbed on EPG
'élecfrode. B: Covalently bound Ru(NHj;) s (CAAMP)
on EPG electrode. C: Ru(NHg)s(PPE)2+ adsorbed

on EPG electrode.



13

PEAK CURRENT (pA electrode™)

0.25
0.20
0.15
0.10

0.05

L y -

800 1200 1600 2000

- .. -

i 1 ! |

0o
0

2000 4000 6000 8000 0000

UNCOMPENSATED RESISTANCE (ohms)

Figure 7




74

with EPG electrodes. The appropriate value of C to

dels
use in Equation 5 seems likely to be that resulting from
a voltammogram recorded at a scan rate corresponding to
the ratio of the pulse magnitude to the current sampling
time employed in the differential pulse voltammetry.

For the PAR 174 instrument the current sampling time is

48 msec and 5 mV pulse amplitudes were used so the

value of Cd.l. was evaluated from cyclic voltammetric
currents measured at a scan rate of 5/48 = 0.105 volts 57!
The resulting values of T estimated from Equation 5 are

' and 1.0 x 10"° moles cm ®for Ru(NHs)s (PPE)>"

2,9 x 107
adsorbed on BPG and EPG graphite, respectively, and

1.8 x 107 '° moles cm ® for covalently linked
Ru(II)(NH;)s(CAAMP) (insert drawing4) onEPG graphite. The
corresponding values estimated from the areas of the cyclic volt-
ammograms recorded at the same time as the data in Figure 7 are
4.0 x 107*° , 2.3 x 10"° and 1.2 x 10"'° moles cm™’

The agreement between the two sets of values for T is

well within the estimated uncertainties that are known

to be associated with the use of Equation 5 (11).

The considerably greater surface concentration
.obtained with adsorptive attachment on EPG disks probably
reflects the larger microscopic area of this form of
graphite. The adsorption of more than a monolayer of

the reactant may also be occurring since the aromatic
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anchors might be expected to attach to themselves about
as readily as to the graphite surface.

Rates of Loss of Attached Reactants from the Electrode

Surface. The slow decrease in the magnitude of differential
pulse voltammetric peak currents was used to monitor the
loss of reactants from the electrode surface. (Between
scans the electrodes were potentiostated at -0.15 V.
Detached reactants were removed by periodically flushing
the cell with fresh electrolyte solution.) The data,
plotted semi-logarithmically in Figure 3, indicate that
the rafes of detachment of both adsorbed and covalently
linked reactants follow first-order kinetics only after
a significant fraction of the initially attached species
has been removed. The half-lives evaluated from the
linear portions of the plots for the loss of adsorbed
[Ru(NH3) s (PPE)}1?" and covalently linked Ru(NH3)s(CAAMP)
were 313 and 1080 min., respectively. The adsorbing
reactant, [Ru(NH3)5(PPE)]2+, can readily be reattached
to electrodes from which it has desorbed. However, the
diminishing pulse voltammetric waves for the covalently
linked complex cannot be restored by exposing the spent
electrodes to fresh solutions of Ru(NH3)50H22+. This
might be taken as an indication that it is the rupture

of the amide bond holding theligand to the electrode
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surface which determines the rate of loss of the covalently

linked complex.

DISCUSSION

The experimental results summarized here make it
clear that attachment of electrochemically active reactants
to the surface of graphite electrodes can be readily
achieved both by spontaneous adsorption via "aromatic
anchors" as well as by the controlled synthesis of
stitable functionalities on the electrode surface (cf.
Figure” 2 ). The two routes to attachment differ markedly
in the longevity of the attached reactants (Figure 8)
but, at least for the Ru(III)/Ru(II) couples studied
here, the electrochemical behavior of the two types of
attached reactant 1is virtually identical, It may be that
the very high intrinsic electron transfer rates of
ruthenium pentaammine complexes effectively mask real
differences in electrochemical reactivities of the
two forms of attached reactants so that the attachment
of a less reactive redox couple would provide a more
sensitive test of this question.

The surface chemistry indicated in Figure 2 is
based, in part, on the established presence of carboxylic
acid functionality on high area, oxidized graphites (18),

The fact that 4amminomethylpyridine could be successfully
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Figure 8

Semilogarithmic plot of differential pulse
voltammetric peak current vs. the time the
electrode was exposed to the supporting
\electrolyte solution. A: Ru(NHg)s(PPE)2+
adsorbed on EPG electorde. B: Covalently
attached Ru(NH;) s (CAAMP) on EPG electrode.
Supporting electrolyte: 1 M Trifluoroacetic

acid.
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attached to EPG but not (detectably) to BPG electrodes
supports the proposition that the attachment requires an
abundance of oxidized functionalities on the surface.
However, it 1s somewhat surprising that the attachment
of 4-amminomethylpyridine, if accomplished by means of a
simple amide bond, was just as great at oxidized electrodes
which were not treated with thionyl chloride as at

those which were. Nevertheless, we are convinced

that the attachment described does involve a covalent
bond because the control experiments clearly rule out
spontaneous adsorption of [Ru(NH3)s (AMP)] as

well as the possibility of ionic bonding such

as (insert drawing 5). Furthermore, the

durability of the attached rutheniuﬁ complex,

t1/2 ~ 18 hours, is inconsistent with anything

but a strong covalent attachment bond.

Finally, &t may be worth pointing out that
Ru(III)/Ru(II) complexes were selected for this study
because their chemistry features several extremely
desir virtues: i) Both halves of the redox couple
are sufficiently substitutionally inert that the complex
is not chemically destroyed within a few cycles of
oxidation and reduction; 1i) the standard electron
transfer rate constant for the Ru(III)/Ru(II)

Y : -1
pentaammine complex is quite high (~1 cm sec )
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assuring nernstian behavior with correspondingly sharp
differential pulse and cyclic voltammetric responses;

iii) the formal potentials of the attached redox couples
can be adjusted over a considerable range by selection

of the sixth ligand in the metal's coordination sphere,

To match these chemical properties with other, particularly
first-row, transition metal complexes will probably require

the use of multi-dentate ligands.
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SECTION I-C

Rotating Ring-Disc Electrode Studies of Oxygen Reduction

at Platinum and Modified Pyrolytic Graphite Surfaces
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Introduction

Because of possible practical applications to fuel cells and
air batteries, the reduction of dioxygen at electrodes has been
extensively studied and reviewed (1,2). As explained in the
Introduction to Part I of this thesis, this author has taken part
in collaborative effort to discover oxygen-reduction catalysts and
attach them to conductive supports (3). Considering the importance
of this goal, it was necessary to establish a procedure for
catalyst evaluation. The electrochemical methods classically used
for this purpose have involed use of a rotating ring-disc electrode
(RRDE) (1,2,4-7). The rotating ring-disc technique, which is
described in a book by Albery and Hitchman (8), is particularly
useful in studies of oxygen reduction due to the ease with which
electroactive intermediates are detected. The most stable inter-
mediate in the reduction of oxygen to water is hydrogen peroxide.
It has been shown (3) that efficient reduction of 0, to H,0 cannot
proceed through H,0,; therefore, it is important to ascertain
whether or not a catalytic electrode produces this intermediate.

This section contains preliminary attempts to study oxygen
reduction on modified pyrolytic graphite electrodes. Included
are:

a) descriptions of procedures and experimental conditions,

b) the behavior of a known oxygen electrocatalyst, platinum,
under these conditions,

c) two modified surfaces which do not catalyze O,-reduction, and



85

d) data for a modified surface that does catalyze 0,-reduction

and qualitative comparisons between it and platinum.

Experimental

Materials. Trifluoroacetic acid, HTFA, (Matheson, Coleman, and
Bell) and sodium borate decahydrate (J. T. Baker) were used as
received. De-ionized water was distilled from a 0.1 M permanganate
solution and then from a vessel free of permanganate prior to use.

Compounds. 9-10-phenanthrenequinone (Eastman Organic Chemicals)
was recrystallized from benzene. Iron(III) protoporphyrin IX
chloride (Eastman Organic Chemicals) was used as received. The
procurement and use of polyvinylpyridine (PVP) and Ru(edta) will
be published elsewhere (9).

Apparatus. All voltammograms were obtained using a Pine
Instrument Company (PIC) Model RDE3 Potentiostat in conjunction
with a Hewlett Packard Model 7046A X-Y recorder. Working electrodes
were PIC Model DT6 ring-disc electrodes. One electrode contained
a platinum disc while the disc on the other electrode was pyrolytic
graphite. Both electrodes had platinum rings. Rotation was
accomplished with a PIC Model ASR2 analytical rotator. The auxiliary
electrode was a platinum wire. The reference electrode was a
saturated calomel electrode (SCE), but all potentials reported are
with respéct to the normal hydrogen electrode (NHE). This conversion

is made by subtracting 0.25 V from the raw data.
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The electrochemistry cell, which is shown in Figure 1, was
fashioned from a 400 ml Pyrex beaker. The upper lip of the beaker
was removed and an additional compartment was added to house the
reference electrode. The compartments were separated with a
medium-porosity sintered glass frit. The cell was covered with
a teflon plug which fitted snugly into the top of the beaker.
Apertures in the plug allowed for entry of the working and
auxiliary electrodes and a glass pipette which was used for
deasration and oxygenation of solutions

Argon was dispersed into two consecutive vanadous solutions
and an aqueous solution prior to entry into the cell. Oxygen was
dispersed into an aqueous solution prior to use.

Procedures

The ring-disc electrodes were routinely polished with 0.3
micron alumina (Linde) mixed with water on a Microcloth (Buehler)
polishing pad. Occasionally, the pyrolytic graphite electrode
was resurfaced with 320-grit silicon carbide paper.

Electrode coatings of 9,10-phenanthrenequinone and iron(III)
protoporphyrin IX were achieved by allowing the electrodes to soak
in dilute (~10"® M) solutions of the materials for .15 minutes.
The solutions were acetone/water (1:1 by volume) and Na2B4O7
(0.1 M) in water, respectively. The working electrodes were always
washed with copious quantities of water before electrochemical

experiments.
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Figure 1

Rotating ring-disc electrode cell.
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Results and Discussion

Calibration of Electrodes. The two rotating ring-disc electrodes

used had the same dimensions and ring material (platinum). One
electrode contained platinum as the disc material and the other
pyrolytic graphite; these electrodes are forthwith referred to as
PG-Pt and Pt-Pt. Table I contains the dimensions of the electrodes

given by the manufacturer and the calculated disc area, A.

TABLE I
disc radius, r; (cm) - 0.382
inside ring radius, r, (cm) - 0.399
outside ring radius, ry (cm) - 0.422
- 2 _
disc area, ACalC (cm*) 0.459
decti ££i - 0.177
collection efficency, NCalc 0.1

Included in Table I is the collection efficiency which was calculated
using formulae found in the literature (8).

The disc areas and collection efficiencies were also measured
experimentally. The systems used for these calibrations were
the reduction of Fe(III)(CN)¢3®  in HTFA (0.5 M) for the PG-Pt
electrode and the oxidation of Fe(II)(CN)4*" in HTFA (0.5 M) for
the Pt-Pt electrode. The areas were obtained using the Levich

equation (2):
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i =199 nFAD?/ *p /8, /2D

L
where iL = diffusion-limited current (mA)
n = # of electrons in reaction
F = coulombs/mole = 96484
A = area (cm?)
D = diffusion coefficient (cm?/sec)
r = kinematic viscosity (cm?/sec)
w = rotation rate (r.p.m.)
® = concentration (moles/cm®)

At 22° Cr = 0.957 x 1072 (10). The Levich equation simplified to:

i = 4.18 x 107 nanP! 2 P2 b

/

. . 1/2 y :
Plots of 1L versus i for the two electrodes are shown in Figure 2.

as expected, i, has a linear dependence on w1/2~a1though least-

L
squares lines calculated from the data have small positive y-inter-
cepts. From the slopes of the least-squares lines and the known
diffusion coefficients of Fe(III)(CN) *" and Fe(II)(CN)*",

0.763 x 10" ° cm?/sec and 0.641 an?/sec (11), respectively, electrode

areas can be calculated for the PG-Pt electrode A.obs = 0.406 cm?
and for the Pt-Pt electrode Abbs = 0.362 cm®. The values are

drastically different from AC 0.459 cm?, but gave reasonable

alc
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Figgre 2

Plot of the limiting disc currents i. versus the square

%
root of rotation rate (wl/z) for the reduction of

Fe(CN) (®” (1.46 mM) on the PG-Pt electrode (A) and the
oxidation of Fe(CN)sk' (1.01 mM) on the Pt-Pt electrode

(®).
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results when used in interpretations of the oxygen reduction data.
During the area calibration experiments, collection efficiencies
were also measured by holding the ring at the initial potential
of the disc scan range. Collection efficiencies are simply the
ratio of the ring and disc limiting currents. For both the Pt-Pt
and PG-Pt electrodes, N

obs
The observed collection efficiencies, No

varied only slightly with rotation rate.

= 0.164 for the Pt-Pt
bs

electrode and NObs = 0.161 for the PG-Pt electrode, were fairly

= 0.177.

close to the calculated value, NCalc

Oxygen Reduction on Platinum

Because platinum is the best known electrocatalyst for oxygen
reduction (2), it was used as a surface with which to calibrate
synthetic catalysts. The reduction of 0, in H,SO, (1 M) at a
Pt-Pt ring-disc electrode has been studied by Bockris and coworkers
(4). The principal findings are described below:

a) In sulfuric acid solutions that have been rigorously
purified, oxygen is reduced at a diffusion-controlled rate in a
four-electron process at ~0.5 V. No hydrogen peroxide is produced
in this process as evidenced by a lack of current at the ring which
is held at +1.4 V where H20, is known to be oxidized;

b) In sulfuric acid that has not been rigorously purified, the
disc current for O,-reduction reaches a maximum at ~0.6 V, but
decays rapidly to a minimum at ~0.4 V. Hydrogen peroxide is

detected at the ring throughout the potential region 0.8 - 0.1 V;
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c) A kinetic analysis of the ring and disc currents, iR and
iD’ as a function of rotation rate (12) establishes that in
unpurified solutions O; is reduced in parallel pathways to H,0,
and H,0. The H,0, produced is not destroyed at an appreciable
rate.

Bockris' observations about the necessity of purifying sulfuric
acid solutions in order to obtain four-electron reduction of 0,
on platinum have been observed in other studies (13). This has
led to the general conclusion that elaborate purification of the
water and gases used in oxygen reduction studies is required (1).
Suspecting that either impurities in the sulfuric acid or else the
nature of the acid itself was responsible for the difficulties
encountered in platinum studies, this author examined the reduction
of 0, on platinum in HTFA (0.5 M). Only routine procedures for
purification of water and gases were used (see Experimental Section).
A typical ring-disc scan is shown in Figure 3. The shape of the
voltammetric curve for the disc is nearly identical to those
reported for purified sulfuric acid solutions. The ring current
is small, accounting for <2% of the current produced at the
disc (14). Similar scans were recorded at a variety of rotation
rates and a plot of iL vs w? is shown in Figure 4. At rotation
rates 5}000 TpM, iL is linearly dependent on w?, From the slope
of a least-squares line drawn through these data, an n-value of 3.6

can be calculated using the Levich equation. The concentration
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Pigure 3

Disc and ring currents (iD and iR) for the reduction of O,

in HTFA (0.5 M) on the Pt-Pt electrode (w = 1000 rpm).
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Figure 3
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Figure 4

Plots of disc limiting currents, iD, versus the square root
of rotation rate, wlﬁ, for the Pt-Pt electrode (®) in
oxygen-saturated HTFA (0.5 M) and for the PG-Pt electrode (&)
in oxygen- and Fe(III)(PPCl)-saturated HTFA (0.5 M).
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of 0, in water at 1 atm is 1.4 x 10”° mole/cm® (11) and the
diffusion coefficient of 0, at 22° C is 1.76 x 10~ ° cm?®/sec (15,16).
This is consistent with a four-electron reduction of 0,, at least
at moderate to slow rotation rates. The unusual behavior at high
rotation rates will be discussed later.

The voltammetric curve in Figure 3 shows a large amount of
hysteresis. This is apparently due to adsorption on the platinum
surface of organics which block O,-reduction sites (4). Before
each scan the electrode must be "activated' by potentiostating
at +1.4 V to form an oxide layer, followed by reducing the oxides
at 0.0 V. One method used by Bockris to evaluate the amount of
organics in the solutions was to measure the current at the disc
as a function of time at a fixed rotation rate and potential.

This was done for the Pt-Pt eiectro&e in the HTFA solution at the
same potential and similar rotation rate. The results are in
Figure 5, curve A. It requires ~20 min for the disc current to
decay to one-half of its original value. This is a slower decay
than Bockris reported for purified H,S0, (4).

No further attempts were made to study the reduction of O, on
platinum, but several observations were made concerning the
"activation' process and the decay of disc currents:

a) The activation process is completely reproducible resulting
in identical voltammograms;

b) The process that 'deactivates' platinum occurs even at

potentials where O, is not being reduced;
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Figure 5

Disc current, iD, plotted against time for oxygen reduction
in HTFA (0.5 M). Curve A: Pt-Pt electrode; w = 200 rpm;

E =0.4 V. Curve B: PG-Pt electrode; pre-adsorbed
Fe(III)(PPCl); w = 1000 rpm; E = 0.0 V. Curve C: PG-Pt
electrode; solution saturated with Fe(III)(PPCl); w = 1000

pm; E = 0.0 V.



101

SRR R S LS N T

(uTw) Sury

0T

R

LA PSS

Figure 5



102

c) The decay rate is faster and hysteresis is more noticeable
at higher rotation rates.

The final observation might provide an explanation of why the
limiting currents for O,-reduction at high rotation rates did not
fall on the line predicted by the Levich equation.

Oxygen Reduction on Pyrolytic Graphite

As opposed to platinum, pyrolytic graphite is a very poor
electrocatalyst for oxygen reduction. Voltammograms for the
PG-Pt electrode in 0,-free and O,-saturated solutions are shown
in Figure 6. In the absence of 0,, no processes are evident
anodic of 0.0 V where hydrogen adsorption begins. Protons apparently
are not being reduced to molecular hydrogen because no ring current
is observed. In the presence of 02, a much greater amount of disc
current is observed cathodic of 0.0 V. This is apparently due
to reduction of 0, to H,0,, because the ring detects current
proportional to that seen at the disc. These experiments indicate
that any reduction of oxygen on PG positive of 0.0 V is not due
to the material itself.

Modified Electrodes That Do Not Catalyze Oxygen Reduction

The attachment of a reversible redox couple does not require
that the modified surface will have catalytic properties. The
irreversible adsorption of 9,10-phenanthrenequinone on graphite
has been described previously (17). Oyama and Anson have developed

a method of coating graphite with polyvinylpyridine followed by
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Figure 6

Ring and disc currents (iR and iD) for the PG-Pt electrode
in HTFA (0.5 M). Top - argon saturated. Bottom - oxygen

saturated.
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coordination of Ru(edta) (9). The Pg-Pt electrode was coated,in
separate experiments, with each of these reagents. Cyclic voltammetry
could be used to show that the couples were present and redox

active. Rotating studies in the presence of 0,, however, showed
absolutely no catalysis.

Oxygen Reduction on Pyrolytic Graphite with Adsorbed Fe(III)-

protoporphyrin IX (C1)

In 1976 Anson and coworkers reported the irreversible adsorption
of Fe(III)protoporphyrin chloride (Fe(III)PPCl) and its subsequent
surface electrochemistry (17). In Na,B,0, (0.1 M) a wave due to
the electrocatalysis of 0, reduction was observed, which prompted
similar investigation in acidic media. A cyclic voltammogram
depicting the background for the graphite disc in HTFA (0.5 M) is
shown in the top of Figure 7. If, in a separate vessel, Fe(III)PPCl
is adsorbed from a borate buffer onto the surface and returned to
the acid medium, the voltammogram in the bottom of Figure 7 results.
The waves centered at ~0.15 V are due to the reduction of Fe(III)
to Fe(II) (17). In the cathodic scan there also appears to be a
prewave at ~+0.3 V. In an O,-free solution these waves persist
even if the potential is scanned in the rotating mode. If the
solution is then O,-saturated and a rotating voltammogram is
recorded, the behavior shown in Figure 8 is observed. Oxygen begins
to be reduced at ~0.4 V and reaches a plateau at ~0.1 V. As in the

casc of platinum, the wave shows a marked hysteresis. At even
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Figure 7

Cyclic voltammograms of the disc in the PG-Pt electrode
in argon-saturated HTFA (0.5 M). Top - bare pyrolytic
graphite surface. Bottom - after adsorption of

Fe(III)(PPC1) from Na,B,0; (0.1 M). Scan rate = 50 mV/sec.
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Figure 8

Disc and ring currents (iD and iR) for the PG-Pt electrode
in oxygen-saturated HTFA (0.5 M). The pyrolytic graphite

disc contains pre-adsorbed Fe(III)(PPCl) on its surface.
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faster rotation rates the hysteresis causes the 0,-reduction wave
to become distorted. If the potential is held at 0.0 V and the
disc current as a function of time is monitored, Figure 5, curve B
results. In less than 20 min, 90% of the catalytic activity is
lost. If the electrode is then removed from solution and O, is
removed, cyclic voltammetry shows that the waves present in
Figure 7B have disappeared.

The stability of catalytic waves can be increased by saturating
the acid solution with FePPCl. If this is done, the disc current
versus time characteristics are shown in Figure 5, curve C. After
25 min. the current has slowly decayed to ~60% of its original
value. One would expect that after this decay to a near steady-
state catalytic activity, voltammograms free of hysteresis could
be recorded. This was not found to be the case.

Saturating the solution with Fe(III)PPCl did allow voltammograms
of 0,-reduction with well-defined limiting currents over a wide
range of rotation rates to be recorded. At low rotation rates
the limiting currents obtained in this manner were identical to
those obtained with pre-adsorbed Fe(III)PPC1. This implies that
the small amount of Fe(III)PPCl in solution was not affecting the
catalytic wave. The saturated solution data is plotted as iL vs w?
in Figure 4. As with a platinum disc electrode only the data at
w < 1000 rpm is linear. Similarly, the n-value calculated from the

slope of a least-squares line through the linear data is 3.6.



111

The ring current, shown in Figure 8, that occurs when 0, is
reduced on a Fe(III)PPCl-coated electrode is unusual. As the wave
for O,reduction at the disc begins to rise, hydrogen peroxide is
detected at the ring. Instead of increasing to a steady value,
however, the ring current goes through a maximum at ~0.3 V and
decays to a much smaller steady-state value. When the disc current
has reached its plateau, 0.1 V, the ring current accounts for
<1% of the 02 being reduced. At 0.3 V the ring current can account
for as much as 25% of the disc current.

One explanation for this behavior is that the mechanism of
Oz-reduction changes from a two-electron to a four-electron
process as a function of potential. A second explanation, which
was easily tested, is that the modified electrode was also a
catalyst for H,0, reduction. Figure 9 contains the results of
rotating ring-disc experiment in adeacrated solution of H,0, (~1 mM)
in HTFA (0.5 M). The ring is held at +1.4 V where it is oxidizing
H,0, and the disc is scanned cathodically from +1.0 V. For an
untreated PG-Pt electrode (Figure 9, top) the ring current decays
slowly in a monotonic fashion. The decay is due to a buildup of
oxygen bubbles on the ring. For a Fe(III)PPCl coated electrode
(Figure 9, bottom) the behavior is initially the same until
~0.4 V where a reduction wave commences at the disc. This wave
is due to 1,0, reduction as cvidenced by the corresponding decrease

in current at the ring. This experiment does not prove that oxygen



112

Figure 9

Disc and ring currents (iD and iR) for the PG-Pt electrode
in argon saturated HTFA (0.5 M) containing H,0, (~1.5 mM).
Top - untreated. Bottom - pyrolytic graphite disc contains

preadsorbed Fe(III)(PPCl) on its surface.
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Figure 9
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reduction at the Fe(III)PPCl-coated electrodes has H,0, as an
intermediate. Any H,0, that is formed, however, will be rapidly

reduced possibly accounting for the four-electron wave height.

Conclusions

The results presented in this section are of a descriptive
nature. It is possible to extract a much greater amount of
mechanistic data frbm ring-disc experiments (1). This was not
attempted here because of the instability in the oxygen reduction
waves. If the instability is due to the desorption of Fe(III)PPC1,
there are several ways one might attempt to retard this process:

a) Use porphyrins that are less water soluble,

b) Use porphyrins that are water soluble and maintain a
solution concentration that would insure a constant surface
coverage (1), or

c) Covalently attach the porphyrin to the surface (18).

In all probability the mechanism of O,-reduction on the
Fe(III)PPCl-coated electrodes is a two-electron reduction to H20»
with subsequent reduction to H,O0. If this is true, then this
type of electrode cannot ever be engineered to operate at a
potential that is very far anodic of the 0,/H,0, couple, 0.68 V.
Nevertheless, an inert surface has been modified successfully to
increasc its catalytic activity. The synthesis of more potent
catalysts may cventually lead to a modified electrode capable of

cost-efficient oxygen reduction.
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Part I of this thesis dealt with attachment of molecules to
electrode surfaces, hopefully to create a surface which could
catalyze the reduction of dioxygen. While such attachment is now
readily accomplished by a variety of methods (1), the more difficult
problem of finding adequate oxygen reduction catalysts still remains
to be solved (2).

Certainly, ample precedent exists for selecting Cu(I) complexes
as worthy candidates for oxygen catalysts. The natural enzyme
laccase, which contains four copper atoms per molecule, catalyzes
the reduction of oxygen to water (3). Other copper containing
enzymes, tyrosinase and hemocyanin, react with oxygen in activation
and transport phenomena (4,5). There have been several kinetic
studies of the oxidation of Cu(I) by molecular oxygen (6-13), although
these processes inevitably yield H,0, as the oxygen reduction product.
Despite such promise, however, relatively few Cu(I) complexes with
well-defined coordination environments have been isolated in the
past (14). The experimental problems that prevented such work were,
principally (15):

a) The substitution lability of Cu(I) and Cu(II),

b) The tendency of Cu(I) to disproportionate to Cu(II) and
Cu(0),

c) the inability of chemical reagents to reduce Cu(II) complexes
to Cu(I), and

d) the air-sensitivity of Cu(I) complexes.
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The latter problem is, of course, a desirable one which was essentially
solved through the purchase of an inert-atmosphere dry box. Problems
with lability and disproportionation were lessened by choosing
ligand systems which were tetradentate, contained unsaturated
nitrogen donor, and were often closed to form macrocycles.

The problem of reducing Cu(II) complexes selectively to the
Cu(I) state was solved through use of electrochemical techniques.
The development and use of electrochemistry for copper systems has
been this author's major contribution to this research area.

In 1971 Olson and Vasilevskis (16) reported the electrochemistry
of Cu(II)(trans-diene)(Cl10,),, including its electrochemical
reduction to a Cu(I) complex which can be isolated.

Using similar procedures, several Cu(II) complexes were
examined electrochemically and reduced to the Cu(I) state. For
various reasons, further research on most of these systems was judged

to be undesirable. For example, three such systems are drawn below.

\WT/A\\{‘?+ ! 2+

| |
’ 0
(N\ ) N (N\Cu/
VAN = /N N
" i I |

| R
~‘%\\v//1£§10")2 (NO,),
Cu(II) (trans-diene) (C10,), Cu(II) (TAAB) (NO3), Cu(II)(salen)R,

R=F,t-butyl
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The complex Cu(II)(trans-diene)(C10,), was isolated in the Cu(I)
state, but reaction with oxygen caused ligand oxidation (17). A
one-electron reduction product for Cu(II) (TAAB) (NO;), was isolated,
but it was unclear whether the ligand or Cu(II) atom was reduced (18).
Similarly, the Cu(II)(salen) derivatives were.reduced by one

electron, but the resulting complexes in solution disproportionated

to copper metal before solid material could be isolated (19). Certain
other systems were pursued, not primarily for their reactions with
oxygen, but rather for their reactions with carbon monoxide.

The ability of certain four-coordinate, 18-electron Cu(I)
complexes to form five-coordinate, 20-electron carbonyls was first
reported by Gagné in 1976 (20). Later this communication was
followed by a full paper (15) which is included as Appendix I to
Part II. In that paper, this author was responsible for the ideas
concerning the electrochemical measurement of formal potentials and
CO bonding constants, along with a significant portion of the
manuscript preparation.

It is possible that efficient catalysis of multi-electron
reactions such as oxygen reduction will occur only with molecules
containing several metal atoms. This notion prompted special interest
in binuclear copper complexes. One binuclear Cu(II)Cu(II) complex

which is drawn below has been the object of intense research.
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pos=ss=y
oo

(C10,),+2H,0

This researéh included synthesis of Cu(II)Cu(I) and Cu(I)Cu(I)
states, electrochemical and CO binding studies, and a variety of
physical measurements. A communication has already been published
on this case (21) and a full paper is soon to be submitted (22).
This author was involved in all facets of the research except the
actual EPR experiments.

As use of electrochemistry to study copper complexes increased,
the techniques required for electrochemical measurements became
more sophisticated. Responsibility for introducing these techniques
and for establishing procedures ensuring their correct use fell

primarily upon this author. These techniques and procedures, which
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are the basis for the electrochemical portions of Sections II-B,
II-C and Appendix I, are presented in detail in Section II-A.
gpnsidering that one long-term research goal is to study the
reactions of Cu(I) complexes with oxygen, it is disappointing that
experiments to date have not yielded characterized products in a
reproducible way. This author has been involved in two attempts
to investigate the reaction of a Cu(I) complex with oxygen. In
one case the reaction resulted in ligand decomposition (17) and
in the other reproducible stoichiometries could not be obtained.
While these and other attempts to study the interactions of 0, with
Cu(I) complexes have been frustrating at times, attempts to under-
stand the physical properties and coordination chemistry of Cu(I)
will, hopefully, lay the groundwork for future success in this

area.
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SECTION II-A

Measurement of Formal Reduction Potentials and
CO Binding Constants for a Variety

of Copper Complexes
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Introduction

The reason behind the extensive use of electrochemistry in a
research group primarily concerned with the synthesis, characterization,
and reactions of macrocyclic Cu(I) complexes is worth reviewing.
Initially, the reason was purely synthetic. While preparation of
a variety of Cu(II) complexes was readily accomplished, direct
synthesis of the Cu(I) analogs was plagued with non-reaction and
disproportionation. Furthermore, chemical reduction of Cu(II)
complexes was often unsuccessful. Electrochemical reduction of
these same complexes was discovered to be a specific and practical
synthetic route into Cu(I) chemistry. During the course of the
experiments aimed at Cu(I) synthesis, approximate values of Cu(II)
to Cu(I) reduction pqtentials were inevitably obtained. These
reduction potentials were found to be important characterizations of
the Cu(I) complexes in and of themselves, and more sophisticated
electrochemical techniques were learned solely to facilitate their
measurement. The thermodynamic implications of reduction potentials
began to be considered in a variety of ways, including the measurement
of ligand binding constants (1-3) and the study of metal-metal
interactions in binuclear complexes (2,4). The direction of
synthetic efforts toward new complexes was, in part, determined by
attempts to influence reduction potentials.for the purposes of

modeling the redox properties of copper containing proteins (5) and
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affecting reactivity towards oxygen (6). It should be noted that
the expanded use of electrochemistry is not limited to copper
chemistry, but is finding increasing popularity in many areas of
inorganic chemistry.

Whenever scientists plunge into a new field, mistakes inevitably
occur until concepts and procedures become familiar. While the
synthetic advantagesof electrochemistry were capitalized upon
almost immediately,the correct measurement and interpretation of
reduction potentials is more difficult.

This thesis chapter has several purposes. The first is to
present a brief discussion of the terms relevant to the measurement
of reduction potentials and to indicate their use in simple thermo-
dynamic calculations. The second purpose is to describe how
reduction potentials can be obtained using several techniques for
which instrumentation was available. This is done primarily by
example using three inorganic systems. The third purpose is to
provide a list of reduction potentials for a variety of Cu(II)
complexes. The relationship of these potentials to each other and
to copper proteins and their reaction with oxygen is briefly discussed.
Finally, a list of CO binding constants for these same complexes is
presented to show how ligand binding can be measured by changes in
reduction potential. Throughout this chapter, special attention is
paid to the experimental problems incurred in doing electrochemistry
in non-aqueous solvents. This is done by including a detailed
experimental section and by engaging in brief digressions where

appropriate.
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Most of the procedures in this chapter are not original and
might be considered 'old-hat'" to an experienced electrochemist; nor
is the 1list of Cu(II)/Cu(I) reduction potentials as extensive as
others that have been compiled (7). Rather, this chapter is
intended to be educational in nature and to establish a framework
for the studies contained in Sections II-B, II-C, and Appendix I.

Below are structures and common names for the copper complexes

whose electrochemistry is described herein:

2% Cu(II),L(C10,),°2H,0

(C10,) ,*2H,0

[ 2 Cu(II) (trans-diene) (C10,),

__}\\V/EL\~ (C104) >
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2+

Cu(I1) (TAAB) (NO,),

(NO,),

Cu(II) (salen)

Cu(II) (salophen)
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Cu(1I) (salpn)
Cu(ID), [ (PAR) yen]

F F

NN/ +

g B\Ol

’N k. Cu(IT) (DOBF,) (C104)
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Cu
U (C104)
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Results and Discussion

Definition of Terms

Invariably, discussions concerning half-cell potentials begin
with a series of definitions of terms such as electrical potential,
electrode potential, electromotive force, electrostatic sign and
thermodynamic sign, including their relationship to American,
European, and IUPAC sign conventions. That will not be done here;
instead, the reader is directed to two such discussions (8,9).

One can simply state that for every reversible half-reaction,
ox + ne —>red,

there exists a standard reduction potential, E°. Values of E° always
refer to the potentials of cells made by combining the half-reaction

of interest with the half-reaction
H+ * e- ﬁlﬁHZ Ty

which has an arbitrarily defined E° equal to 0. Standard potentials
imply all species are present at unit activities and that liquid-
liquid junction potentials do not exist. Due to these restrictions,
standard potentials are often difficult or impossible to evaluate.
The dependence of cell potential, E, upon the activities of ox

and red, a and a _, is described by the Nernst equation
0x red
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a
E = E° - RT/nF 1n -Yed
oxX

where T is temperature and R and F are constants. If concentrations
are used instead of activities and liquid junction potentials are
implicitly included, the Nernst equation can be re-written as

follows:
E = Ef - RI/0F 1n [red]/[ox] .

In this equation Ef is the formal reduction potential of the half-
reaction of interest and is only meaningful if the conditions under
which it was measured are known. Since convenient experimental
conditions can be chosen arbitrarily, formal potentials are relatively
easy to measure.

Reduction potentials are related to free energy changes by the
equation AG® = -nF E°. As is explained in many physical chemistry
texts (8,9), the standard potentials for half-reactions can be
combined in a way that eliminates clectrons and thus allows calculation
of free energy changes for overall reactions. Formal reduction
potentials can be used in a similar way; however, only Ef values
obtained under like conditions can be combined and the free energy

changes so calculated will only be meaningful under those conditions.
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Techniques for Measuring Formal Reduction Potentials

Using the instrumentation available, there were four methods
that coﬁld be used to determine formal potentials, these being cyclic
voltametry (CV), differential pulse voltammetry (DPV), d.c. polarography
and potentiometry. In this section each technique is discussed in
terms of extraction of Ef from the data, criteria for reversibility,
and values of Ef for three representative redox couples.

Below are the redox couples used as examples:

Ru(III)(acac)s + e = Ru(II)(acac)”

Fe(Cp),” + e” = Fe(Cp),
Cu(ID),L,* + ¢” = cu(ID) (ML’

The ruthenium and iron couples were chosen as examples of reversible
systems even though their standard electrochemical rate constants,
ks’ are unknown. Nonetheless, one can argue that ks for both systems
is probably large (>0.5 cm/sec) because the separate halves of the
couples are kinetically stable and geometrically similar. The
ferrocene system is relevant because its purported solvent-independent
value of Ef (10) is the potential to which all other potentials are
compared. Unfortunately, the potential of ferrocene oxidation is

far too anodic to be measured with a mercury electrode; therefore,
the ruthenium complex was included. Its reduction potential is
similar to those of the copper complexes being studied. Finally, the
first reduction of Cu(II)2L2+ (11) was selected as typical of most of

the copper couples investigated.
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Cyclic Voltammetry

Of all the electrochemical techniques which can be used to
obtain reduction potentials, cyclic voltammetry is probably the
easiest to execute experimentally. Given a solution containing the
oxidized form of a reversible redox couple, the cathodic peak
potential, Epc, on the initial scan is related to Ef by Equation 1
(12, 13}

Ef = Ep + (28.5/n) mV 1

c
The anodic peak potential, Ep , which occurs on the return scan, has
a similar relationship to Ef (14) so that the average of Ep and

Ep is approximately equal to Ff as shown in Equation 2 (15).
a

f - & +8 )+ 2

P, Pc

Equation 2 has the advantage that if Epa and Epc are shifted symmetrically
away from Ef (see below) Equation 2 will still give an accurate
value of Ef whereas Equation 1 will not.

In order to have complete confidence in formal potentials
calculated from Equations 1 and 2, one needs to ascertain that the
redox couples are reversible. The two criteria for determining
reversibility are that:

a) the peak currents, ij and ip , are equal and proportional

(o4
to the square root of the scan rate, and
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b) that Epa, EpC and their separation, AEp, which equals 58/n mV,
do not vary with scan rate (16).

Cyclic voltammetric data for Ru(acac),, Fe(Cp),, and
Cu(II),L(C10,),(H,0), are shown in Tables 1A-C. Figures 1 and 2
are plots of data from Tables 1A-C, ip versus (scan rate);5 and AE
versus (scan rate)%, respectively. The behavior in all three systems
is similar except that the current in the Cu(II)2L2+ system is not
quite proportional to scan rate” at fast scan rates. The data show
that ipa is essentially equal to ipC which, when considered along with
Figure 1, indicates that the first criterion for reversibility is
being met. The data in Tables 1A-C also show that the second
criterion is not met. Peak separations are never equal to 58 mV

and increase almost linearly with the square root of scan rate

(Figure 2).
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Table 1A

Cyclic Voltammetry of Fe(Cp), on Pt

b.d i,
Scan® E P E D pgb gf’ ipc ]_pc i (afe) 2
Rate Pa Pc P a c P lpC
050 .432  .367  .065 .399 .850 .875 8.62 0.97

075  .432  .364 .068 .398 1.30 Y25 127 1.04
.100 .433 .364. .069 .398 1.45 1.40 1.42 1.04
.250  .437 .363 .074  .400 2.20 2.10 2:15 1.05
.500 .441 .365 .076 .403 3.00 2.80 2+90 1.07
.750  .444  ,363 .081  .403 3.60

(3}

.60 3.60 1.00
1.00 .443  .359 .084  .401 3.90

~

.00 3895 0.97
2«00 457 .362  .095  .409 6.50 6.30 6.40 1.05
5.00 453  .360 .093  .406 8:75 8.50 8.62 1.03
7.50 .459  ,353 .106 .406 10.5 10,5 10.5 1.00

10.00 .463  .350 .113  .406 12.0 120 12.9 1.00

a
in volts/sec

b
in volts

Cc

in pA

d
+E 2 2
(Epa Pc)



Table 1B

1357

Cyclic Voltammetry of Ru(acac), on Hg

bd
igiga ab EPCb Apr ef ipac iPCC i (a%e) rl‘I;_Z
.050 -.801 -.866 .065 ~-.833 3.80 4.00 3.90 0.95
.075 -.801 -.868 .067 -.834 4,20 4.80 4.50 0.87
J00 -,799 ~-.873 .074 -.836 5.00 6.00 5.50 0.83
.250 -.805 -.871 .066 -.838 7.80 9.00 8.40 0.87
.500 -.803 -.876 .073 -.839 10.5 11.5 11.0 0.91
.750 -.800 -.878 .078 -.839 14.5 14.5 14.5 1.00
1.00 .799 -.884 .085 -.841 16.0 16.5 16.2 0.97
2.50 .789 -.889 .100 -.839 25.0 26.0 2545 0.96
5.00 -.776 ~-.893 .117 ~-.834 35.0 36.0 35.5 0.97‘
7.50 -,774 ~-.897 .123 -.835 42.0 . 44.0 43.0 0.95
10.0 -.772  -.900 .128 -.836 48.0 50.0 49.0 0.96
a

b

c

d

in volts/sec

in volts

in YA

E +E +2
( b, Pc)
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Table 1C

Cyclic Voltammetry of Cu(II),L(C10,), 2H,0 on Hg

Scan® _E_ D Ep b Apr Efb,d g ® i © ip(ave)C igé
Rate a c Py Pc 1pC
.050 -.493 -.564 .071 -.528 4.00 4.00 4.00 1.00
A ~-495 -.572 079 ~.532 4.80 5.00 4.90 0.96
.100 -.490 -.572 .082 -.531 5.60 5.60 5.60 1.00
«250 =~.489 =.575 .,086 ~-.532 8.50 8.50 8.50 1.00
500 ~.486 =-.576 .090 ~.531 11.0 10.5 10.7 1.04
.750  -.477 -.583 .106 -.530 14.0 13.5 15.7 1.04
1.00 -.477 -.584 .107 -.530 16.0 16.0 16.0 1.00
2.50 -.477 --.594 .117 -.535 24.5 24.0 24.2 1.2
5.00 -.470 -.606 .136 -.538 34.0 33.0 33.5 1.03
7.50 -.464 -.608 .144 -.536 41.0 40.0 40.5 1.03
10.0 -.461 -.612 .151 -.537 46.0 44.0 45.0 1.04
a

in volts/sec

b
in volts

G

in pA

d
(B. 4B ) %2
Epa Pe
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Figure 1

L
Plot of ip (ave) versus (scan rate)® for the oxidation of
Fe(Cp), on Pt (@®), the reduction of Ru(acac) on Hg (©O),
and the reduction of Cu(II),L(C104);2H,0 on Hg (a). The

data are taken from Tables 1A-C.
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Figgre 2

Plot of AEp versus (scan ralte);é for the oxidation of Fe(Cp)z
on Pt (®.), the reduction of Ru(acac); on Hg (O), and

the reduction of Cu(II),L(C10,), 2H O on Hg (a). The data
are taken from Tables 1A-C.
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There are two simple explanations for the behavior described
above. One possibility is that the couples are quasi-reversible,
which means that the standard electrochemical rate constant, ks,
is small enough so that at rapid scan rates the position of the
waves with respect to Ef is not entirely controlled by diffusion.
Another explanation would be that in the non-aqueous solvents used,
solution resistance caused appreciable ohmic drops between the
working and reference electrodes.

Were the former explanation correct, it would be possible to
extract values of k. from peak separations as a function of scan
rate using published working curves (17). Such information would
be valuable because, using Marcus-Hush theory, one can calculate
a lower limit for the homogeneous self-exchange rate, kii from
values of kS (18). Marcus-Hush theory also predicts that kii is
an indication of how rapidly a compound will exchange electrons with
other molecules (18).

Uncompensated solution resistance, Rsol’ is an experimental
problem that affects the values of AEp in nearly the same way as
a low rate constant (19,20). Furthermore, if solution resistance
exists in significant and unknown amounts it is impossible to
measure ks' With the equipment available it was impossible to
adequately measure, eliminate, or compensate for solution resistance.
Measurement of Rso1 could only be done crudely by recording a
cyclic voltammogram of a redox couple that was known to have

k. > 0.5 and assuming that any difference in the AEp observed and
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0.058 V was equal to Z.ip'Rsol' Attempts were made to eliminate Rg,q

by increasing supporting electrolyte concentration to 1.0 M and positioning
the working and reference electrodes as close together as possible. These
efforts did decrease AEp, but only slightly. The PAR Model 179 Digital
Coulometer does have the capability for resistance compensation through
positive feedback of the current output. Setting the level of this
compensation is, however, completely arbitrary. Values of AEp

as low as 0.045 V can be obtained by adjusting to the maximum

possible compensation. Since the solution resistance problem could

not be avoided, efforts to measure kS were abandoned. Despite the
uncertainty surrounding reversibility, one notices that the values

of Ef calculated from Equation 2 are fairly constant at all scan

rates. The average of these values of Ef is used in comparisons

with other techniques.

Differential Pulse Voltammetry (DPV)

In order to maintain a high signal-to-noise ratio, cyclic
voltammetry requires reactant concentrations around 10~ M.
Compound solubility occasionally is less than this level, but
comparable signal-to-noise can be obtained with DPV at concentrations
of 10" °M. Problems with solution resistance are also lessened
because the amount of current measured in DPV is much smaller than
in CV. For cxample, the peak current equations for CV and DPV

are given below (20,21):
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3/2 1/2 1f2
igv = 269 n / AD / Cr (amps) 3
igPV = 939 n* ACAEY/D/mt (amps) 4

n = # of electrons

A = electrode area (cm?)

D = diffusion coefficient (cm sec™?)
C = concentration (molar)

r = scan rate (volt sec™!)
AE = DPV modulation amplitude (volts)

t = DPV sampling time (=48 x 10~ % sec)

Assuming that n =1, A = 0.0l an®, D= 10"%cm? sec™®, C= 1072 M

and T = 0.2 volt sec™?

, Equation 3 predicts a peak current of
3.8 x 107°% amp. Assuming that n, A, and D are the same as above
and using C = 10” % AE = 0.01 volt, and t = .048 sec, Equation 4
predicts that igVP = 7.6 x 107° amp.

Formal potentials can be obtained from the peak potentials of
differential pulse voltammograms using Equation 5 (21):

f

gt = EgVP + (AE2) 5

The shape of the wave can also be analyzed for reversibility using

the criterion that the peak width at half height, AE should be

119
>1

90.4/n mV (21).
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Table 2 contains data for the three sample systems (22). All three
appear to be reversible, which implies that the large peak
separations found with CV were due to ohmic drop. While the scan
rates used in DPV are normally 2 mV/sec or less, one should not
conclude that DPV is a '"'slow'" technique. A better estimate of

the experimental timescale can be found by dividing the modulation
amplitude, AE, by the sampling time, t (23). For the parameters used
in gathering the data in Table 2, the approximate timescale is

0.01 (V) +0.048 sec = 0.208 (V/sec). This is similar to the

timescale of cyclic voltammetry.

Table 2. Differential Pulse Voltammetric Data
f

Compound Ep E AE%i

Fe(Cp), .395 .400 .092

Ru(acac) 3 -.830 =,835 .093

Cu(II),L(C10,), -.518 -.523 .092

D.C. Polarography

A techniqué that measures a relatively small amount of current
and that has a slower timescale than CV is d.c. polarography.
Concentrations of 0.5 x 1073 M are easily detectable and with
normal parameters diffusion-limited currents arc roughly 1.0 X 10°°

amp. Scan rates are usually 1 mV/sec or lower.
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Formal potentials are obtained from polarographic waves by
finding the potential when the current is one-half of its diffusion-
limited value, id. For a reversible system this half-wave
potential, E%, is equal to gf (13,24). The most common analysis
for reversibility involves plotting -E vs log i/(id-i). For
a reversible system a straight line results with a slope of
2.303 RT/nF = 0.058/n V. Table 3 contains data for the polaro-
graphic reduction of Ru(acac)s and Cu(II),L(C10,),:2H,0. The

data indicate that each is a reversible, one-electron process.

Table 3. Polarographic data
Compound E, Slope
*
Ru(acac) 3 =822 .058
Cu(II),L(C10,), -.517 .058
Potentiometry

The most direct method of determining formal potentials is by

potentiometry, which involves measuring the potential of a solution
that contains known amounts of the oxidized and reduced halves
of a redox couple. Values of Ef can then be extracted from the
Nernst equation. This technique is an equilibrium measurement
because no current flows through the cell when E is recorded.

A series of potentiometric measurements can be made during

a constant potential electrolysis (CPE) by periodically turning
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the potentiostat to open circuit, recording the charge passed, Q,
and measuring E. At the end of the electrolysis the total

charge passed, Qt’ will be known. For a reduction [red]/[ox]

is equal to Q/Qt—Q. The data are then plotted as E versus log
[red]/[ox]. The x-intercept is equal to Ef and, for a reversible
system, the slope equals .058/n volts. Upon reoxidation a similar
plot is made which should yield the same Ef and Qt' If the
original mass of compound is known, Qt provides a check on the
n-value by using Faraday's Law.

Table 4 contains potentiometric data for the reduction and
oxidation of each of the sample systems. While the values of Ef
are nearly the same during oxidation or reduction, slope values
in two cases are significantly different from .058 V and Qt
values differ by as much as 10%. These discrepancies may be due
to solution impurities, compound instability at long times, or to
the fact that the potentials recorded were not equilibrium values.
It should be noted that this technique is particularly tedious and

time-consuming.

Table 4. Potentiometric Data

Compound Process Ef Slope Qt

Fe(Cp) 2 red. .389 .061 2.29
Fe(Cp) , oxid. .392 .061 2.34
Ru(acac) 5 red. -.821 .066 2.47
Ru(acac) , oxid. -.820 .062 232
Cu(II),L(C104), red. -.523 .067 2.60
Cu(II),L(C10,), oxid. -.528 .060 2.30
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Comparison of Formal Potentials Obtained by Different Techniques

Table 5 contains the formal potentials obtained using the
four techniques for the three representative systems. Although
agreement between Ef values for each system is good, differences

as large as .017 V did occur. These differences appear to be real,

because formal potentials obtained by each technique were reproducible

to within at least #0.005 V. It must be remembered, however, that
criteria for reversibility were not strictly met in many of these

measurements.

Table 5. Comparison of Formal Potentials Obtained by
Different Techniques

Cyclic s
Compound Voltammetry DPV  Polarography Potentiometry
Fe(Cp), .403 .400 e .390
Ru(acac), -.837 -.835  -.822 -.820
Cu(II),L(C10,), =585 = 925 =517 -.525

The method judged to be most useful for determining formal
potentials for copper complexes was d.c. polarography. This
technique offered the following advantages:

a) Excellent reproducility,

b) slow timescale usually allowing reversible behavior to be
observed, and

c) only low concentrations of complex being required.
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Polarographic Data

Table 6 contains d.c. polarographic data for the reduction of
a variety of Cu(II) complexes to the Cu(I) state. Each compound
was examined in DMF solutions that were initially deaerated with
an inert gas (N2) and later, in a separate experiment, with
carbon monoxide. The significance of the CO data will be
discussed in the next section. The meaning of the column
headings in Table 6 has already been explained, except for
the one labeled "Id", which is the normalized diffusion-

limited current. Rearrangement of the Illkovic equation is

the source of Id'

1/2 2/3 1/6
i,=706nD /* m / T / G

d
i 1/2
1,7 i = 706 n D
2/3 1/6
m t G
m = mercury flow rate (mg/sec)
t = drop time (sec)

Because D is not expected to vary greatly between complexes, all the

one electron reductions are expected to have similar values of Id.
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Table 6

Polarographic Data for Copper Complex:

(S

Atmos— a C d

Complex phere E% Slope T Iy
Cu(II) (trans-diene)(C10,), N, -.654 .067 .9984  1.67
Co =651 .066 .9990 1.69
Cu(II) (TAAB) NO,), N, -.011 .062 .9997 1.67
Co -.009 .058 .9997 1.31
Cu(II) (salen) N, -1.303 .049 .9993 1.89
co -1.239 .054 .9987 2.15
Cu(II) (salophen) N, -1.191 .058 .9998 1.81
0] -1.186 .058 .9999 1.81
Cu(II) (salpn) N, -1.099 .058 .9999 1.74
Co -1.040 .058 .9999 1.78
Cu(II) [(PAA),en] N, -.995 .057 .9999 1.51
co -.918 .058 .9999 1.50
Cu(II) (DOBF,) (C10,) N, -.452 .057 .9997 1.75
o) -.299 .059 .9999 1.78
Cu(1I),L(C10,),* 24,0 N, -.517 .058 .9995 1.34
Co -.392 .057 .9999 1.39
Cu(II)(C10,),°6H,0 N, -.015 .035  .9993  2.46
co +,114 .061 .9998 1.26
Co ~,151 .064 .9997 1.24

0, Ar iy .069 .9988

a-
in volts versus NHE.

bof -E versus log i/id-i plot in volts

Cregression coefficient of above plot

4706 p'/? K
n =
2;3 1/6

m t C
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Many of the complexes in Table 6 have been examined previously
using various electrochemical techniques; however, the potentials
reported cannot be compared to each other because a variety of
reference electrodes and solvents were used. Ali of the data in
Table 6 were collected under identical conditions using ferrocene
as an internal, solvent-independent reference couple; therefore,
comparison of Ef values are valid. An additional reference
potential, the reduction of 0, to O, , is also included in Table 6.

In most cases the data in Table 6 are in agreement with what
has appeared in the literature. Olson and Vasilevskis (25) reported
that Cu(II)(trans-diene) (C10,), could be reduced at a DME in
acetonitrile at -.930 V versus the Ag/AgNO; (0.1 M),CHsCN
reference electrode. They also found a large polarographic slope,
74 mV, and a similar value of Id’ 2.76. The reduction of the Cu(II)
atom in Cu(II)(TAAB)?* to Cu(I) has been measured by Busch et al. (26).
In acetonitrile, they obtained quasi-reversible (AEp = 65 mV)
cyclic voltammogram from which they obtain formal potentials of
-0.23 V and +0.13 V versus the Ag/AgNO; (0.1 M),CH3sCN . electrode
and SCE, respectively. If the SCE value is corrected to the NHE,

Ef

is +.375 V which is quite different from the value of -0.009
found in Table 6. This difference is due, primarily, to the choice
of reference electrodes, which is discussed in the Experimental

Section of this chapter. The difference in Bf for Cu(I1) (TAAB)?*

and Cu(II)(trans-diene)?* in acetonitrile, as reported in the two
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above-mentioned papers, is 0.7 V which is quite similar to the
difference in DMF of 0.645 V reported here.

Patterson and Holm reported polarographic data for a variety
of Cu(II) chelates in DMF including Cu(II) (salen) and Cu(II) (salophen)
(7). They used an aqueous SCE as a reference electrode; therefore,
it is not possible to make a direct comparison of El/2 values.

Their values of El/2 and slope are -1.21 V and 48 mV for Cu(II)(salen)
and -1.11 V and 58 mV fqr Cu(II) (salophen), values which are
consistent with the data in Table 6. For the complexes they
investigated, these authors discussed the relative values of El/2

in terms of structural and electronic (primarily donor-atom)
effects. Where donor atoms were the same, they concluded that
ligands preferring a tetrahedral array would form Cu(II) complexes
which had more positive reduction potentials than would those
preferring a square-planar array. Cu(II)(salen) and Cu(II) (salophen)
are not directly comparable, but the fact that Cu(II)(salpn) is
easier to reduce than Cu(II) (salen) supports this idea.

The polarographic data for Cu(II)[ (PAA),en] are in conflict
with cyclic voltammetric data reported by Lintvedt (27). In DMF,
he finds a two-electron wave at -0.61 V vs the SCE. The polaro-
graphic slope of 56.6 mV and Id value of 1.51 found for this
compound can only be interpreted as a one-electron reduction.
Constant potential electrolysis of this compound at -1.2 V yields

an n-value of 1.0 + 0.1. Since the two copper atoms in Cu(II) (PAA),en
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have such different ligand enviromments, the two metal centers
would not be expected to reduce at the same potential. Linvedt
later agreed that his results may be in error (28).

The first electrochemistry reported for Cu(II) (DOBF,) (C10,) (1)

and Cu(II),L(C10,),*2H,0 (29) consisted of Ef values derived from
quasi-reversible cyclic voltammograms; however, both of these
systems are polarographically reversible. The reduction potential
of Cu(II) (DOBF,)(C10,) is anodic relative to most of the couples in
Table 6, probably due to the four unsaturated nitrogen donors.
The first reduction of Cu(II),L(C10,),°2H,0 is ~0.5 V anodic of
the %% found for Cu(II),(salpn) even though the donor atoms are
nearly the same. This could be a structural effect, but is also
certainly due in part to the difference in molecular charge.

None of the complexes found in Table 6 reduces in a two-
electron step from Cu(II) to Cu(0), a process which occurs for
unligated Cu(II) in most solvents other than CH,CN. This implies
that the chelating ligands involved provide at least kinetic
stability for the Cu(I) state. Polarographic data for the
reduction of Cu(II)(C1l0,), 6H,0 in DMF is provided in Table 6 to
show that two-electron reductions are easily detected by this method.
The slope of 35.1 mV is close to the theoretical value of 29 mV
and I; is larger than, although not twice as large as, any of the
one-electron processes. The possibility exists that the reduction

of Cu(II) to Cu(0) in DMF is not entirely reversible or else that
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Cu(I) does enjoy a small region of stability. This in turn implieé
that the observed wave is the addition of two closely spaced waves.
The complex Cu(II)(salen) also has a slope value that is significantly
less than 58 mV. It is likely that the Cu(I) compounds derived from
this complex will be unstable with respect to disproportionation,
as has been found in similar cases (30).

As explained in the introduction to this chapter, the data in
Table 6 arenot intended to be an extensive list of Cu(II)/Cu(I)
potentials, but rather demonstrate the usefulness of the
polarographic method and provide . a meaningful ordering of the
formal reduction potentials of a variety of complexes. Because
compounds such as Cu(II)(salen) and Cu(II)(salpn) are included,
comparisons can be made to a larger list of Cu(II)/Cu(I) potentials
compiled by Patterson and Holm (7).

The E, for the reduction of 0, to 0, provides a cathodic
limit for complexes that would be expected to have other than a
simple electron transfer reaction with oxygen. Complexes with
potentials less negative than -.774 V would not be able to reduce
oxygen to superoxide ion, but the presence of proton donors makes
several other pathways of oxygen reduction possible.

Although the potentials in Table 6 are referenced against the
NHE, one cannot conclude that the copper complexes would reduce
at these potentials in water. This fact alone, even assuming that

the reference electrode correction is meaningful, makes comparison
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with reduction pﬁtentials for copper proteins difficult. It is,
of course, equally unlikely that the proteins would reduce at the
same potentials in DMF as in water. This problem is discussed by
Holm (31).

CO Binding Constants

When carbon monoxide instead of an inert gas is used for
deaerating the DMF solutions, the E% values for some of the Cu(II)
complexes shift anodically. These shifts indicate that CO is
stabilizing Cu(I) relative to Cu(II) in these complexes. If CO
were binding to both Cu(II) and Cu(I), information gbout the binding
constants could only be obtained from potential shifts as a function
of CO concentration. If, however, CO only binds to Cu(I) in a 1:1
fashion, (which has been shown to be the case for Cu(DOBF2)+’° and
Cu,L?"»>% (1,2,29)) values for the binding constant of CO to the Cu(I)
complex can be obtained from a single shift at known CO concentration.
The effect of ligand binding on redox potentials can often be
derived from the Nernst equation (32), and the expression for the

special case of a single CO binding only to Cu(I) is derived below:
Assuming that (33)

£
Cu(IDLY + & N cu(mL@+
£
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£
E
Cu(IDL™ + 0 + e” —ON cu(nL(co) @ D*
—

Keo

cu(mL @D+ 4 o —=> cu(DL(co) MDY

The Nernst equation under N, is

F R, [cu(nL 1)+

[Cu(II)LR*]

-1+ or cu(n)L(co) @1+

If, under CO, all the Cu(I) exists as Cu(I)L
(D], , = [a@L® D]+ e @D -

[Cu(I)L(n'1)+] + KCO[Cu(I)L(n'1)+][CO]

Dividing through with [Cu(I)L(n‘1)+] and solving for the same

yields
[Ca(D)], /ICaMLED*] = 14k, [00]

(caLO D] = [ou(D)] e/ (14K [00D)
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Substituting back into the Nernst equation

Cu(I
By = By, - o= 1In : (+)]t°t
* B [ou(IDL™] (14K, [001)
[Cu(T)] i
Eqg = Eﬁz = %I-ln . _tot _RI;,

= F
[Cu(II)L™] 14K, [CO]

: 4 + .
At Eqg = Epyp [Cu(IDL™] = [Cu(I)],,, and the second term

above equals zero.

Therefore
1
B, = Bf -Rlgn_
2 F 1+K 1, [CO]
B SR g s [co]) 6
oo N TF co

Notice in the derivation above that Eéo can be defined for any

known CO concentration, and that if Ef

= E% Ky can readily be
obtained from a single shift in E%.

Equation 6 and the data in Table 6 allow calculation of CO
binding constants for all of the Cu(I) complexes; these are
presented in Table 7. This method provides an easy route to values
of KCO in that only oné measurement is necessary and bulk synthesis
of the Cu(I) complexes is not required. Furthermore, the method

appears to be ac:urate in that the value of KCO obtained for
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(0 Binding Constants for Copper Complexes
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Complex Shift? Ko
Cu(II) (trans-diene) (C10,), .003 ~0
Cu(II) (TAAB) (NO,), .002 ~0
Cu(II) (salen) .064 2.4 x 108
Cu(II) (salophen) .005 wef)
Cu(II)(salpn) .059 1.0 x 108
Cu(II) [(PAA),en] .077 4.1 x 10°
Cu(II) (DOBFz) (C10,) .153 8.4 x 10*
Cu(II)zL(Clou)z‘ZHZO 125 2.8 x 10%

a
E%(CO) - E, (N;) in volts
*
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Cu(I) (DOBF2), 6.7 x 10* is close to the value obtained spectro-
scopically, 4.7 x 10* (1). Data obtained polarographically, however,
should be used only as an indication of ability to bind CO until
collaborative evidence for each complex is obtained. Such evidence
might include synthesis of the Cu(I) complex and its carbonyl
adduct, verification of reversible CO binding (for example, by
electronic spectral changes), and proof that only Cu(I) is binding
CO in a 1:1 fashion.

One other requirement for the confident use of Equation 6 is
that the equilibrium described by KCO is established rapidly
on the experimental timescale. If this is not the case, the
shifted waves will not be reversible. Indeed, when Cu(II)(DOBF,) (C10,)
was originally examined by cyclic voltammetry (1), the waves
recorded under CO were sqewed. Because polarography is a slower
technique, however, reversible polarographic waves are obtained
for this system. Notice in Table 6 that the slope values for all
the complexes measured under CO are as close or closer to 58 mV as
the values measured under N,.

The reasons why CO binds only to certain four-coordinate,
18-electron Cu(I) atoms to form five-coordinate, 20-electron adducts
is not yet fully understood (11,35). This question is currently
being investigated by J. Allison (3), but it is clear that both
electronic and structural factors are involved. Redox potential
by itself cannot be used to predict CO binding. Complexes with

) f
relatively positive and negative E''s, Cu(II) (COBF,) (C10,) and
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Cu(salpn), bind CO while Cu(II)(TAAB) (NO,),and Cu(II)(salophen) do not.
A well-defined ligand environment is not necessary for CO binding, as
evidenced by the behavior of Cu(II)(Cl10,),:6H,0. Under N, this compound
is reduced directly from Cu(II) to Cu(0), while under CO the Cu(I)

state is stabilized and two one-electron waves result. Of course, the

CO adduct in this case need not be five-coordinate.

Experimental

Electrochemical Cells and Accessories

Figures 3 and 4 contain drawings of the two types of cells
used for all electrochemical experiments. Figure 5 contains
drawings of four pieces of accessory equipment designed for use with
the cells. The use and features of the cells and accessories are
discussed below.

Figure 3 - Polarographic Cell

This cell had two compartments, separated by a medium sintered
glass frit. The large compartment typically contained ~25 ml of
solution while the smaller compartmeﬁt contained ~10 ml. The
large compartment housed the working and auxiliary electrodes and
the smaller compartment housed the reference electrode. This
cell was most often used for d.c. polarography but it was
occasionally used for cyclic voltammetry, differential pulse
voltammetry, etc. This cell was not used for constant potential

electrolysis because, even if the auxiliary electrode was placed
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Figure 3

Polarographic Cell
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in the smaller compartment, some mixing of oxidation and reduction
products occurred. The glass tubing and 3-way stopcock were used
to deaerate the solution or to maintain an inert atmosphere above
it. The two-way stopcock at the bottom of the cell was used to
drain excess mercury or old solutions without disturbing the
reference compartment.

Figure 4 - Electrolysis Cell

This cell had 3 compartments separated by medium sintered-
glass frits. The larger end compartments typically contained
~25 ml of solution while the middle compartment contained ~10 ml.
The end compartment, which is connected to the 3-way stopcock,
contained the working electrode. The auxiliary electrode was
housed in the other end compartment during electrolysis. The
purpose of the middle compartment is to prevent mixing between
the ends. In addition to being used for electrolysis, this cell
was used for the same techniques as the polarographic cell. In
these cases the auxiliary electrode was usually switched to the
working compartment. The port in the middle compartment was
normally used only for filling. (The reference electrode could
have been placed in the middle compartment, but inevitably would
have sensed a large portion of the ohmic drop between the working
and auxiliary electrodes.) The reference electrode was normally
positioned through the small port in the working compartment

in order to be as close to the working electrode as possible.



165

Figgre 4

Electrolysis Cell
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The working compartment also contained a sealed platinum wire at
the bottom for connection to a mercury pool. The small horizontal
port in the counter compartment is used to release pressure that
results when a gas is formed at the counter electrode during
electrolysis.

Figure 5 - Accessories

The working compartment adapter fitted into the large ports
in the working compartments of the polarographic or electrolysis
cells. The accompanying platinum wire served as the auxiliary
electrode in all experiments other than electrolysis, and was
positioned close to the working electrode. The female joint
held either a standard HMDE or the platinum working electrode
described below, or allowed insertion of a capillary for polarography.
The port ending in a balljiont allowed deaeration gas to escape.

The platinum working electrode was made to fit into the
working compartment adaptor and extend down into the working
compartment to the level of the frits. The end that contains
the platinum-glass seal was polished to a mirror finish with a
series of abrasives ending with 0.3 micron alumina (Linde).

The Ag/Ag+ reference electrode consisted of a glass tube
closed at one end with a fine frit. It was partially filled
with solution (AgNO,(0.01 M), TBAP (0.1 M), CH,(N) into which
a silver wire was immersed. Leakage was minimized by closing

the open end with a serum cap. This electrode fitted through a
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Figure 5

Accessories
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thermometer adapter which was placed in the ¥ 10/18 female joint
in the working compartment of the electrolysis cell. A stopper or
serum cap was used to adapt this electrode to the reference compartment
of the polarographic cell.

The platinum auxiliary electrode was designed for use with
the electrolysis cell. A platinum wire piercing a large serum
cap was occasionally used in its place.

Instrumentation

The apparatus used for constant potential electrolysis and
cyclic voltammetry consiéted of a Princeton Applied Research
Model 173 Potentiostat-Galvanostat coupled with a Model 179 Digital
Coulometer, plus a homemade voltage ramp generator. A storage
oscilloscope was used for display. A PAR Model 174A Polarographic
Analyzer was used for d.c. polarography and differential pulse
voltammetry, with a Hewlett-Packard 7004B X-Y recorder for display.

Materials

Spectroquality Acetonitrile (Mathesson, Coleman and Bell) and
AgNO3 (Baker and Adamson) were used as received. Tetrabutyl-
ammonium perchlorate, TBAP, (Southwestern Analytical Chemicals,
Inc.) was dried extensively under an active vacuum prior to use.
Bis(pentahaptocyclopentadienyl)iron(II), Fe(Cp)2, (Aldrich) was
recrystallized from benzene and gave satisfactory microanalysis.
Tris(acelylacetonate)Ru(III), Ru(acac); was recrystallized from

toluene and petroleum ether and gave satisfactory microanalysis.
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N,N-dimethylformamide, DMF (Mathesson, Coleman and Bell) was dried

by stirring with MgSO,, CuSO, , and 4A molecular sieves for more

than 48 hours prior to distillation at reduced pressure.

Sources of Copper Complexes

The complex, Cu(II),L(C10,),2H,0, was synthesized by a
procedure similar to one reported by Robson et al. (36). The
exact details are included in Section II-C.

The complexes, Cu(II)(TAAB)(NO,),, Cu(II) (trans-diene) (C10,),,
and Cu(II) (DOBF,) (C10,), were synthesized by J. Allison using
the literature preparations of Busch et al. (37), Olson and
Vasilevskis (25), and Gagné et al. (1), respectively.

The complex, Cu(II),[(PAA),en], was synthesized by R. Kreh
using the method of Linvedt et al. (27).

The complexes, Cu(II) (salen), Cu(II)(salophen) and Cu(II)(salpn),
were prepared by E. Kober using the methods of Pfeiffer (38),
O'Connor (39), and Lions (40), respectively.

The complex, Cu(II)(C10,),"6H,0 (Research Chemical Corp.),
was ground with a mortar and pestal and dried exhaustively under
an active vacuum prior to use.

A1l of the above compounds were analyzed at the Caltech
analytical facility and gave satisfactory elemental analys€s.

Reference Electrode

All potentials are reported versus the normal hydrogen

electrode, NHE. Although the Ag/AgNO; (0.01 M), TBAP (0.1 M),
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CH,CN electrode (41) was used as the reference electrode in the
potentiostatic circuit, potentials were evaluated by recording a
differential pulse voltammogram of the oxidation of Fe(Cp),,

a small amount (~10~°M) of which was added to each solution.
The Fe(Cp)z/Fe(Cp)z+ couple was used as a solvent-independent
reference couple, SIRC. Potentials could then be related to the

NHE by use of the following formula (10):

EOR,S " B T (Eo/R,s'ESIRc,s‘ ) ENHE,W_ESIRC,W)

EO/R s = potential of couple of interest in solvent, s.
3

ENHE w = potential of NHE in water.
b

ESIRC,s = potential of the SIRC in solvent, s.

ESIRC,Q = potential of the SIRC in water.

By definition ENHE w €quals O and ESIRC o has been shown to equal
2 9
+.400 (42). The formula then simplifies to:

versus s.h.e. = ( ) +.400

E E -E
O/R,s 0/R,s "Fe(Cp),,s

It is also possible to correct potentials measured against the
Ag/Ag+ reference electrode or SCE to the NHE by using the published

potential differences between the Ag/Ag+ electrode and the SCE,
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0.291 V (43), and the SCE and the NHE, 0.245 V (44). The problem
with this method is that unknown junction potentials are inevitably
included. While the validity of using Fe(Cp), to correct potentials
to the NHE has been challenged (45), this method of reporting

potentials is certainly more reproducible.
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Abstract: The binuclear Cu(II) complex resulting from the
condensation of 5-methyl-2-hydroxyisophthaldehyde with
1,3-diaminopropane in the presence of Cu(Cl04)2:6H,0
undergoes two successive one-electron reductions. The
mixed-valence complex, Cu(II)Cu(I)L(C104), 1, and the
corresponding carbonyl derivative, Cu(II)Cu(I)L(CO)(C1l0y4),
2, have been isolated. Complex 1 showed an intervalence-
transfer transition (IT) in the near infrared region which
is apparently dependent on solvent donor properties (1200 nm
in CH2Cl2). Seven line epr spectra were seen at 25° but
only four lines were observed in frozen solutions. This
unusual temperature dependent behavior may be due to axial
ligation or macrocyclic-ligand conformational changes
which lead to a{"locked—in” configuration on the epr
timescale.

The carbonyl adduct, 2, shqwed no apparent IT bands
and only four lines in the epr at 25° or in frozen
solutions. This complex, 2, apparently contains a five-
coordinate Cu(I) carbonyl adduct, an unusual coordination
number for Cu(I), and a novel '"twenty electron'" transition

metal carbonyl.
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5ir:

Macrocyclic ligands can provide transition metals
with unusual ligand environments and consequent novel
chemical properties: high and low oxidation states are
often stabilized;1 ligand lability is lessened by the
chelating effect;2 several metal atoms may be held in
close steric proximity within the same molecule.3
Capitalizing on these properties of macrocyclic ligands
we are studying the behavior of binuclear copper complexes
as models for copper-containing proteins.4 Herein
we report preliminary observations on two mixed-valence,
Cu(II)Cu(I), macrocyclic-ligand complexes, one of which
exhibited unusual temperature-dependent behavior.

Condensation of 5-methyl-2-hydroxyisophthaldehyde
with 1,3-diaminopropane in the presence of Cu(Cl04)2:6H20

yielded the binuclear Cu(II) complex, Cu(II)Cu(II)L, l.s’é

CH,

1, Cu(@M)Cu(@), n=2, R=H

2, Cu(Cu(I), n, 2, R=H

3, Cu(Cu(I)(CO), n=1, R=H
4, Cu(Cu(l), n=1, R =CH,
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We have been unsuccessful in reducing the complex with
chemical reducing agents. Cyclic voltammetry in DMF,7
however, revealed two quasireversible reduction waves
E:f = -0.52 v, Bof = -0.01 v, ny = np = 1.0 ¢ 0.1)

by cpe.8 Electrolysis of green solutions of 1 (-0.7 V,
CH3CN/N,, n = 1.0 * 0.1 resulted in a dark brown
solution. A nearly black solid, corresponding to

the formula Cu(II)Cu(I)L(C104), 3,6 was precipitated
from solution by addition of Et,0. Saturation of

the electrolysis solution with CO followed by addition
of Et,0 1led to precipitation of a CO adduct,

6,10

Cu(II)Cu(I)L(CO)C104, 3, = 2065 cm ),

(Veo

presumably containing five-coordinate Cu(I).
Representa%ive electronic absorption spectra of

1, 2, and 3 are shown in Figure 1. All three complexes

exhibited intense absorptions in the 350-400 nm region

(e = 10-15,000, presumably ligand absorption) and a

weaker band at about 600 nm. Since only the 350-

400 nm band was observed in zinc complex,

Zn(II)Zn(II)L(ClOQ)2(H20)2,6 we tentatively assign

the 600 nm absorptions in 1, 3 and 2 (in part) to a

12 Most notable in

ligand field Cu(II) transition.
the spectra was a broad band in the near infrared

seen only for 2. We tentatively assign this as an
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Figure 1
el &

Electronic absorption spectra in methanol of

Cu(II)2L(C104)2(H20)2, 1 (——); Cu(II)Cu(I)LC104,

2 (+--+) under helium; Cu(II)Cu(I)(CO)LC104,
3 (=—-) under carbon monoxide. [Cu(II):] =
1.15 x 10°° M; [Cu(II)Cu(I)] = [Cu(II)Cu(I)(CO)] =

.10 x 107 ° M.

—
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intervalence-transfer transition (IT) [Cu(II)Cu(I) -
Cu(I)Cu(II)*].13 The position of the IT band maximum
appeared to be dependent on the solvent donor properties.
In non-coordinating CH,Cl, the band was at ~1200 nm

(e = 80) while in weakly coordinating CH3;OH, (CH3).CO

and CMF the band shifted to ~900 nm. In CH3CN, which
appears capable of forming five-coordinate Cu(I)

9,10,11 no IT band was observed.

adducts,
The addition of CO to Cu(II)Cu(I)L, 2, to give

the carbonyl adduct, Cu(II)Cu(I)L(CO),3, was essentially

complete (in CH3;OH, (CH;).CO, DMF, CH3;CN, CH,Cl,) as

monitored by electronic absorption spectroscopy and

gyclie voltammetry.14

For example, addition of CO to
bluish-green solutions of 2 (CH30H) led to yellow
solutions with the electronic spectra of 3 (Figure 1).
The lack of an observable IT band for 3 appears
consistent with the spectra of 2 in donor solvents,
i.e., CO adduct formation may shift the IT band to
high energies where it is masked by ligand absorption.
Solution epr spectra for Cu(II)Cu(I)L, 2, (Figure 2),
consisted of seven lines, consistent with interaction of
the odd electron with both Cu centers (I = 3/2).
Internally consistent hyperfine splittings in both

solvents imply the presence of only a single epr

active species. In contrast frozen solutions at
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Figure 2

Solution epr spectra (25°) of Cu(II)Cu(I)L(C1l04),

2, in CH,Cl, (top) and CH3;CN (bottom).
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liquid-nitrogen temperature exhibited four-line anisotropic
spectra (CH,Cl, or CHsCN).1° Similarly, addition of CO
to solutions of 2 resulted in a solution of 3 (by
electronic spectra) and an epr spectrum having only
four lines (25°, CH,Cl,). These four-line spectra,
whether from frozen solutions of 2 or solutions of 3
at 25°, are consistent with localization of the odd
electron on a single copper center, at least on the
relatively slow epr timescale (10-8 T sec).16

Possible explanations for the temperature-dependent
behavior of 2 include: 1) axial ligation by Cl104 or
solvent (CH3CN or CH,Cl,) at low temperature leads
to an asymmetrig complex comparable to the carbonyl
adduct, 3, or 2) macrocyclic-ligand conformational
changes which accompany electron exchange (possible
distorted tetrahedral for Cu(l) to distorted square
planar for Cu(II)) become more difficult in frozen
solutions resulting in a '"locked-in" configuration on
the epr timescale.16 The latter explanation is
especially attractive for CH,Cl, solutions of 2 in
which, presumably, only Cl10, and CH,Cl, are available
for axial ligation.

These epr results are in contrast to those recently
reported by Addison on a similar macrocyclic Cu(II)Cu(I)

complex, 4, (R = CH3;) which exhibits four-line epr
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spectra even at room temperature in CH3CN.17 In this

case methyl substitution probably alters the confor-
mational properties of the macrocycle sufficiently to
inhibit thermal electron transfer on the epr time scale
at temperatures where it occurs with 2.

It should bec noted that several Co(III)Co(II)
complexes of this macrocycle (R = H) have been prepared
and characterized crystallographically although their
mixed valence spectral properties were not discussed.18

Five coordination for Cu(I) is most unusual. That
2 exhibited an IT band is good evidence for the presence
of Cu(I), as opposed to a Cu(II) radical anion. Since
the Cu(II)Cu(II)L, complex, 1, does not react with CO,
then the CO adduct, Cu(II)Cu(I)L(CO), 3, if five-
coordinate as is expected, must also be regarded as

containing Cu(I) with a most unusual coordination number.
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Section II-C

Properties of a Binuclear Copper Complex in Cu(II)Cu(II),
Cu(II)Cu(I), and Cu(I)Cu(I) States. Synthesis and
Characterization Including Electrochemistry,
CO Binding, and Measurement of an
Intramolecular Electron Transfer

Rate by EPR.

Robert R. Gagné, Carl A. Koval, and Thomas J. Smith
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Introduction

Studies of polynuclear transition metal complexes
promise to impact on bonding, magnetic interaction and
electron transfer theories, on catalysis, and on defining
the role of multi-metal sites in proteins. Unfortunately
investigation of fundamental properties is often thwarted
by instabilities in coordination environment which occur
upon oxidation state change. For example, Co(III) complexes,
relatively substitution inert, can be readily studied
in solution but reduction to labile Co(II) may result in
ligand substitution. Macrocyclic ligands and other chelates
can help to control lability while stabilizing a variety
of oxidation states. Recently, creative syntheses have
produced a host éf remarkably stable binuclear complexes,
many containing otherwise labile first-row transition metal
ions, derived from polydentate 1igands.1

In this paper we report the synthesis and characterization
of the Cu(II)Cu(I) and Cu(I)Cu(I) derivatives which are
formed upon reduction of a previously reported Cu(II)Cu(II)
macrocyclic ligand complex. The mixed valence ion,
Cu(II)Cu(I)L+, exhibits an unusual electronic absorption
spectrum and temperature dependent EPR spectra which
permit a reasonable estimate of the intramolecular

electron transfer rate. Properties of the mixed valence
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ion, Cu(II)Cu(I)L+, will be compared to those of other
well characterized mixed valence species.

A drawing of the parent Cu(II)Cu(II) complex and
the derivatives reported herein, along with the nomen-
clature used throughout this paper, is presented in
Figure 1. A preliminary account of this work has already

appeared.S

Results

Electrochemistry and Synthesis. The binuclear

complex, Cu(II)Cu(II)L(C1l04),+2H,0, was prepared by
condensing 1,3-diaminopropane with 5-methyl-2-hydroxyiso-
phthalaldehyde and Cu(C104)2-6H,0 according to the method
of PinngUx1and&kbson.2 Under an inert atmosphere,
Cu(II)Cu(II)L2+ can be reduced electrochemically to
Cu(II)Cu(I)L+ and Cu(I)Cu(I)L in separate one-electron
processes. If a CO atmosphere is used, Cu(II)Cu(II)L2+
can be reduced stepwise to Cu(II)Cu(Iﬂ(COf+ and
Cu(I)Cu(I)L(CO),. These processes are outlined in the

following scheme:

Scheme

6
} Bi
Cu(IT)Cu(IDL?" + ¢ =——= cu(ID)Cu(nL”
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Figure 1

Schematic drawing and nomenclature of the

binuclear complexes studied,
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Cpd

Cu(II)Cu(II)L(C104)2*2H,0
Cu(II)Cu(I)L(C104)
Cu(II)Cu(I)L(CO)C1O,
Cu(I)Cu(I)L
CulI)Cull)L(CO)

Zn(II)Zn(II)L(C104)2°2H20

Cu(II)
Cu(II)
Cu(II)
cu(I)
Cu(I)
Zn(11)

Figure 1

Cu(II)
Cu(I)
Cu(I)
Cu{l)
Cu(I)
Zn(I1)

=

N
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£
i} E1" (CO)
CalITIEUITTIN® & ¢ & (O se—s Cu(II)Cu(I)L(co)”

Ezf

Cu(INCu(NLY + ¢° =——== cu(I)Cu(I)L

. E.f(co)
Cu(Il)Cu(l)(CO)L + e # €0 === Cu(I)Cu(I)L(CO),

The above processes are all reversible or quasi-reversible.
The observed electrochemistry is, however, often
complicated by the very low solubility of Cu(I)Cu(I)L.

The top of Figure 2 contains cyclic voltammograms of
Cu(II)Cu(II)L2+ in CH3CN under N, at a platinum electrode.
Two reduction processes are evident, occurring at
approximately -0.40 and -0.95 V. If the potential scan

is reversed at -0.75 V, the wave at -0.40V is quasi-
reversible. The wave at ~-0.95 V does not have the
characteristic shape of a diffusion-controlled process.
The oxidation waves associated with this reduction,
located at ~-0.65 and -0.42 V, are also misshapen. There
is little difference between voltammograms recorded

using a PWDEG or a platinum electrode except in the

shape of the two distorted oxidation waves. The compound
Cu(II)Cu(II)L2+ is not highly soluble in CH,Cl,, CH;OH, or
acetone containing 0.1 M TBAP.6 Nevertheless, cyclic

2
voltammograms of saturated solutions of Cu(II)Cu(II)L ¥
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Figure 2

Cyclic voltammograms of Cu(II)Cu(II)L®Y (~ 1 mM)
under an inert atmosphere. Top: In CH3;CN; scan
rate of 1 V/sec. Bottom: In DMF; scan rate

of 3 V/sec.
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Figure 2



199

in these solvents resemble those shown in the top of
Figure 2.

The compound Cu(I)Cu(I)L is essentially insoluble
in CH3CN, CH2Cl, and CH3;OH, and it is this insolubility
which is responsible for the irreversibility of the
reduction of Cu(II)Cu(I)L+ to Cu(I)Cu(I)L. This compound
is slightly soluble in DMF6 and a cyclic voltammogram
of Cu(II)Cu(II)L2+ in this solvent is shown in the
bottom of Figure 2. Both reductions are now quasi-
reversible, at least at moderately fast scan rates.

At slower scan rates (0.1 V/sec), cyclics in DMF begin

to resemble the top of Figure 2. Under a CO atmosphere,
cyclic voltammograms of Cu(II)Cu(II)L2+ in any solvent
are similar to tﬁe one in the bottom of Figure 1. This
is because the CO adduct of Cu(I)Cu(I)L, Cu(I)Cu(I)L(CO).
is appreciably soluble.

Due, at least in part, to uncompensated solution
resistance, the peak separations for the various quasi-
reversible cyclic voltammograms of Cu(II)Cu(II)L2+
were no smaller than 70 mV and the separations increased
with increasing scan rate. For this reason cyclic
voltammetry was not used to evaluate formal reduction
potentials. Nevertheless, values of Ef calculated using

£

the formula E~ = (E + E_)/2 were close to those
P, P.

obtained using other techniques.
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The n-values for the four processes shown in the
scheme were‘found to be 1.0 £ 0.1 by constant potential
electrolysis in DMF and CH3;CN. Millimolar solutions
could be repeatedly reduced and reoxidized without loss
of material. As expected, when Cu(I)Cu(I)L was created
as an electrolysis product it was nearly insoluble,
forming a precipitate at a Hg pool and coating a Pt
gauze electrode with a shiny black film. Constant
potential electrolysis of more concentrated solutions
of Cu(II)Cu(II)L2+ was the basis for the synthesis
of Cu(II)Cu(I)L(C1l04), Cu(IT)Cu(I)L(CO)C10y, and.
Cu(I)Cu(I)L. The procedures, which are detailed in
the ExperimentaI‘Section,are outlined in Figure 3.
Stoichiometries for the addition of CO to Cu(II)Cu(I)L(C10,)
and Cu(I)Cu(I)L were determined by adding weighed
quantities of these compounds to DMF and recording the
subsequent uptake of CO. As indicated in Figure 3,
Cu(II)Cu(I)L(C10,) adsorbed 1.0 + 0.05 moles of CO per
mole of complex and the uptake for Cu(I)Cu(IjL was
2.0 £ 0.1. The compounds Cu(II)Cu(I)L(C10,) and Cu(I)Cu(I)L
could be prepared as crystalline materials, while
Cu(II)Cu(I)L(CO)C10, formed a microcrystalline powder.
The dicarbonyl complex, Cu(I)Cu(I)L(CO),, was not

isolated from solution.
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Figure 3

Synthesis of the reduced forms of Cu(II)Cu(II)L(C1l04):
°2H,0.
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The reduction of Cu(II)Cu(II)L2+ in DMF was also
investigated using d.c. polarography. Polarographic
data are summarized in Table I. Again, the insolubility
of Cu(I)Cu(I)L caused the wave associated with the
reduction of Cu(II)Cu(I)L+ to Cu(I)Cu(I)L to be distorted.
The reduction of Cu(II)Cu(II)L2+ to Cu(II)Cu(I)L+ and
to Cu(II)Cu(I)L(Gﬂf,however, gave reversible waves as
judged by the slope of -E vs log i/(id-i) plots which
should be 58 mV at 23° C for a one-electron process.8
Also included in Table I are data for the reductions of

0,, Cu(II)(salpn), and zn(ID)Zn(II)L®™.

Cu(II) (salpn)

The complex Cu(salpn) might be considered as a monomer
for Cu(II)Cu(II)L2+, but the difference in charge causes

its reduction to occur nearly 0.6 V cathodic of the
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reduction of Cu(II)Cu(II)L2+ to Cu(II)Cu(I)L+. As
expected, since Zn(II)Zn(II)L2+ contains no Cu(II) atom,
it was not easily reduced. The reduction of oxygen to
superoxide ion was not reversible in DMF on Hg, but its
half-wave potential is provided as a reference point.

In order to avoid solubility problems, differential
pulse voltammetry (DPV) was used to investigate dilute
solutions of Cu(II)Cu(II)L2+ in DMF. Figure 4 contains
DPV scans of Cu(II)Cu(II)L2+ on platinum under both nitrogen
and carbon monoxide atmospheres. The peak potentials,
Ep, from this figure are in Table II along with half-wave

potentials that can be calculated using the formula:9

E%=Ep+

MA

2

where MA is the modulation amplitude or pulse height.
Also included are the peak widths at half-height,

AE, ., which are close to the theoretical value of

9

%1
90.4/n mV. The values of El/2 and E%(CO) obtained by

DPV agree with the polarographic values within a few

millivolts.

If differences in diffusion coefficients between

the oxidized and reduced halves of redox couples are

ignored, values of E% obtained in the above electro-
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Figure 4

Differential pulse voltammograms of Cu(II)Cu(II)L2+

(~ 5 x 10°° M).
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Figure 4

E (nhe)
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chemical experiments can be used as the Ef's shown in the
scheme. Knowledge of these formal potentials enables

one to quantify some interesting properties of the

system. One is the conproportionation constant describing

the equilibrium:
24 K n +
Cu(I)Cu(IDL ~ + Cu(I)Cu(I)L ==28> 20u(II)Cu(I)L

The value of KC can be obtained from Elf and Ezf using

on
the formula:

f f
E1i” - E2~ = 0,0591 log Kcon

The value so caiculated is KCon = 3,97 x 10% using the
data in Table II.

Figure 4 and the data in Tables I and II show that
the presence of carbon monoxide causes the two reduction
waves for Cu(II)Cu(II)L2+ to shift anodically. The
fact that compound Cu(II)Cu(II)L2+ itself does not
interact with CO, together with other evidence presented

11 indicates that

in this paper and in previous worklo’
the shifts are due to the binding of CO to Cu(I). Using
the formula potentials measured at a CO concentration

corresponding to one atmosphere, Ef(CO)’ certain binding
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constants can be calculated. Because compound Cu(II)Cu(I)L+
binds a single CO, the equilibrium constant for the

reaction
+ KQQ: +
Cu(II)Cu(I)L + CO ===== Cu(II)Cu(I)L(CO)

can be found using the following equation:

f f
E(CO) - By~ = 0.059 log (1 + KCO[CO]).

The value calculated using the data in Table I is

KCO = 2.82 x 10%. Assuming that the reduced form of
Cu(salpn) also binds a single CO, the above formula
yields a CO binding constant of 1.95 x 10%® for this
unisolated Cu(I) complex. Equilibrium constants for
the binding of the first and second CO's to Cu(I)Cu(I)L
cannot be obtained from an electrochemical measurement

at a single CO concentration.

Infrared Spectra, Previously, Robson2 reported

the synthesis of a series of complexes with various
dipositive first-row transition elements contained in
the binucleating ligand, L. Except for features due
to anions and solvent molecules, the IR spectra of the

different compounds were found to be very similar.
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This is also the case with the compounds formed by
reduction of Cu(II)Cu(II)L2+. Table III contains
selected frequencies from the IR spectra of these
compounds. In the column labeled "Imine Stretches"
are the positions of the two bands Robson assigned as
C=N and phenyl C-C stretches,2 both of which were
shown to have C=N character.12 Within 40 cm” ' these
bands are in the same positions in all the compounds.
Not included in Table III, but present in all the spectra
in the region 1350-650 cm_l, are ten other less intense
and unassigned bands. The similarity in the spectra is
evidence that the ligand, L, is intact and unreduced
throughout the series.

The data ig Table IIT also show that bands due
to Cl0y and H,0 are present only in the spectra of
compounds having these molecules in their formulations.
The fully reduced complex, Cu(I)Cu(I)L, has two sharp
bands at 1110 and 1070 cm . This region is obscured
by C10, adsorption in the spectra of the other
compounds, but these bands are also present in spectra
of Zn(II)Zn(II)L(C1l),-2H,0.

The CO stretching frequencies for Cu(II)Cu(I)L(CO)C1lOs,
Cu(II)Cu(I)L(CO)" and Cu(I)Cu(I)L(CO), are also listed

in Table III. The values for Voo are similar to those
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reported for other known Cu(I) carbonyls.lo’13 Although

Cu(I)Cu(I)L(CO). contains two carbonyls, only a single
CO stretch is observed in the solution IR.

EPR. X-band EPR spectra for Cu(II)Cu(I)L(C10,)
and Cu(II)Cu(I)L(CO)C1l0, were obtained under a variety
of conditions, as summarized in Table IV. Spectra of
Cu(II)Cu(I)L+ in various solvents (CH,Cl,, CH3CN, CH3;OH
and (CHj3).CO0) at room temperature display a seven-line
isotropic pattern in the g = 2 region with a separation
of 40-45 G, (Figure 5). The splitting arises from hyper-
fine interaction between the odd electron and two copper
nuclei (I = 3). Exposure of CH,Cl, solutions of
Cu(II)Cu(I)L+ to carbon monoxide leads to a four-line
isotropic spectrum of the carbonyl adduct. (Figure 5)
for which the hyperfine splitting is now 85 G and is
due to localization of the electron at a single copper
site. Dissolution of Cu(II)Cu(I)L(CO)C104 in CH,Cl,
under a helium atmosphere results in seven-line spectra
characteristic of solution spectra of Cu(II)Cu(I)L+
confirming that coordinated CO is readily released in
solution. The magnitude of the splittingslin the
four-line case is typical for an electron localized on
a single Cu site while a splitting of 42 G has also

been noted in the seven-line spectrum of a mixed valence
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Figure 5

Room temperature EPR spectra of Cu(II)Cu(I)L(C104)
dissolved in CH,Cl, under helium (top) and CO

(bottom) atmospheres,
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Cu(II)/Cu(I) complex formed from Cu(I)(CH3CN)4+ and

Cu(II)(H20)52+(1:1) with acetate ion in methanol.l4’15

The occurrence of a value of Aav for Cu(II)Cu(I)L+ at

g
half that for Cu(II)Cu(I)LCO+ (A7 = BA,) is predicted
on theoretical grounds.16 No hyperfine structure

attributable to nitrogen has been seen in these spectra.
The solid state spectra of Cu(II)Cu(I)L(C10,) and
Cu(II)Cu(I)L(CO)C104 exhibit a single symmetrical line
at both low and room temperatures with very similar g-
values. The lack of any resolution is likely due to
dipolar line broadening.
Spectral studies in frozen media met with several
experimental complications. The anisotropic spectrum
of Cu(II)Cu(I)L(CO)C104 in frozen CH,Cl, (solutions of
Cu(II)Cu(I)L(C1l04) exposed to CO before freezing) 1is
straightforward, consisting of a four-line pattern
for gll with g l.not resolved. Frozen solutions of
Cu(II)Cu(I)L(C104) in CH3CN or CH3;CN/toluene (1:1),
the latter combination forming good glasses, give
essentially the same spectra as for Cu(II)Cu(I)L(CO)C1lO4,
yet the spectra are often accompanied by two additional features which
arc indicated by vertical lines in the top of Figurc 6.
The occurrence ol the extra lines varics with conditions.

Although they can be obscrved in solutions frozen
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Figure 6

Frozen solution EPR spectra of Cu(II)Cu(I)L(C104)
in acetonitrile at 77° K (top) and in ethanol/
methanol (4/1 by volume) at 12° K (bottom). The
two vertical lines in the top spectrum indicate

contributions from the lower spectrum.
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immediately after electrolysis and in concentrations down
to about 10 " M, they disappear in very dilute solution
(~ 5 x 107" M) even though the signal due to the principal
absorbing species remains strong. Furthermore, in
variable temperature experiments in acetonitrile the
intensities of the extra features diminish with respect
to the gll lines as the solution is warmed. In frozen
CH2Cl, solutions these irregularities occasionally

become quite pronounced with intensities exceeding

those of the g|| features. Another complication

which occasionally occurs in experiments with frozen
solutions of Cu(II)Cu(I)L(C1l04) in CH,Cl,is the observation
of broad bands, presumably due to precipitated solid.
Finally, the bottom of Figure 6 depicts a spectrum of
Cu(II)Cu(I)L(C104) in a CH3CH,OH/CH3;OH (4:1) glass

which bears no resemblance to those recorded in frozen
CH3CN or CH,Cl, media. Instead, the spectrum in the
bottom of Figure 6 is characteristic of a spin triplet
and is indicative of formation of a dimeric species,
i.e., a dimer of macrocyclic complexes involving inter-
molecular interaction between Cu(II) centers. In
addition to the |AMS|~= 1 transitions displayed in

Figure 6 (bottom) a half-field (1500 G) signal from

the [AM_| = 2, g = 4 transition which is split into
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seven hyperfine components, also diagnostic of a copper
triplet spectrum, was observed. On reexamining the low
temperature CH3CN and CH.Cl, solution spectra it was
evident that the extra features correspond in relative
position to the intense lAMs[ = 1 features of the dimer
spectrum obtained in alcohol solution. Thus, in CH3;CN
and to a greater extent in CH,Cl, it appears that there
is frequently some dimerization of Cu(II)Cu(I)L+ in
frozen media. This is consistent with the variable
concentration and temperature experiments; one would
expect the relative amount of dimeric constituent to
decrease as the concentration of the complex decreases
and temperature increases. Assuming that the triplet
spectrum does arise from dipolar through-space coupling
of a dimer, the zero-field splitting amigll parameters
was used to calculate a Cu-Cu separation of ~4.4 R.l7

In spite of these experimental difficulties the
principal observation was the change from the seven-line
spectrum for Cu(II)Cu(I)L(Cl04) at room temperature to
a four-line pattern at LN, temperature or lower in
contrast to the apparent localized behavior of
Cu(II)Cu(I)L(CO)C104 on the EPR time scale at both
temperatures. Consequently, spectra of Cu(II)Cu(I)L(C104)

in CH,CL, were recorded at various temperatures to
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determine if a transition temperature range could be
located. The results obtained in a CH,Cl,/toluene (3:2)
mixture are presented in Figure 7. Spectra were
obtained from 84° K (distinct anisotropic four-line
spectrum) to 280° K (seven lines, well resolved) although
a more limited range is indicated in the figure. To
alleviate dimerization and precipitation problems dilute
solutions were used,giving less than optimum resolution.
Nevertheless, the gross aspects are readily evident.
At 154° K the anisotropic spectrum indicative of a
localized electron can be seen. At 175° K the low field
gll lines have converged somewhat on the central lines.
In the 203-227° K range all lines have clearly coalesced.
At 250° K new features arise, presumably due to the
hyperfine interaction involving two copper centers. The
observation of an anisotropic four-line pattern rather
than an isotropic spectrum near the coalescence region
where the solution is probably fluid may be due to a
slow rate of molecular tumbling, such that directional
characteristics are not averaged on the EPR timescale.
Under most conditions the spin doublet spectra of
frozen solutions of Cu(II)Cu(I)L(C1l0,) have displayed
no structure which might be assigned to hyperfine

coupling to nitrogen. Dilute CH,Cl, solutions have,
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‘Figure 7

Variable temperature EPR spectra of Cu(II)Cu(I)L(C104)

dissolved in CH.Cl,/toluene (3/2 by volume).
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however, occasionally shown such splitting (~15 G) in the
gl line.

Magnetic Susceptibility. Room temperature magnetic

susceptibilities are reported in Table VI. The values

for the magnetic moments for Cu(II)Cu(I)L(C104) (1;81118) and
Cu(II)Cu(I)L(CO)C10,4 (1.94 pB) are typical of magnetically
dilute Cu(II) complexes,although variable temperature
measurements may indicate some exchange coupling at

lower temperatures. These results contrast with the Moge
for Cu(II)Cu(II)L(C104)2°2H,0 (0.60 uB) which indicates
quite strong coupling between the Cu(II) centers in
agreement with Robson's observations.2 As expected,
Zn(II)Zn(II)L(C104)2+2H,0 and Cu(I)Cu(I)L are diamagnetic,
within experimental error,.

Electronic Absorption Spectra. Some aspects of the

electronic absorption spectra essential to the character-
ization of Cu(II)Cu(I)L(C1l04) as a mixed valence species
were reported earlier.5 Representative spectra of
Cu(II)Cu(II)L(C1l04)2°2H,0, Cu(II)Cu(I)L(C10,4) and
Cu(I1)Cu(1)L(CO)C10, (Cu(II)Cu(I)L+ exposed to CO) in
methanol in the visible and near infrared regions are
shown in Figure 8, All threc spectra exhibit the tail

of an intense absorption in the ultraviolet region with

1

band maxima in the range 350-400 nm (e ~10,000 M~ ' cm™').
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TABLE V. Magnetic Susceptibilities at 25°

Compound MERE (B.M)

Cu(II)Cu(II)L(C104)2-2H,0 0.60 + 0.04
Cu(II)Cu(I)L(C104) 1.81 + 0.04
Cu(II)Cu(I)L(CO)(C104) 1.94 + 0,04
Cu(I)Cu(I)L 0.19 + 0.25

Zn(II)Zn(II)L(C104)2*2H20 0.00

I+
(@]

D
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Figure 8

Electronic absorption spectra in methanol of

Cu(II)Cu(II)L(C104),°2H,0 (1.15 x 107" M)

— Cu(II)Cu(I)L(C10,) (1.10 x 10 ° M) under
3

helium “*°°; Cu(II)Cu(I)L(CO)C1l0, (1.10 x 10 ~ M)

under carbon monoxide ----.
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This band occurs in the yellow complex Zn(II)Zn(II)L(C104)>"
2H,0 and is presumably due to an intraligand transition.
Some charge transfer character undoubtedly is
present in the copper complexes. A band of considerably
greater intensity is evident at ~250 nm; it is probably
of m » 7% origin., In the visible region Cu(II)Cu(II)L2+
(green) displays a much weaker asymmetric band which
does not occur in the dizinc complexes, with a maximum
at 600 nm(e = 85 in CH;3;CN) and a shoulder at 700 mm (e = 60
in CH3CN) in agreement with Robson's observations and
presumably due to ligand-field transitions.2

Solutions of Cu(II)Cu(I)L(Cl04) were reported to
exhibit a very broad band in the near IR region in
certain solvents,which was attributed to an intervalence
transfer (IT) transition (Cu(II)Cu(I) —EX—>-Cu(I)Cu(II)*,
the product in a vibrationally-excited state) in addition
to an appreciable enhancement of the 600 nm band.5
The pogition of the IT band appeared to be solvent
dependent; it occurred at 1200 nm in non-coordinating
CH,Cl,, at 900-1000 nm in the weakly coordinating
solvents CH3;OH, (CH3;).CO and DMF, while no such band
was apparent in CH3;CN which has a strong affinity for
Cu(I). 1Initial spectra were recorded to 1700 nmS but

the spectral range has now been extended to 2600 nm.
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The spectrum of Cu(II)Cu(I)L(C10s) in CH2CL2 out to this
limit is shown in Figure 9 where an additional band can
be seen at 1700 nm. Thus, earlier spectra terminated on
the plateau of the new band maximum rather than at the
true baseline, and the higher energy bands (600 and

1200 nm) are actually much more intense than initially
believed. Similar reinvestigation in CH3;OH was complicated
by solvent vibrational overtone bands which partially
obscure any broad features in the 1700 nm region. Hence
it is not clear whether such a band is present in the
CH3OH spectra. In contrast to the bluish-green color

of Cu(II)Cu(I)L(C1l04) in non- or weakly-coordinating
solvents, CH3CN solutions are brown because the tail of
the UV band (Kmax = 380 nm), which is much broader in
this solvent than in CH2Cl:, tails off farther into

the visible to overlap with the 600 nm band. Initially
CH3CN solutions revealed no feature in the IR region

of intensity comparable to that seen in the spectra of
the other solutions. On examining more concentrated
CH;CN solutions, however, it appears that the tailing
absorption extends farther into the IR than would be
expected from Gaussian behavior of the visible and UV
bands (Figure 10)., Furthermore, there appears to be

a very slight band maximum around 1000 nm due to a broad
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Figure 9

Electronic absorption spectrum of Cu(II)Cu(I)L(C1l04)

(0.822 x 10'3 M) in dichloromethane under helium.
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Figure 10

Electronic absorption spectrum of Cu(II)Cu(I)L(C104)

(1.0 x 10°* M) in acetonitrile under helium.
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band. All solutions of Cu(II)Cu(I)L(C104) turn
green rapidly on exposure to oxygen and show only a weak ligand

field absorption (Am ~ 650 nm) in the visible and

ax
near IR regions. This observation is consistent with
the assignment of the IR bands as intervalence transitions.

As expected from its dark brown color in the solid
state, mull spectra of Cu(II)Cu(I)L(Cl1l04), Figure 11,
resemble those of the CH3;CN solutions. As discussed
earlier, Figure 11 shows the near UV band which tails
into the visible to overlap the 600 nm absorption. Also,
this spectrum clearly exhibits a very broad band in the
near IR. Figure 12 shows a very concentrated mull
spectrum on a more compressed wavelength scale and
farther into the IR. A band at 1800 nm is clearly
resolved while another at 1300 nm is accompanied by a
shoulder at 1050 nm. Over a period of days (3-5) the
mulls turn green in laboratory atmosphere, and again
only a weak band due to Cu(II) is observed in the
spectra at wavelengths greater than 500 nm.

Since the EPR results demonstrate that dimerization
of Cu(II)Cu(I)L+ occurs in frozen solution under certain
conditions, the question arose whether the "IT" bands
could result from intermolecular interaction in fluid

solution, especially in CH3OH. Beer's law studies were
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Figure 11

Electronic absorption spectrum of Cu(II)Cu(I)L(C1l04)

in a Nujol mull.
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Figure 12

Electronic absorption spectrum of Cu(II)Cu(I)L(C1l04)
in a Nujol mull (more concentrated mull than in

Figure 11))
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conducted for CH3;0H solutions (600 and 900 nm bands)

and CH2Cl, solutions (600, 1200 and 1700 nm bands) over

a fifty-fold concentration change (10'3-ZXIO'5ND at

the ambient temperature. For all bands examined the
dependence of absorbance on concentration was strictly
linear. The lack of any deviation from Beer's law
behavior suggests that there is no change in the absorbing
species in the concentration range employed. This

Beer's law behavior, in light of the observed seven-line
isotropic EPR spectrum obtained for Cu(II)Cu(I)L+ in
CH3O0H at 25°, suggests that the IR bands are attributable
to a monomeric binuclear species. Electronic absorption
spectral data for Cu(II)Cu(I)L(C104) are summarized in
Table VII.

Exposing Cu(II)Cu(I)L+ in any of the solvents
discussed to CO generates yellow solutions of the
carbonyl adduct. The spectrum in CH30H is shown in
Figure 8. It displays only a single weak band (e = 80
in CH30H) at 600 nm (Amax varies slightly in different
solvents) which is probably due to a ligand-field
transition. Significantly the broad IR bands and the
enhanced intensity of the 600 nm band observed for
solutions of Cu(II)Cu(I)L(Cl04) have disappeared.

It is notable that the Cu(II)Cu(I)-acetate system

in methanol also exhibits more than one band in the
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TABLE VI. Electronic Absorption Spectral Data for
Cu(II)Cu(I)L(C104)

Med}um Amax(nm) [~e)

solid 600 sh, 1050, 1300, 1800,

CH2C1, 580 (980), 1175 (640), 1725 (430)

CH30H 605 (930), 975 (430)

DMF 600 (920), 950 (420)

(CH3)2CO 600 (920), 1000 (480)

CH3CN 600 1000

3
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visible-near IR portion of its spectrum. A sharp band at
509 nm and a broad band centered at 900 nm were reported.
The precursor complexes, Cu(I)(CH3CN)1.+ and Cu(II)(H20)62+,
are essentially transparent at these wavelengths.15

The spectral observations on Cu(II)Cu(I)L(C1l04)
indicate that similar studies on mixed valence species,
particularly those containing copper, should be pursued
well into the IR region to ensure that all suspected IT

bands have been located.

Cu(I)Cu(Il) Compounds. The very low solubility of

Cu(I)Cu(I)L limited attempts to obtain solution electronic
spectra of this compound. Saturated solutions in DMF

showed only a band at 380 nm which tailed into the

visible region with no absorption above 700 nm. Mull

spectra of this complex also contained the 380 nm band,

a shoulder at 475 nm, and an extremely long tail which
extended out to 1500 nm. Solution spectra of Cu(I)Cu(I)L(CO):
contained only an intense band at 410 nm and a prominent
shoulder at 600 nm.

Discussion

Electrochemistry

Given the experimental data presented herein for
Cu(IT)Cu(I)L(C104) and Cu(I)Cu(I)L,along with the fact

that Zn(II‘)Zn(II)L2+ has no observable electrochemistry,
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it is clear that both electrochemical waves found for
Cu(II)Cu(II)L2+ are due to the reduction of Cu(II) to Cu(I).
Reduction of the two Cu(II) atoms in Cu(II)Cu(II)L2+ can
be discussed either by treating each site separately or
by viewing both atoms and the macrocyclic ligand as a
unit. The former method is more useful for comparing
the reduction potentials to other monomeric systems,
while the latter method is more suitable for comparisons
with other multi-metal systems.

As judged by the formal reduction potentials Elf
and Ezf, both Cu(I) centers in Cu(I)Cu(I)L are strongly
reducing. In fact, the data in Tables I and II indicate
that Cu(I)Cu(I)L is a stronger recucing agent than
superoxide ion. Since the E° for the reduction of
Cu(II) to Cu(I) in water is +0.153 V,Zl it appears that
the binucleating ligand, L, stabilizes Cu(II) much more
than it stabilizes Cu(I). Although anionic oxygen ligands
would be expected to favor Cu(II) over Cu(I), unsaturated
nitrogen donors can have the opposite effect. For
example, the reduction of Cu(II) to Cu(I) in acetonitrile
occurs at ~ + 0,95 V,Zz The nearly square-planar
coordination geometry enforced by the 1igand23 is
probably the overriding reason that Cu(II) is stabilized

over Cu(I), because the lattcr prefers a tetrahedral
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environment. Because reduction of the copper atoms in
Cu(II)Cu(II)L2+ to Cu(0) was not observed electrochemically,
it is not clear whether the observed solution stability

of Cu(II)Cu(I)L+ and Cu(I)Cu(I)L towards disproportionation
to copper metal is thermodynamic or merely kinetic,

One might expect Elf and Ezf to be similar to the E%
value of Cu(salpn), -1.099 V, assuming coordination
geometries to be similar and ignoring the effects of one
copper atom on the other. The observed differences are
probably due to molecular charge. The dicationic
Cu(II)Cu(II)L2+ and cationic Cu(I‘I)Cu(I)L+ are,
respectively, 0.58 and 0.19 V easier to reduce than
the neutral Cu(II) (salpn). A more meaningful comparison

can be made between E;f and the reduction of Cu(II)Zn(II)L2+

which occurs at -0.628 V.24

Note that the Cu(II)Cu(II)
complex is ~0.1 V easier to reduce than Cu(II)Zn(II)
complex. A similar situation is found for [(NHj3)sRu(III)-

]e+

(pyrazine)Ru(III) (NH3)s , which is 0.05 V easier to

reduce than its best '"monomer'", [(NH3)sRu(III)(pyrazine)-
RR(ITD (NHs)s]°*. %>

Recently, Patterson and Holm26 compared the reduction
potentials of a series of neutral Cu(II) chelates with
potentials for "blue" copper sites in proteins. As with

the majority of the neutral chelates, the potentials

reported in this paper for Cu(II)Cu(II)L2+ are at least
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1.0 V more cathodic than the "blue'" copper sites, which
occur at ~0.5 V. Likewise, the redox potentials for

Cu(II)Cu(II)L2+ are considerably more reducing than are

27,28

those for type III copper sites. Although type III

copper sites and Cu(II)Cu(II)L(Cloq)2-2H20,both contain a
pair of magnetically coupled copper atoms?;’29 differences
in redox potentials argue that ligand environments in

the two cases are quite different.

Molecules that contain two or more chemically
equivalent and reversible redox sites exhibit electro-
chemistry which is dictated by the thermodynamic relation-
ships between various molecular redox states. This
subject has been examined in the literature both

30-34

theoretically and experimentally. For the case of

a molecule with two sites, reduction potentials and

the conproportionation constant, K are related in

con?
the following way:

E,f

0x-0x + e === 0Ox-Red

f
- E>
Ox-Red + e === Red-Red

K
0x-0x + Red-Red =—=28-> 2 (0x-Red)

E.” - E,7 = 0.0591 log KCon
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It is natural to divide the two-site case into three
classes based on the value of Kcon:
KCon = 4--This is the totally non-interacting case,
i.e., the oxidation state of one site is not affected
by the oxidation state of the other. Even though the
two sites have the same microscopic redox potentials,
notice that Elf and Ezf, which are macroscopic properties,
are not equal but are separated by 0.0356 V. This
separation is due to statistics and has been observed
for certain polyferrocenes.33’35
Kcon < 4--This implies that the second electron is
easier to add than the first, Elf - Ezf < 0.0356 V, and
that the mixed-valence molecule, Ox-Red, will be unstable
with respect to disproportionation. If both sites in
the molecule do not change geometrically or chemically,
it is unlikely that this case will occur because charge
should be sequentially more difficult to add. 1In
situations where this case does occur, addition of the
first electron is usually followed by some process such

39 rotation about a bond,34 or

as bond-breaking,
protonation.37 The process causes the second site to
be easier to reduce than the first.

K > 4--In this case the second electron is more
difficult to add than the first, Elf - Ezf > 0,0356 V,

and Ox-Red is stable, This situation is the most common
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and is observed, for example, in many ruthenium dimers,38

certain biferrocenes,>> and Cu(II)Cu(II)L(C10,)," 2H,0.
The observation that Cu(II)Cu(II)L2+ does reduce in

two sequential, one-electron steps appears to be in

conflict with other electrochemical studies on oxo-bridged,

binuclear copper systems. The binuclear complex

Cu(II)Cu(II)([PAA)2en] (drawn below) was reported to

reduce in one reversible two-electron step.42 This

result is especially unusual considering the difference

in ligands for the two coppers. Indeed we have examined

Cu(II)Cu(ID([PAA).en] in our laboratory by d.c. polarog-

raphy and constant potential electrolysis and find that

it reduces in a single reversible one-electron process.

More recently, Linvedt reported that the two copper

atoms in Cu(II)Cu(II)(BAA), (drawn below) reduce at

44

exactly the same potential. The conclusion that

Elf = Ezf for Cu(II)Cu(II)(BAA), does not mean that the
two centers reduce with equal ease, because this
molecule belongs to the K < 4 class and the second
electron is microscopically easier to add than the
first, Thé two-electron reduction at a single potential
may result from a conformational change accompanying the
first one-electron reduction which facilitates the

second one-electron process. The electrochemistry for

Cu(II)Cu(II)L2+ is quite consistent with results on a
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similar system Cu(II)Cu(II)L'2+ (drawn below) reported by

Addison in that the molecule is reduced in two one-

electron steps.45

Cu(I1)Cu(ID[(PAA)en]  Cu(IICu(II)(BAA), Cu(II)Cu(In)L-?"*

Properties of the Mixed Valence Complexes. Our studies

of the mixed valence characteristics of Cu(II)Cu(I)L(C10,)
and Cu(II)Cu(I)L(CO)C10, were concerned with their
description in terms of existing models. We were
especially interested in qualitatively gauging the extent
of interaction between the metal centers in the ground
state, i.e., are these species better represented as
Cu(II)Cu(I) or Cu(l.5)Cu(l.5)? Were the former

description appropriate, we hoped to obtain an estimate of the
rate of thermal transfer of the odd electron between the
two metal sites. Mixed valence materials often exhibit
spectral behavior and other physical properties not

shown by the isolated ions; in particular, the inter-
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valence transfer (IT) transition represents a photo-induced
electron transfer from one metal atom to the other. Robin
and Day developed a classification scheme of mixed valence
systems based on amount of delocalization of the odd
electron between metal centers in the ground electronic
state.46 At the same time Hush proposed a coupled

harmonic oscillator model for weakly interacting systems
which relates the energy of the optical electron

transfer (Eop) to that of the corresponding thermal
activation barrier (Eth).47 For a symmetrical complex

this relation 1is Eop = 4 Eth' From Eth it 1s possible

to calculate a rate constant for the radiationless
transfer. Criteria exist for assessing the validity of
linking Eth to Eop in this fashion. These include,
principally, agreement between the observed IT spectral
band width and that calculated from the model and a

solvent dependence of Eop such that the media behave as

a dielectric continuum. The latter restriction arises
because EOp represents the inner- and outer-sphere
reorganizational energies (Eop = Ai + Ap) in the Hush
model. A number of complexes have met these criteria§8’49
The application of this model has been challenged for
other systems, however, particularly when the calculated

rate is at variance with an experimentally determined

value such as for biFerrocenium (Fe(II)Fe(III)™). 50,51 The
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complex (NHg)5Ru(pyrazine)Ru(NH3)55+ does not meet either
of the spectral tests given above, yet conflicting results
from a variety of physical measurements have been reported
regarding its definitive classification and corresponding
.25,52,53

Ken

The mixed valence copper complexes reported here can
be discussed within this context. For the CO complex the
observation of a localized odd electron at both high and
low temperatures indicates that thermal electron transfer
either is preventedentirely or is too slow to be observed
on the EPR time-scale at either temperature. This is
consistent with the lack of any band in the visible-near
IR region of the electronic spectrum assignable to an IT
transition. It might, however, occur at higher energy
obscured by the high intensity bands of the UV region.
The binding of CO to the Cu(I) site would be expected
to markedly alter the energy differences between Cu(I)
and Cu(II) perhaps to an extent which makes facile electron
transfer infeasible. Based on its spectral properties
Cu(II)Cu(I)L(CO)C104 behaves as though it contains non-
interacting metal centers--a Class I species.

The magnitude of K_ . for Cu(II)Cu(I)L+ (4.83 x 10°%)
can be compared to values for several well-characterized,

symmetric ruthenium systems. The mixed-valence ions
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[(NH3) sRu(4,4”-bipyridine)Ru(NHs)s]°" and [C1(bpy)2Ru-
(pyrazine)Ru(bp)’)zCH3+ (bpy = 2,2 -bipyridine) are

Class II systems which obey the Hush model.39 The

40

values of KC for these compounds are 4-20 and

39 .
300, respectively. When similar ruthenium systems are

on

oxo-bridged two delocalized Class III ions can be formed,

[C1(bpy) 2 RuORu (bpy) ,C1]" and [C1(bpy),RuORu(bpy).C1]",

with ]%on equal to 6.49 x 10°° and 3.2 x 10'".41  Contro-
versy still exists as to the classification of the ion
(NHg)5Ru(pyrazine)Ru(NH3)55+. Meyer has noted, however,

that the value of KC in this system, 1.89 x 107, is

on
much larger than in the weakly-interacting Class II
systems?9 Electrochemical measurements on Cu(II)Cu(I)L+
thus indicate a fairly strong interaction but no clear
indication as to whether it should be regarded as a

Class II or Class III ion.

The complex Cu(II)Cu(I)L(C1l0,) also displays evidence
of interaction between Cu(I) and Cu(II) in its electronic
and EPR spectra. The room temperature EPR spectra can
best be interpreted in terms of intramolecular electron
transfer between coppers at a rate which is rapid
compared to the relatively slow resonance experiment.

In frozen media (solutions where dimerization is not a
problem) that exchange is stopped or is too slow to be

monitored. The variable temperature experiments reveal
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that coalescence takes place at about 200° X which is
probably well above the freezing point of a CH,Cl,/toluene
solution of the complex. Hence, the inhibition of
electron exchange is not a consequence of solution
freezing. A number of explanations are conceivable for
this behavior. First, axial ligation by Cl0, or solvent
at lower temperatures might lead to an asymmetric complex
similar to Cu(II)Cu(I)L(CO)+. Solvent coordination seems
likely for CH3;CN but unlikely for CH,Cl,, which was
utilized for many of the spectroscopic studies. Another
cause might be that at the lower temperatures insufficient
thermal energy is available to effect macrocyclic
conformational changes necessary for the radiationless
transfer. According to the accepted picture of thermal
electron exchange, geometrical adjustments (bond length
changes in simple molecules) to equalize the environments
of both metal sites occur prior to electron migration.54
For Cu(II)Cu(I)L+ this might involve a structure inter-
mediate between square-planar for Cu(II) and square-planar
with slight tetrahedral distortion for Cu(I). The
molecular structure of a macrocyclic mononuclear Cu(I)
complex which is essentially square-planar about copper
but exhibits a perceptible tetrahedral twist was recently

55

determined in this laboratory. Such a molecular

deformation in solution should require considerably more
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energy than in simpler systems, e.g., self-exchange between
mononuclear octahedral complexes, and the different
coordination geometries for Cu(I) and Cu(II) might be
interconvertible at a very slow rate (if at all) at low
temperature. Support for the latter interpretation comes
from Addison's results on the analogous Cu(II)Cu(I)
complex with methyl groups on the imine carbon atoms,
Cu(II)Cu(I)L’+ (see drawing of Cu(II)Cu(I)L’2+ earlier
in this paper.)45 The ambient temperature EPR spectrum
for this species displays only four hyperfine lines
suggesting the odd electron is localized on one copper
atom. The larger methyl substituents may effectively
hinder the requisite conformationzl changes for an EPR-
detectable exchange process. Our data do not favor one
explanation over the other; indeed both processes may
occur. In any event the EPR results favor a designation
of Cu(II)Cu(I)L(C1l04) as a Class II mixed valence system.
The variable temperature spectra permit an estimate
of the rate of electron exchange. If kth is taken to
be roughly equal to the EPR lifetime (~10° sec_1)56
at the coalescence temperature (~200 K), then a value

for Ethi can be obtained using the relation

T
) =_7<_T_eEth /RT
th ~ h
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where the symbols have their usual meaning from absolute
reaction rate theory, and the transmission coefficient
is assumed to be unity for adiabatic electron transfer.48
This gives a value of 3.3 kcal for the activation

barrier and assuming the same value at room temperature
yields 2.2 x 10'° sec”' for ke, 8t 298° K. It is to be
emphasized that these calculations are merely a rough
approximation and are contingent upon the validity of
the frequency term and the assumption that no mechaniicistic
change occurs between 200 and 298° K,

Other mixed valence systems have been reported to
show temperature dependence in their thermal electron
transfer properties. The 77° K M&ssbauer spectrum of
magnetite Fe(III)[Fe(II)Fe(III)]0, revealed distinct
Fe(III) and Fe(II) ions in octahedral sites while at
300° K they were indistinguishable,57 In another
MGéssbauer study the spectra of a series of trinuclear
iron clusters Fe(II)Fe(III,_)O(CH3C02)s-LX were recorded
at several temperatures (77 to 298° K) and the iron
valences also became indistinguishable on this time
scale (10—7 sec).58
The electronic spectra of Cu(II)Cu(I)L(C1l04) in

various media are complicated, and definitive interpretation

is not possible at present, That the bands in the near
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IR and visible regions are due primarily to intervalence-
transfer is consistent with the disappearance of the IR
bands and the intensity reduction of the 600 nm bands on
exposure to CO or O, and the lack of these features in
the Cu(II)Cu(II) and Cu(I)Cu(I) complexes, although the
low solubility of Cu(I)Cu(I)L made it impossible to
obtain spectra of solutions of comparable concentration.
The intensities of these absorptions are large enough to
preclude their assignments as pure ligand-field transitions
even for low symmetry environments. Their relatively

low energies make them unlikely candidates for charge
transfer involving ligands (N and O donors in this
macrocycle).

Application of the Hush model to relate the thermal
and optical electron transfer processes in a simple
fashion is probably inappropriate in this system. For
copper complexes the solvent molecules can be regarded
as more or less directly involved, depending on their
donor strength, in the inner coordination sphere of
either or both oxidation states, This would influence
the energy of both the thermal and photo-induced processes
in a manncr different from the effect of a dielectric
continuum. Moreover, the varying number of bands observed
complicates the use of a simple model. In addition to

the basic IT transition involving the same d-orbitals
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on different metal atoms, transitions to empty higher-
energy orbitals or from filled lower-energy d-orbitals
are possible. These additional bands should occur at
energies roughly corresponding to the IT transition plus
an associated ligand field transition. Such bands have
been reported for Prussian blue KPe(II)Fe(ILD(CN)e'HzOsg
and biferrocenium [Fe(II)Fe(II1)]°Y. For Cu(IT)Cu(I)L(C104)
a similar interpretation of the spectra might hold. The
variation in the number of bands observed with different
solvents and in the solid state is reminiscent of the
behavior of the ligand-field spectra of certain square-
planar Cu(II) complexes, notably Cu(acac), toward

60 Yet no orbital

solvents of different donor strength,
energy ordering for square-planar or square-pyramidal
geometries can satisfactorily account for the solvent
independence of the 600 nm band. Furthermore, the lower
inteﬁsity of CH3CN solution band(s) remains inexplicable.
A less speculative discussion of the electronic spectra

of this complex will require additional research.

Cu(I)Cu(I) Compounds. All of the physical studies

on Cu(I)Cu(I)L (elemental analysis, IR spectroscopy, and
magnetic susceptability) are consistent with its
formulation as a Cu(I)Cu(I) compound. Relatively few
binuclear Cu(I)Cu(l) compounds are known, although

recently attempts to model binuclear copper sites in
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proteins have led to the synthesis of several such
compounds.él_64 The lack of solubility for this compound
has precluded extensive characterization in solution. On
the other hand, since Cu(I)Cu(I)L(CO), could not be
isolated from solution the evidence for its existence
consists of the stoichiometry involved in its preparation

and the CO stretching band in the solution IR spectrum.

Further study is obviously required for these systems.

Conclusion

Use of a binucleatingAmacrocyclic ligand has led to
isolation of mixed valence, Cu(II)Cu(I), and fully
reduced, Cu(I)Cu(i), complexes in which each copper ion
experiences a similar coordination environment. The mixed
valence species, Cu(II)Cu(I)L+ exhibits unusual electronic
absorption and temperature dependent EPR spectral
properties. The latter permit an estimate of 2.2 X 10"°
sec”' for the rate of thermal intramolecular electron
transfer, Both Cu(II)Cu(I)L+ and Cu(I)Cu(I)L reversibly
bind CO forming Cu(II)Cu(I)L(CO)+ and Cu(I)Cu(I)L(CO)2,

respectively, new examples of five coordination for Cu(I).
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Experimental

Materials. All chemicals were reagent grade and were
used as received unless otherwise noted. Copper(II)
perchlorate, ground to a powder then dried to a constant
weight in vacuo (25°), was used as Cu(Cl04),*6H,0.
Tetrabutylammonium perchlorate TBAP (Southwestern
Analytical Chemicals) was dried exhaustively in vacuo
(25°) before use. Reagent grade N,N-dimethylformamide,
DMF, was dried successively over MgSO, and CuSO, and
then over 4A molecular sieves for 48 hours and vacuum
distilled. 5-Methyl-2-hydroxyisophthalaldehyde was
65

prepared by a modification of the literature method.

Physical Measurements. Sample preparation for

physical studies on the air-sensitive materials were
accomplished in a Vacuum Atmospheres Dri-lab glove box
with a helium atmosphere. Thoroughly deaerated spectro-
quality solvents were used for solution studies.

Magnetic susceptibility determinations were done
with powdered samples at room temperature using a Cahn
Instruments Faraday balance; HgCo(SCN), was used as a
calibrant, and diamagnetic corrections were made using
Pascal's constants.

X-band EPR spectra were recorded on a Varian E-line

spectrometer, Temperature control was achieved with an
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Air Products Heli-Tran liquid helium transfer refrigerator.
Samples were contained in cylindrical quartz tubes of 2

or 3 mm diameter equipped with stopcocks and 1 14/20 joints.
Solutions of the carbonyl complex, Cu(II)Cu(I)L(CO)+ were
generated from those of Cu(II)Cu(I)L+ by evacuating the
helium atmosphere in the cell and then admitting carbon
monoxide gas.

Electronic spectra were recorded on Cary 14 spectro-
photometers. Solid state spectra were obtained with Nujol
mulls on filter paper with the mulling agent in the
reference compartment. Solution spectra were recorded
using 1 cm quartz cells equipped with stopcocks to
facilitate addition of CO as described for the EPR
procedure. Solvent was run against solvent to obtain a
baseline,

Infrared spectra were recorded on a Beckman IR-12
Infrared Spectrophotometer. Solid-state spectra were
recorded using Nujol mulls pressed between KBr plates.
Solution spectra were obtained using calcium fluoride
solution cells (1 mm).

Carbon monoxide stoichiometries were obtained
using a modified Warburg Manometer. Both the cell ?nd
burette system were water-jacketed at 22° C. The ubtakes

were performed at a constant pressure of 741 mm Hg.
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Electrochemistry., The apparatus used for constant

potential electrolysis (CPE) and cyclic voltammetry
consisted of a Princeton Applied'Research Model 173
potentiostat-galvanostat coupled with a Model 179 digital
coulometer, plus a voltage ramp generator of our own
design. A PAR Model 174A polarographic analyzer was

used for d.c. polarography and differential pulse voltam-
metry. For display purposes, both a storage oscilloscope
and a X-Y recorder were used,

Constant potential electrolysis and cyclic voltammetry
were done in a three compartment H-cell. The cell consisted
of 25 ml working and auxiliary compartments separated by
a small center compartment, all separated by medium
porosity sintered glass frits. 1In all solvents the
supporting electrolyte was 0.1 M TBAP.6 For CPE the
working electrode was a mercury pcol and for every technique
the auxiliary electrode was a coiled platinum wire. The
reference electrode consisted of a2 silver wire immersed
in an acetonitrile solution containing AgNO; (0.01 M)
and TBAP (0.1 M), all contained in an 9 mm glass tube
fitted on the bottom with a fine porosity sintered glass
frit,

All potentials are reported versus the normal

hydrogen electrode, NHE. Instead of attempting to correct
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potentials measured against the Ag/AgNO; (0.01 M), TBAP
(0.1 M), CH3;CN reference electrode, an internal reference
redox couple was used. It has been proposed that the
oxidation of ferrocene to ferrocenium ion occurs at the
same potential in every solvent.66 In water the process
occurs at +0.400 V versus NHE.67 Experimentally, small

amounts (5 x 107 M to 10 °

M) of ferrocene were added

to solutions containing the compounds of interest and

formal potentials for both couples were measured under

the same conditions. Ferrocene is not easily reduced and

did not react with the reduced forms of the copper

complexes. Comparison of potentials to ferrocene oxidation
is more reproducible and provides a better estimate of
potentials versus the NHE because unknown junction potentials
associated with the Ag/Ag+ or saturated calomel electrodes

are avoided,

Cu(II)Cu(II)L(C104) *2H,0 was prepared via a modification

of the method reported by Robson.2 1,3-Diaminopropane
(1.19 g, 1,34 m1l, 16 mmoles) was slowly added to a solution
of Cu(Cl04)2°6H,0 (5.9 g, 16 mmoles) in methanol (25 ml).

A second solution containing 5-methyl-2-hydroxyisophthal-
aldehyde (2.5 g, 15.2 mmoles) in boiling methanol was

then added dropwise to the copper-amine mixture. The

resulting solution was hecated to boiling for one hour
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and cooled to room temperature. The solution was reduced

to a small volume (~20 ml) using a rotary evaporator and

was cooled for several hours in a refrigerator.

A light green solid formed which was removed by filtration.

The filtrate was further reduced in volume by evaporation

until just before dryness. During this process more

solid formed which was collected and combined with the

original precipitate. After being washed with cold

water and air-dried, the solid was added to boiling water

(~100 ml1/g of solid), stirred for about five minutes and

filtered. Slow cooling of the filtrate yielded emerald

green needles which were isolated by vacuum filtration,

washed with cold water and dried under vacuum. Calculated

for C24H39N401,0C12Cus: C, 37.71, H, 3.96; N, 7.33;

Cu, 16.62. Found: C, 37.7; H, 3.8; N, 7.1; Cu, 16.6.
Cu(II)Cu(I)L(C104), was prepared in a helium

atmosphere from the Cu(II)Cu(II) complex by constant
potential electrolysis at -0.71 V. Details of the
electrolysis cell and instrumentation are given earlier
in this experimental section. The working compartment
initially contained 0.35-0.40 g of the Cu(II)Cu(II)
species in DMF (25 ml). During the electrolysis the
solution changed in color from green to blue. After

completion of the electrolysis (n = 1.0 £ 0.1) the
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working compartment solution was transferred to a separate
vessel and diethyl ether (50-75 ml) was added causing a
dark brown solid to precipitate. After filtration the
solid was dried and recrystallized from a saturated
solution of boiling methanol, yielding dark brown needles
which were dried in vacuo. Calculated for C,4H2sN40¢C1Cu,:
C, 45.83; H, 4.17; N, 8:9; Cu, 20.20. TFound: C, 45.63

H, 4.4; N, 8.7; Cu 19.85.

Cu(II)Cu(I)L(C104)(CO) was synthesized using Schlenk

techniques by the addition of carbon monoxide to solutions
of the precursor mixed valence complex, Cu(II)Cu(I)L(C1l04).
Under a CO atmosphere solid Cu(II)Cu(I) complex was
dissolved in a minimum volume of DMF and the resulting
solution was filtered. Diethyl ether, which was deaerated
by bubbling with CO, was added slowly to the filtrate

until a light brown solid precipitated. The solid was
collected by filtration and dried under a stream of CO.
Calculated for. C, H,¢N,0,C1Cu,: G, 45,705 Hy; 5.99%

N, 8.53; Cu, 19,34. Found: C, 45.9; H, 4.25; N, 8.65;

Ca, 19.05.

Cu(I)Cu(I)L was synthesized under a helium atmosphere

from the Cu(II)Cu(II) complex by constant potential
electrolysis at -0.71 V and then a2t -1,16 V. Initially,
electrolysis was carried out at -0.71 V as described in

the preparation of the Cu(II)Cu(I) complex, Cu(II)Cu(I)L(C1O4).
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The solution was then further reduced at -1.16 V (n =

1.0 + 0.1). During the latter process a dark brown,
almost insoluble, powder formed which was collected and
dried. The compound was redissolved in a small volume
of DMF under a CO atmosphere, using Schlenk techniques.
After filtration the CO was allowed to slowly (over a

48 hr period) diffuse out of solution into an argon
stream. Shiny black crystals formed which were collected
and dried in vacuo, Calculated for C,4H,¢N402Cu,:

Cy 94.43; H, 4.955 N, 10.58; Cu, 24.00. Found: C, 54.1;
H, 5.05; N, 10.75; Cu, 24.4,

Zn(I1)Zn(II)L(C104)2+2H,0, 1,3-Diaminopropane (0.5 ml,

6.0 mmoles) followed by Zn(Cl1l04),°6H,0 (2.27 g, 6.1 mmoles)
in methanol (25 ml) were added to a solution of 5-methyl-
2-hydroxyisophthalaldehyde (1.0 g, 6.1 mmoles) in ethanol
(100 ml) with stirring and mild heating. A yellow
precipitate formed immediately on addition of the zinc
salt but it quickly dissolved giving a yellow solution.
The solvent was evaporated to near dryness, with gentle
heating,and was cooled to the ambient temperature. The
resulting orange-yellow solid was isolated by filtration
then recrystallized from 1;1 ethanol/methanol to give a
bright yellow microcrystalline powder. Calculated for
C24H30N4010Cl2Zn,: C, 37.52; H, 3.94; N, 7.30; Zn, 17.02.

Found: €, 37.7: H, 3:9; Ny 7.0; Zn;, 17.7.
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Models for Copper-Containing Proteins: Structure and

Properties of

Novel Five-Coordinate Copper(I) Complexes
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Abstract: The four-coordinate Cu(l) complex [difluoro-3,3'-(trimethylenedinitrilo)bis(2-butanone oximato)borate]copper(l).
Cu(LBF;), can be produced by electrochemical reduction of the corresponding Cu(11) complex. The Cu(l) complex reacts
with monodentate ligands (e.g., CO, 1-methylimidazole, acetonitrile) yielding five-coordinate adducts. The structure of the
carbonyl derivative has a square-pyramidal copper displaced 0.96 A out of the basal nitrogen plane. The Cu-CO distance is
1.780 (3) A, with a Cu-C-O angle of 177.5 (3)°. The C-O bond length is 1.112 (4) A. The space group is Pbca with a =
13.926 (1) A, b = 14.209 (1) A, c = 16.297 (1) A, Z = 8, and R = 5.5%. Preliminary equilibrium constants were determined
by cyclic voltammetry and by absorption spectroscopy. Carbon monoxide (K = 4.7 X 10 M~!) binds significantly better than
1-Melm (K. = 16 m~"). The possible bicchemical significance of five-coordinate Cu(l) is discussed.

Introduction

Numerous copper-containing proteins utilize molecular
oxygen in respiratory and biosynthetic functions.!-? The best
studied copper proteins, hemocyanin and tyrosinase, serve,
respectively, in O, transport and in activating O, for the oxi-
dation of tyrosine.4 Both tyrosinase and hemocyanin appar-
ently contain a pair of contiguous Cu atoms, commonly des-
ignated type 111 copper, at the active site. The structural nature
of the type 111 copper site is not known for any protein. Stoi-
chiometry,!3:'4 EPR'5-19 and magnetic susceptibility mea-
surements'8-20 on various derivatives of hemocyanin and ty-
rosinase, however, suggest a strongly antiferromagnetically
coupled pair of copper atoms separated by some 3-5 A.3-7 The
number and identity of ligands bound to either copper are not
known. Nonetheless, titration2!22 and spectroscopic3:24
studies tend to preclude sulfur and favor nitrogen ligands,
probably imidazole nitrogen.

The paucity of structural and mechanistic information for
these copper proteins is paralleled by an equally sparse liter-
ature on the reactions of Cu(I) complexes, particularly with
nitrogen ligands.2’ Extreme lability, facile disproportionation,
and air sensitivity have frustrated attempts to explore reactions
of copper-nitrogen ligand complexes. For example, there are
no well-characterized dioxygen complexes derived from
Cu(1)2¢ despite the large number of O, complexes known for
several other metals.27-30

To help elucidate possible active site structures and mech-
anisms of copper protein activity, we are exploring the basic
relationships between structure and chemical reactivity in a
variety of Cu(I) complexes of predominantly nitrogen ligands.
Both mononuclear and binuclear complexes are under inves-
tigation, in the hopes of eventually explaining the apparent
necessity for a binuclear copper site (type 111) for O; binding
in the proteins.¢ Herein we report the synthesis and properties
of novel five-coordinate Cu(l) complexes which have been
communicated previously.3!

Results and Discussion

Deducing structure-reactivity relationships for Cu(Il)
complexes is complicated by a number of factors which can be
controlled, as follows,

(1) Both Cu(l) and Cu(Il) are rather substitution la-
bile.25-32 Thus, complexes of monodentate snd even bidentate
ligands often lead to solutions containing several species in-
c{uding two-, three- and four-coordinate monomers as well as
dimers, etc. Use of polydentats ligands, including macrocycles,

inhibits both dissociation and dimer formation (via bridging
atoms of the polydentate ligand) especially if the chelate is
somewhat rigid structurally, as macrocycles are. Explaining
golution behavior, especially in reference to solid-state struc-
tures, is thus simplified appreciably.

(2) Many Cu(l) complexes disproportionate rapidly at the
ambient temperature to Cu(Il) and Cu(0).3* Ligand envi-
ronments having saturated amines and/or an enforced rigid,
square-planar structure destabilize Cu(l) with respect to
Cu(ll), as shown by electrochemical studies.*4-** Conversely,
employing flexible yet unsaturated nitrogen ligands should
preclude disproportionation.

(3) Reducing Cu(II) to Cu(l) without undesirable further
reduction to Cu(0) is difficult with most common chemical
reducing agents. Likewise, complexing Cu(l) directly by re-
action between some appropriate Cu(l) salt and a polydentate
ligand most often leads to disproportionation, possibly owing
to unstable intermediates.?¢-39 Electrochemical reduction at
constant potential has, however, been shown33 to be both
specific and practical.

(4) Finally, it must be recognized that most Cu(I) complexes
are very air-sensitive. Schlenk, vacuum-line, and modern
inert-atmosphere chamber techniques render this a relatively
trivial problem.

After examining several other polydentate and macrocyclic
ligand sysiems, the results of which are reported in part else-
where,%® we have found the tetradentate ligand 1 to adequately
fulfill the requirements above and to yield novel Cu(I) chem-
istry.3! The free ligand, 3,3'-(trimethylenedinitrilo)bis(2-
butanone dioxime) (1, H,L), has been prepared previously,*0
using boiling diisopropy! ether as solvent, although this pro-
cedure is difficult. Large quantities of ligand can be obtained
far more simply, however, by combining 2,3-butanedione
monoxime with 1,3-diaminopropane in ethanol at 25 °C (eq

1).

Z—O0=

]
9
N N
s z Bo}:] - N 4]
N ) S P
’ U

o '
Treating warm acetone or ethanol solutions of the macro-
cycle § with Cu(lI) salts gives red to green mixtures depending
on the ligand to Cu(1l) ratio. With a twofold excess of ligand,
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Table I. Cyclic Voltammetric Data for [Cu(LBF;)CI0,],-C4H;Q, (8)¢
Solvent E bV E, bV Efbey I, BA in, 4A
CH,CN -0.432 -0.330 -0.381 18 19
(CH;),CO -0.459 -0.345 =0.402 18 17

@ Conditions: [Cu] = 2 X 103 M under inert atmosphere; sweep rate = 100 mV/s; hanging mercury drop electrode. ¢ Potentials are given

vs. SHE as calculated in Table X. < El = (B, + E})/2.

dark red-brown, crystalline Cu(HL)ClO4H,0 (2) can be
isolated. The product is contaminated with excess copper,
possibly because of small amounts of a binuclear species such
as 3. This species may be similar to the Cu(II) complex ob-
tained*! with salicylaldehydeethylenediamine, 4.

X,
N.
T

3 YeH 2
S, Y= BF,
Gy, €l
Cu
O Q/\C/ 1 L | Il JE 1 1 I | 1
_ /“\ _ <05 00
N V ys she

To inhibit binding of a second copper atom and to prevent
possible hydrogen atom transfer reactions (as to dioxygen
coordinated to copper), the bridging oxime hydrogen in 2 was
replaced with BF, via treatment with boron trifluoride etherate
in dioxane. The resulting complex has an analysis consistent
with the formulation [Cu(LBF;)Cl04]2-CsHgO; (8). It has
not been determined whether dioxane is acting as a u-bidentate
bridge between two coppers or is present simply as solvent of
crystallization.

The reduction of complex 5§ was attempted by several
chemical reducing agents, including Na, Zn, Mg, and their
amalgams, and hydrazine. In all cases some Cu(0) was pro-
duced, by direct reduction of Cu(11) or by disproportionation
of intermediate Cu(l) species. For this reason, the electro-
chemical behavior of the complex was examined.

Cyclic voltammograms of § have been obtained both in ac-
etonitrile and in acetone. A scan, representative of the first
reduction process in either solvent, is given in Figure 1.42 While
the anodic and cathedic peak currents are nearly equal, the
peak potential separation is much larger than the 58 mV ex-
pected for a reversible, one-electron process. That this reduc-
tion does involve only a single electron is confirmed by constant
potential electrolysis at potentials slightly negative of the wave
(~ =0.7 V) yielding n values of 1.0 £ 0.05.

The potential of the Cu(Il)/Cu(l) couple for § (Ef =
~0.381; see Table I) is more positive than that for complex 2
(E' = —0.560; see Experimental Section) indicating a possible
stabilization of Cu(l) in the former. Indeed, gram quantities
of Cu(LBF;) (6) can be synthesized by CPE at —0.7 V. During
the electrolysis, the original purple solution (Cu(1I)) becomes
deep blue (Cu(l), Amax 677 nm) with subsequent precipitation
of a microcrystalline, red solid. The product, which is blue upon
being ground to a powder (an optical phenomenon since there
is no other indication of chemical decomposition), is apparently
not air-sensitive in the solid state.

In a formal sense the blue Cu(l) complex, Cu(LBF3), 6, is

Figure 1. Cyclic voltammetry of [Cu(LBF;)(ClOs)]2CsHsOz (8) in
CH,CN. Scon rate = 100 mV/s. [Cu] = 2 X 1073 M.

a four-coordinate 18-electron system and as such is coordi-
natively saturated. Nonetheless, 6 reacts with a number of
monedentate ligands to give presumably five-coordinate Cu(l)
complexes. For example, addition of 1-methylimidazole, (1-
Melm) to the blue complex 6 in acetone gives a green solution
(Amax 420 nm) from which the imidazole adduct, Cu-
(LBF,)(1-Melm) (7) can be isolated. Even acetonitrile, usu-
ally considered a weak ligand, binds to Cu(LBF3) (6), giving
aquamarine solutions at 25 °C. Green acetonitrile solutions
result upon cooling to —40 °C, presumably indicating a greater
degree of complex formation at the lower temperature.

Most surprisingly, carbon monoxide reacts rapidly with blue
Cu(LBF,) {6) solutions at 25 °C, yielding light yellow solu-
tions. The reaction is readily reversed upon purging with ni-
trogen. A stable carbonyl adduct can be isolated from CO
treated solutions as a bright yellow microcrystalline material
(rco 2068 cm™!), Cu(LBF,)(CO) (8). The solution infrared
spectrum of Cu(LBF,)(CO) (8), (CH2Cl, | atm CO) shows
only a single peak attributable to coordinated CO (vco 2080
cm™!). This is consistent with the presence of a single carbonyl
species in solution. Finally, the similarity between vco in so-
lution (2080 cm™!) and in the solid state (2068 cm™') suggests
that the solution species is most probably a five-coordinate,
monocarbonyl adduct (vide infra).

Crystal Structure

The carbonyl adduct Cu(LBF;)(CO) (8) was easily crys-
tallized by evaporation of an acetone solution, permitting a
structural determination. Figure 2 shows the structure and
labeling scheme of the novel copper(I) carbonyl complex while
Table I details the crystal data. The structure’s uniqueness
lies in five-coordination for copper(I) which gives rise to a
20-electron count for the metal atom coordinated to five two-
electron donors. Although five-coordination is known for other
d'% metals,* it is not common for copper(l). In addition,

Gagné et al. | Structure of Five-Coordinate Copper(I) Complexes
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F2)

2. An ORTEP drawing of the structure and numbering scheme of
Cu(LBF;)(CO) (8) with thermal ellipsoids at the 40% probability leve!.
Hydrogen atoms are omitted.

Table IL. Crystal Data for Cu(LBF,)(CO) (8)

Formula &(BF;C||H|.N40})CO
FW 378.64
Space group Dyp'3-Pbca (no. 61)
a 13.926 (1) A
b 14.209 (1) A
o 16.297 &l) A
14 32248 A3
z 8
Pealed 1.56 g cm=3
Pobsd 1.55(3)gem™?
ACu Ka) 1.5418 A
u(Cu Ka) 23.293cm™!
Table I11. Bond Distances (A)
Cu-NI 2165(2)  NI-C3 1.275 (3)
Cu-N4 2.163 (2) N2-C4 1.277 (4)
Cu-N2 2.100 (2) N2-Ce6 1.459 (4)
Cu-N3 2.108 (2) C2-C3 1.488 (4)
C3-C4 1.485 (4)
Cu-C1 1.780 (3) C4-Cs 1.484 (5)
01-C1 1.112 (4) C7-C8 1.500 (5)
Fi-B 1.386 (4)
F2-B 1.379 (4) C2-HI 0.86 (3)
03-B 1.478 (4) C2-H2 093 (3)
02-B 1.475 (4) C2-H3 093 (3)
C5-H4 0.82 (3)
02-N1 1.374 (3) C5-HS 1.05 (3)
03-N4 1.371 (3) CS5-Ho6 0.89 (3)
C6-H7 0.85 (3)
N4-C11 1.283 (3) C6-H8 1.02 (3)
N3-C10 1.269 (4) C7-H9 0.92 (3)
N3-C8 1.471 (4) C7-H10 091 (3)
C11-C12 1.480 (4) C8-H11 1.01 (3)
Ci10-C11 1.494 (4) C8-H12 0.97 (3)
C9-C10 1.497 (5) C9-H13 098 (3)
Cs-C7 1.502 (5) C9-H14 0.97 (3)
C9-H15 0.89 (3)
Cl2-H16 0.90 (3)
C12-H17 0.94 (3)
C12-18 0.87 (3)

Cu(LBF,)(CO) (8) is one of the few structurally characterized
copper(l) carbonyl complexes and is apparently the only known
iZd()-electron complex containing coordinated carbon monox-
e.
Tables Il and IV give bond lengths and angles for
Cu(LBF;)(CO) (8). All nonhydrogen intermolecular sepa-

Table IV, Bond Angles (Deg)

N2-Cu-N4 1247(1)  Fi-B-F2 110.7 (3)
N1-Cu-N3 1276 (1)  F1-B-02 1107 3)
N1-Cu-N4 79.1(1)  F1-B-03 110.8 (3)
N2-Cu-N3 859(1)  F2-B-02 105.1 (3)
N3-Cu-N4 738(1)  F2-B-03 105.8 (3)
N1-Cu-N2 739(1)  02-B-03 113.4 (3)
Cu-N1-02 1264 (2)  03-N4-Cl1 116.0 (2)
Cu-N4-03 1262(2)  02-NI1-C3 1157 (2)
Cu-N1-C3 117.5(2)  N1-02-B 112.5(2)
Cu-N2-C4 1180(2)  N4-03-B 1129 (2)
Cu-N2-C6 120.2 (2)
Cu-N3-C8 1194(2)  NI-C3-C2 1239 (3)
Cu-N3-CI10  118.5(2)  NI1-C3-C4 113.6 (3)
Cu-N4-C11  1178(2)  N2-C4-CS 124.3 (3)
N2-C4-C3 116.3 (3)
Ni-Cu-Cl 1149(1)  N3-C10-C9 125.6 (3)
N2-Cu-Cl 1148(1)  N3-C8-C7 1124 (3)
N3-Cu-Cl 1174 (1)  N4-CI11-CI0 1133 (3)
N4-Cu-Cl 1203 (1)  N4-C11-C12 1244 (3)
C4-N2-C6 121.8 (3)
Cu-C1-01 177.5(3)  N2-C6-C7 1122 (3)
C8-N3-C10 122.0 (3)
N;-C10-Ci1 1163 (3)
C3-Cy-Cq 1223 (3)
C3-C4-CS5 119.3 (3)
C9-C10-CI1  118.0(3)
C10-C11-C12 1221 (3)
C6-C7-C8 117.1 (3)

Table V. Root-Mean Square Amplitudes of Vibration along the
Principal Anes (A)

Cu 0.21 0.23 0.24
F1 0.22 0.26 0.28
F2 0.19 0.26 0.34
[o}] 0.20 0.39 0.40
02 0.19 0.21 0.27
03 0.21 0.22 0.26
NI 0.20 0.22 0.23
N2 0.19 0.22 0.27
N3 0.19 0.23 0.27
N4 0.20 0.22 0.23
Cl 0.22 0.25 0.28
C2 0.22 0.26 0.29
C3 0.19 0.20 0.24
Cé 0.19 0.21 0.27
c5 0.22 0.30 0.35
Cé6 0.2 0.27 0.32
(o) 0.20 0.29 0.34
ce 0.20 0.28 0.34
C9 0.22 0.30 0.35
C10 0.19 0.21 0.29
Cll 0.19 0.20 0.27
C12 0.22 0.26 0.32
B 0.20 0.22 0.27

rations are greater than 3.39 A. There is no evidence for in-
termolecular or intramolecular hydrogen bonding.

The carbonyl complex Cu(LBF;)(CO) (8) exhibits idealized
C,-m geometry with no crystallographically imposed sym-
metry. The copper atom sits in an asymmetrical square-py-
ramidal environment and is displaced 0.96 A from the basal
plane of the four nitrogen atoms. Two significantly different
sets of Cu-N bond lengths which average 2.164 and 2.104 A
characterize the equatorial asymmetry. The trans N-Cu-N
angles are 124.7 (1) and 127.6 (1)°; the cis N-Cu-N angles
range from 73.8 (1) to 85.9 (1)°. %

The carbony! ligand coordinates at the apex of the square-
pyramid with 2 Cu~CO distance of 1.780 (3) A and a Cu-C-O
angle of 177.5 (3)°. The C-O bond length, which has not been
corrected for possible vibrational shortening (Table V),is 1.112
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Table V1. Atomic Coordi ¢ for Cu(LBF,)(CO) (8)

Atom X Y r4

Cu 23458 (3) 10234 (3) 41603 (3)
F1 3529 (1) 1537 (1) 5685 (1)
F2 2753 (1) 1957 (1) 6857 (1)
(o] 4321 (2) 962 (2) 3617 (2)
02 2120 (1) 2451 (1) 5651 (1)
03 2092 (2) 787 (2) 6083 (1)
N1 1940 (2) 2274 (2) 4836 (2)
N2 1434 (2) 1791 (2) 3383 (2)
N3 1478 (2) ~147 (2) 3874 (2)
N4 1919 (2) 416 (2) 5321 (2)
Ci 3568 (2) 986 (3) 3843 (2)
C2 1004 (3) 3726 (2) 4873 (2)
c3 1408 (2) 2873 (2) 4472 (2)
C4 1168 (2) 2609 (2) 3614 (2)
Cs 625 (3) 3281 (3) 3094 (2)
Cé 1164 (3) 1411 (3) 2584 (2)
(oy) 1554 (3) 437 (3) 2449 (2)
C8 1206 (3) -322(3) 3015(2)
c9 586 (3) -1535(2) 4363 (3)
Clo 1182 (2) —664 (2) 4457 (2)
Cil 1425 (2) -346 (2) 5305 (2)
Ci2 1071 (3) -844 (2) 6043 (2)

B 2643 (3) 1675 (2) 6053 (2)
Atom X Y V4 B
H1 135(2) 422 (2) 479 (2) 5.20
H2 99 (2) 365(2) 544 (2) 5.20
H3 40 (2) 389 (2) 468 (2) 5.20
H4 8(2) 307 (2) 310(2) 6.90
HS 9(2) 325(2) 246 (2) 6.90
H6 40 (2) 381 (2) 331 (2) 6.90
H7 136 (2) 178 (2) 220(2) 6.30
H8 43(2) 140 (2) 262 (2) 6.30
H9 222 (2) 46 (2) 249 (2) 6.80
H10 134 (2) 24 (2) 195 (2) 6.80
H1!l 50(2) -48 (2) 298 (2) 6.60
HI12 146 (2) -94 (2) 290 (2) 6.60
HI13 75(2) -180(2) 383(2) 7.10
Hi4 82(2) =200 (2) 475(2) 7.10
H15 1(2) —144 (2) 458 (2) 7.10
Hl1e6 110 (2) —-47(2) 648 (2) 5.80
H17 40 (2) -87(2) 603 (2) 5.80
HI18 136 (2) -137(2) 614 (2) 5.80

@ The X, Y, and Z fractional coordinates are multiplied by 10° for
the copper atom, 10 in the case of the nonhydrogen atoms, and by
10? otherwise.

(4) A. To our knowledge the only other copper(l) carbony!
complex which has been structurally characterized is [hy-
drotris(1-pyrazolyl)borato]copper(l) carbonyl, [HB-
(pz)3]CuCO.# The latter complex has a four-coordinate
copper(l) atom with a closed-shell configuration. Carbon
monoxide is bonded linearly; the Cu-CO distance averages
1.765 A and the C-O bond length is 1.120 A. Thus, while the
average Cu-N distance in Cu(LBF,)(CO) (8) is 0.09 A longer
than that in [(HB(pz);))CuCO, both the Cu-CO and CO
distances agree closely in spite of the difference in coordination
numbers of the copper atom. As we have previously noted,?!
the carbonyl infrared stretching frequencies also show only a
small variation despite the different coordination geometries
for copper(I).

Several structural determinations of various metals coor-
dinated to H,L (3, or its derivatives) have been reported. These
include six-coordinate d¢ metals Rh(111)4%® and Co(111).95®
A closely related copper(11) complex,* which has a saturated
Cu-N (amine) bond, is square pyramidal with a perrhenate
anion occupying the axial coordination site. The Cu-N bond
lengths in Cu(LBF;)(CO) (8) average 0.16 A longer than
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Figure 3. Visible spectral changes observed on addition of 1-methylim-
idazole to a solution of Cu(LBF) (6) in acetone.

those in the copper(l1)-amine complex. The copper(11) ion is
displaced only 0.24 A out of the plane of the equatorial nitrogen
atoms.* Presumably, the larger size of the copper(l) ion ac-
counts for the larger displacement of the metal atom from the
plane of the four nitrogen atoms in Cu(LBF,)(CO) (8).

Rhodium(!) complexes of H,L (1) have been found to be
very reactive toward oxidative addition.4” In some cases cis
addition is indicated which would require distortion of the
macrocycle from planarity. The macrocycle is nearly planar
in the Rh(III), Rh(I), and Co(lll) structures. In Cu-
(LBF;)(CO) (8), however, the macrocycle deviates consid-
erably from planarity as evidenced by a dihedral angle of 60.0°
between the Ni(1)-C(3)-C(4)-N(2) and N(3)-C(10)-
C(11)-N(4) planes. This angle is less than 3° for the dé and
d8 complexes.

Other differences in the conformation of the macrocycle in
the structures of the six-coordinate BF,-bridged Rh(11I)
complex, Rh[Cy(LBF;)](CH3)(1).45 and of Cu(LBF,)(CO)
(8) are evident. In the latter complex, atom C(7) and the boron
atom both lie above the plane of the four equatorial nitrogen
atoms. A “‘boat™ conformation is thus produced for the two
six-membered rings which include the metal atom. In the
Rh(11I) complex, however, these atoms are located on opposite
sides of the macrocycle plane leading to an overall “‘chair™
conformation. This variation in conformation presumably
results from the difference in steric requirements of both the
metal atoms and the axial ligands in the Cu(l) and Rh(11I)
complexes.

The average values of the C=N, C—N, and C—C bond
lengths in Cu(LBF;)(CO) (9) are 1.276 + 0.006, 1.465 %

0.008, and 1.491 2 0.008 A, respectively.*8 For comparison,
values of 1.300 2 0.013, 1.476 £ 0.018,and 1.506 £ 0.025 A
are found for Rh{C,(LBF;)](CHj)l.

The refined C-H bond lengths average 0.93 & 0.06 A. The
H-C-H angles range from 89 to 129° with a mean value of 107
+ 10°.

Tables VI and VI give the atomic coordinates and the an-
isotropic thermal parameters for Cu(LBF;)(CO) (8).

Gagné et al. | Structure of Five-Coordinate Copper(I) Complexes
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Table VIL. Anisotropic Thermal Parameters for Cu(LBF,)(CO) (8)

Atom Un Un Uss Ui Uiz Uy

Cu 448 (2) 5§52 (3) 565(3) -10(2) 59(2) =18 (2)
Fli 51(1) 68 (1) 74 (1) 2(1) =10(1) =2(1)
F2 96 (2) 70 (1) 49 (1) 12 (1) =28 (1) =6(1)
01 61(2) 155 (3) 132(3) -8(2) 4] (2) 1(2)
02 64 (1) 45 (1) 43 (1) 161 =11(1) =2(1)
03 69 (2) 49 (1) 45(1) () =3(1) 3
NI 50 (2) 46 (2) 42(2) 1(1) -4 (1) ()
N2 52(2) 68 (2) 38(2) -9(2) =-2(1) 2(1)
N3 54 (2) 53(2) 57(2) -4(1) 5(1) =18 (1)
N4 47 (1) 41 (1) 50 (2) 4(1) 2(1) 0(1)
Ci 56 (2) 64 (2) 69 (2) -4 (2) 13(2) -2(2)
C2 70(2) 55(2) 74 (2) 10(2) -=11(2) 2(2)
C3 40 (2) 43 (2) 49 (2) -4 (1) =1(1) 8(1)
C4 45 (2) 64 (2) 46 (2) -4(2) -1(2) 16 (2)
C5 94 (3) 99 (3) 66 (2) 27(2) -13(2) 15(2)
Ceé 82 (3) 92(2) 44 (2) -14(2) -4(2) 1(2)
c? 84 (3) 108 (3) 48 (2) -6 (3) 2(2) -26(2)
c8 78 (2) 773 78 (3) -8(2) 32 -37(2)
9 85 (3) 54 (2) 125 (4) -16(2) -6 (3) -8(2)
Ci0 41 (2) 40 (2) 83(3) 2(2) 3(2) -11(2)
CH 41(2) 40 (2) 71 (2) 4(1) 9(2) 6(2)
Ci12 73(2) 56 (2) 92(3) -1(2) 16 (2) 15(2)
B 64 (2) 47 (2) 49 (2) 4(2) —-14(2) 0(2)

¢ The form of the thermal ellipsoid is exp[—2x2(U;1h2a®2 + ... + 2U3klb®c®)]. The U, elements are multiplied by 10¢ for the copper

atom and by 10° otherwise.

! ! I g 1l o 18 L {

-1.0 -0.5 00

V vs. she
Figure 4. Cyclic voltammetry of [Cu(LBF;)(Cl04)]-CeH;O: (8) in ac-
etone: (1) with 100 equiv 1-Melm; (2) under N,: and (3) with | atm CO.

Scan rate = 100 mV /s. Concentrations of Cu(l]) were not held precisely
equal, &2 X 1073 M.

Eguilibrium Constants. Preliminary equilibrium (concen-
tration) constants for the formation of five-coordinate com-
plexes, Cu(LBF;)L’ (eq 2)

Ke
Cu(LBF;) + L’ == Cu(LBF;)L’ (2)

have been determined via spectroscopic studies and by moni-
toring changes in electrochemical redox behavior upon addition
of ligands, L', as follows.

The blue four-coordinate Cu(I) complex Cu(LBF;) (5) has
a strong absorption at 677 nm (acetone, ¢ 1.03 X 104 M~!
em~!, 25 °C) which disappears upon addition of a large excess
of CO or 1-Mcim. Monitoring the absorption at 677 nm as
ligand was added was used to determine the extent of formation
of the five-coordinate complex (eq 2). Figure 3 depicts the
series of spectra obtained upon adding varicus amounts of

Table VIII. Equilibrium Constants for the Formation of Five-
Coordinate Complexes Cu(LBF1)L’ in Acetone

Cu(LBF) + L’ = Cu(LBF;)L’

L K Method
1-Melm Ke= 16 M~! EAS
Co K, = 500 atm™~! EAS

(Py/2=1.5mm)
Cco K.x47X100M™! EAS
Cco K= 6.7X10°M™! AE'

1-Melm to an acetone solution of the four-coordinate complex,
Cu(LBF;) (6). Only approximate isosbestic behavior was
observed due to slight variations in the pathlengths of the
sample cells utilized (see Experimental Section). For these
preliminary measurements we assume therefore that there are
only two principal species in solution, four-coordinate
Cu(LBF,) and five-coordinate Cu(LBF;)L’ (eq 2). Similar
measurements with various partial pressures of CO permitted
binding constant determinations but, again, no true isosbestic
behavior was observed. Table VIII lists the values for the
equilibrium constants determined.

Changes in electrochemical redox behavior were also em-
ployed to determine equilibrium constants. As shown in Figure
4 and in Table IX the cyclic voltammograms obtained using
the Cu(I1) complex § as starting material depend on both the
solvent and on other coordinating ligands in solution. A large
excess of 1-Melm causes a significant negative shift in £7 while
excess CO results in a positive shift relative to the cyclic vol-
tammogram obtained for § under nitrogen (Figure 4). These
shifts are attributable to the formation of Cu(l) and Cu(lI)
adducts of the ligand added. In Figure 4, curves 1 and 3 have
approximately the same wave shape as does curve 2. This
guggests that the equilibria between Cu(l), Cu(ll), and the
added ligands are established rapidly compared to the cyclic
voltamrnetry timescale. In the special case where adducts are
formed very rapidly and with only one oxidation state of the
metal, the shift in £ can be correlated simply to the degree of
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Table [X. Cyclic Voltammetric Data for [Cu(LBF3)Cl04}2C4sHgO; (8) with Added Ligands®
Indicating Solution
clectrode atm L,eq® Ep V¢ E,, V4 Ef Ve
In CHiCN
Hg He None -0.432 -0.330 -0.381
Pud N, 1-Melm, § -0.517 -0.389 -0.453
Pt N, 20 -0.548 -0.423 -0.486
Pt N» 100 -0.567 -0.437 =0.502
Hg He 1-Melm, 100 -0.559 -0.457 -0.508
Hg co CO, satd -0.274 =0.169 =0.221
In (CH;),CO

Hg Ny - None -0.459 -0.345 -0.402
P He {-Melm, § -0.561 -0.462 -0.512
Pt He 20 -0.599 -0.492 -0.546
Pt He 100 -0.614 -0.502 -0.558
Hg He 1-Melm, 100 =0.606 =0.496 -0.551
Hg Cco CO, satd -0.298 -0.169 -0.234

@ Conditions: [Cu] = 2 X 10~ M; sweep rate = 100 mV /s. ® L = ligand added, eq = equivalents of L added. ¢ Vs. SHE. 4 E' & E, + Ep, /2.
¢ A Pt indicating electrode was used because with Hg, at approximately +0.035 V, a large reduction wave occurred swamping the Cu(ll) +
e~ — Cu(I) peak. If the sweep was begun at =0.14 V (CH;CN) or 0.18 V ((CH,),COQ) in Hg, the interference was avoided and the cyclical
data given were measured. Pt and Hg results agree closely in cases where both were used.

adduct formation.4® Carbon monoxide as a ligand appears to
satisfy these conditions. Addition of CO to the Cu(II) complex
5 causes no observable spectral changes, nor are there any other
indications of a Cu(I1)-CO adduct. As a first approximation,
therefore, the observed shifts in £ can be totally attributed to
formation of the five-coordinate Cu(l) carbonyl Cu-
(LBF;)(CO) (8). That this is a reasonable assumption is
supported by the close approximation between the equilibrium
constant obtained (see Experimental and Table VIII) and that
found by spectral measurements (Table VIII). Unfortunately,
nitrogen bases, including 1-Melm, bind to both the Cu(l) and
the Cu(1I) complexes precluding the use of this electrochemical
approach to determine equilibrium constants.

The value of K for CO (~4.7 X 104 M) is significantly
greater than that for 1-Melm (16 M~'). Moreover, the shift
in E" for CO is positive, implying stabilization of Cu(l), while
that for 1-Melm is negative, indicative of either stabilization
of Cu(Il) or destabilization of Cu(l). It can be argued that this
may be attributed to the greater = acidity of CO, which serves
to drain the 20-electron system of electron density. Such an
explanation is not sufficient to account for a number of ob-
servations which are discussed below.

Several Cu(l) complexes of polydentate ligands form car-
bonyl adducts with very similar »co's despite dissimilar
structures. In the tetrahedral [hydrotris(pyrazolyl)borato]-
copper(1) carbonyl and itsdimethyl analogue, [hydrotris(3,5-
dimethyl-1-pyrazolyl)borato]copper(l) carbonyl, »co's are
2083 and 2066 cm™', respectively.?® The presumably four-
coordinate (probably distorted square-planar) isoindoline
complex 9 has vco 2072 ecm~'.2% As reported here, the five-
coordinate complex Cu(LBF;)(CO) (8) has vco 2068 cm™!.
The similarity of vco for 8 relative to »co in the four-coordinate
complexes does not suggest a peculiar bonding situation in the
five-coordinate complex which might be expected of a 20-
electron species. .

The formation of five-coordinate adducts from four-coor-
dinate Cu(I)-macrocyclic ligand complexes is apparently not
a general phenomenon. For example, the Cu(l) complex 10°3
does not change color when exposed to CO, nor is there any
shift in £7 as determined by cyclic voltammetry.*? In contrast,
the binuclear mixed-valence Cu(II)Cu(l) carbony! compiex
11 (vco 2067 cm™!), which probably contains a five-coordinate
Cu(l), has been isolated.*

The very formation of five-coordinate Cu(l) is somewhat
enigmatic. The Cu(LBF;)(CO) (8) structure (Figure 3) may
indicate, however, at least one factor helpful in explaining

CH,

1n

five-coordination. The Cu atom is seen to be a full 0.96 A out
of the mean plane of the four coordinating nitrogens of the
macrocycle. Such a large displacement of a transition metal
atom from a macrocycle is unusual and may be due in part to
the large radius of Cu(l). In fact it is not unreasonable to ex-
pect that the structure of the four-coordinate species, when
determined, will reveal Cu(I) to be significantly displaced from
the basal plane of the relatively rigid macrocycle by perhaps
as much as 0.4 t0 0.5 A. Poor metal-macrocyclic ligand orbital
overlap wouid undoubtedly result. Though bound to four ni-
trogen atoms and thus formally an 18-electron system, the
Cu(l) atom might be better described as coordinatively un-
saturated, sterically if not electronically. In contrast, more
flexible ligands, as in 10, may better accommodate Cu(l), by
producing & more tetrahedral environment.

Oxygen Reactivity

Four-coordinate Cu(LBF,) (6) is very oxygen sensitive;
royal blue acetone solutions rapidly turn yellow brown. The
reaction is irreversible and is dependent on temperature, sol-
vent, and electrolyte concentration. Oxidation products have
thus far preven intractable but further work is in progress.

Conclusion

The four-coordinate Cu(l)-macrocyclic ligand complex
reacts with certain monodentate ligands to give five-coordinate
complexes. The available data are insufficient, but this unusual
coordination number for Cu(l) may be partly explained by a
rigid ligand environment imposed by the macrocycle. Certainly
five-coordination for Cu(l) appears viable and worthy of fur-
ther study. The complexes described herein are not purported
to be accurate mimics of the active sites in any copper proteins.

Gagné et al. | Structure of Five-Coordinate Copper(I) Comple:fes
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Table X. Reference Electrode Data for Ferrocene Couple in
Water, Acetonitrile, and Acetone

Solvent E°%N Correction, £/, V*©
Water +0.400° 0.000
Acetonitrile +0.043% =0.043 + 0.400 = +0.357
Acetone +0.078% —0.078 + 0.400 = +0.322

¢ Vs. SHE. ® Vs. Ag|AgNO; (0.1 M) with 0.1 M tetrabutylam-
monium perchlorate in acetonitrile. € Correction needed to bring
measured potentials in acetonitrile, acetone originally vs. Ag|Ag* (0.]
M) in acetonitrile, to potentials vs. SHE.

Rather they suggest that consideration of Cu(l) active site
structures must include the possibility of five-coordination. For
example, the binuclear copper site in hemocyanin binds one
CO. The carbonyl stretching frequency, 3!vco 2040-2060
cm™!, indicates CO bound to only one Cu; however, that Cu
atom could conceivably have as many as five ligands, including
CO. Similarly, the resonance Raman spectra of Cu(11) “blue”
copper proteins (type 1) are interpretable in terms of five-
coordination.52 Since the “blue” copper proteins apparently
serve primarily in electron transfer, it seems unlikely that
drastic changes occur in the coordination sphere upon reduc-
tion of Cu(I1) to Cu(I). In any case the present work would be
consistent with five-coordination in the reduced, Cu(l), state
as well.

Experimental Section

All operations requiring an inert atmosphere were performed in a
Vacuum Atmospheres Dri-lab containing either N; or He. Electronic
absorption spectroscopy (EAS) was performed on a2 Cary-14 auto-
matic recording spectrometer while infrared spectra were obtained
via KBr pellets or in CH,Cl; solution on a Beckman IR-12 spec-
trometer,

Tetrabutylammonium perchlorate (Southwestern Analytical
Chemicals) was dried exhaustively in vacuo before use. Spectroquality
acetonitrile and acetone, dried over 4A molecular sieves, were used
for cyclic voltammetry. All other solvents were reagent grade.

Electrochemistry. The apparatus used for constant potential elec-
trolysis (CPE) and cyclic vol y isted of Pri Applied
Research's Model 173 p iostat-gal pled with Model
179 Digital coulometer, plus a ramp generator of our own design. For
display purposes, both a storage oscilioscope and an X-Y recorder
were available.

. Constant potential electrolyses and cyclic voltammetry were done
in a three compartment H-cell. The cell consisted of 25-mL sample
and auxiliary compartments separated by a small center compartment,
all separated by medium porasity sintered glass frits. In either CH;CN
or (CH3);CO, the supporting elecirolyte used was 0.1 M TBAP
(tetrabutylammonium perchlorate). The Ag|Ag* reference electrode
consisted of a silver wire immersed in an acetonitrile solution con-
taining AgNO; (0.1 M) and TBAP (0.1 M), all contained in an 8-mm
glass tube fitted on the bottom with a fine porosity sintered glass frit.
To provide a more general reference, ferrocene’s Fe(ll)|Fe(111)
couple3? was examined in CH3CN and (CH;),CO. Table X gives
measured data and the corrections which were used throughout this
paper 10 adjust the p ial d against Ag|Ag* to potentials
vs. SHE.

Formal reduction potentials, EY, were ed by cyclic
metry using the formula EY = (E,, + E,)/2. The potentials so de-
termined are approximate in that the systems examined did not display
strict reversibility, mor were corrections made for diffusion coefTi-
cients.

Determination of Binding Cesstasts. Equation 2 gives the equilib-
rium expression for the reaction of Cu(LBF3) (6) with ligands, L’. As
a first approximation to the equilibrium constant for the formation
zr pvc-cootdiruu: spocies, the equilibrium concentration constant is

efined:

Ke = [Cu(LBFy)L')/[Cu(LBF2))([L’] @)

The equilibrium concentrations of the Cu compicxes were determined
by use of the Beer's law dependence of the Cu(LBF;) 677-am band.

It was assumed that Cu(LBF3)L’ did not absorb appreciably at 677
nm. Therefore, when Cu(LBF;) reacted with L', A4 (4jpia) =
Aoquilibrium) Was taken as a measure of Cu(LBF,)L’ formed.

With L” = 1-Melm, the cells used had measured pathlengths of
about | mm. The short pathlength permitted relatively high concen-
trations of Cu(LBF;) to be used, thus minimizing decomposition due
to residual dissolved oxygen. Preparation of solutions of Cu(LBF;)
({Cu(LBF2)}initia1 & 8 X 10~4 M) and addition of 1-Melm ([1-
Melm]initiat = 2 X 1073 to | M) was effected in the inert atmosphere
chamber. The cells were closed with greased, glass stoppers and taped.
Spectra were recorded to determine AA4 (677 nm). Measurements
were made at 30 £ 2 °C. Only approximate isosbestic behavior was
observed, most probably owing to the slight variation in pathlengths
of the several cells employed (e.g., see Figure 3). If a 1:1 stoichiometry
for adduct formation is assumed (eq 2), the constant K. is found to
bel6+3 M-,

For CO measurements, the cells used each had approximately
1-mm pathlengths, a 10-mL side-arm reservoir, a Teflon high-vacuum
stopper, and a standard taper joint for attachment to a vacuum line.
The Cu(LBF3) ([Cu(LBF2))initiat & 1.6 X 10~? M) solutions were
prepared in the inert atmosphere chamber and closed to the atmo-
ephere. The solutions were then degassed by the freeze-pump-thaw
technique (3 cycles) on the vacuum line. The spectra were measured
before addition of CO.

The Cu(LBF;) solution was opened to a system with a mercury
manometer and an acetone reservoir. The acetone vapor pressure was
measured when the system had equilibrated. Addition of CO (10-80
mmHg) was monitored by use of the manometer. The Cu(LBF;) so-
fution was stirred under CO for 20 min and the pressure and tem-
perature were then recorded. The spectra were recorded in order to
find A4 (677 nm). A plot of [Cu(LBF2)(CO)]/[Cu(LBF;)] vs.
P(CO) was extrapolated to give Py/5(CO) = 1.5 mm when the
{Cu(LBF,)(CO)] = [Cu(LBF3)}. The equilibrium (pressure) con-
stant, K, was calculated as 500 & 15 atm™=".

Conversion of K to K¢ for the purpose of comparison to K¢ (1-
Melm) utilized data for CO solubility in acetone. Use of a value of
0.2358 mL of CO per mL of acetone at 20 °C34 and of Henry's law
allowed conversion of P(CO) to [CO). Calculation of K resulted in
avalueof 4.7 £0.2 X 104 M~}

The CO binding constant K (CO) was also estimated via the shift
in E'. Cyclic voltammograms of the Cu(11) complex § (acetone/Hg)
urder | atm of CO showed a shift of £70f 0.168 V vs. that found under
N, (Table IX). Such shifts can be related to the binding of ligand to
metal in both the oxidized and the reduced state.4® A simplified re-

tionship can be derived for the case in which ligand binds; effectively,
to only one oxidation state, €.g., eq 4.

[Cu(LBF;))* + CO + e~ = [Cu(LBF;)(CO)} (4)
In this equation
E°coy= E° + (RT/F) In (1 + K.[CO))

E®° and E°(co) are the standard potentials for the reduction in the
absence and presence of CO, respectively. The equilibrium constant
K. was calculated using the appropriate formal potentials £ in place
of the standard potentials E°.

X-Ray Data Collection. Crystals of the carbonyl adduct were grown
by quick evaporation of an acetone solution under carbon monoxide.
Weissenberg photographs revealed orthorhombic symmetry and
systematic absences: A = 2n + |, AkO data; k = 2n + 1, Ok/ data; /
= 2r + 1, 0/ data. These extinctions are consistent only with the

space group Pbea.
A multifaceted crystal of dimensions 0.15 mm X 0.15 mm X 0.30
mm was positioned on a Dat d General Electric quarter-

circle diffractometer with the [001] direction nearly coincident with
the ¢ axis of the diffractometer. The lattice parameters (Table 1) were
determined by s least-squares fit of 14 manually centered reflections.
Data were collected out 10 205 = 130° above which only a small
aumber of the reflections had measurable intensity. The scan widths
were varied linearly from 1.80° at 20 = 3° to 3.50° at 26 = 130°. The
scan speed was 2° min~!, Intensities of 2738 reflections were measured
by the moving-crystal, moving techniques using a uk.eof(
angle of 3°. The total background time was 40 s. Three reflections
measured every 25 reflections served to monitor crystal and instru-
mental stability. No significant fallofY in the intensities of these re-
floctions was observed.

Journal of the American Chemical Scctety | 99:22 [ October 26, 1977
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tudes by applying Lorentz and polarization corr
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chamber while a platinum wire was employed in the anodic chamber.
“ 9.

deviations in the intensities were calculated from the formula: 2(/)
=S + (81 + B2)T? 4+ (dS)2 where S, B1, and B2 are the scan counts
and two background counts, T is a factor which corrects for the dif-
ference in time spent on the scan and background counts, and d is the
Peterson-Levy33 factor taken to be 0.02. For the purpose of an ab-
sorption correction, the shape of the crystal was approximated by a
rectangular prism.

Solution and Refinement of the Structure. The position of the copper
atom was determined from a three-dimensional Patterson map. Dif-
ference-Fourier syntheses revealed the paositions of all the other
nonhydrogen atoms. Full-matrix isotropic refinement® with data out
to 100° in 26 lowered the R factor to 10%. At this point hydrogen
atoms were included. After additional least-squares, 8 systematically
negative disparity between the observed and calculated structure
factors was noted. A secondary extinction parameter was included
in the refinement as a correction.®! Least-squares refinement was
continued to convergence with two matrices; one matrix contained
all nonhydrogen atom coordinates and anisotropic temperature fac-
tors, the other contained coordinates of the hydrogen atoms. Isotropic
thermal parameters of the hydrogen atoms were fixed at the value of
the carbon atom to which they were bonded plus 1.0 A2, The R fac-
tor2 at the end of the refinement was 5.5% for 2511 data (F,2 > 0).
No observations other than sy ically absent reflections were
omitted from the refinement. The goodness of fit was 1.39. A final
difference-Fourier synthesis showed no residual clectron density
greater than 0.34 ¢

Final positional parameters are given in Table VI. Table VII lists
the anisotropic thermal parameters.

Preparation of Complexes. 3,3'(Trimethylenedinitrilo)bis(2-buta-
mone oxime), HaL (1). 1,3-Propanediamine (37.06 g, 0.5 mol) and
2,3-butanedione monoxime (101.0 g, 1.0 mol) were mixed together
in hot ethanol to give a yellow solution approxi ly 250 mL vol
The solution was allowed to cool to ambient temperature. The re-
sulting white precipitate was isolated immediately by vacuum filtra-
tion, washed well with diethyl ether, and dried in air. The ligand was
used without further purification.

[3.3'(Trimethylenedinitrilo)big(2-b oxi )lcopper(ll)
Perchlorate Moaohydrate, (Cu(LH)CIO4H0(2). A hot acetone
solution (20 mL) of Cu(ClO4)zxH,0 (dried in vacuo at 25 °C, 3.7
8. 10 mmol) was added to a hot acetone solution of the ligand, H,L,
1 (4.8 g, 20 mmol, in 20 mL), giving a deep red solution. As the solu-
tion cooled, a dark red-brown crystalline product precipitated. The
solid was isolated by filtration, washed with diethyl ether, and
dried in air. Anal. Caled for Cy Hj CICuN4O5: C, 31.45; H, 5.00; N,
13.3: Cu, 15.1. Found: C, 31.55; H, 4.75; N, 13.3; Cu, 16.0.

Millimolar solutions of this compound were examined by cyclic
voltammetry. A quasireversible wave, complicated by a copper
stripping wave, yielded an Ef » 0.56 V. Constant potential electrolysis
at —=0.8 V caused the purple solution to become blue with a2 small
amount of copper being plated out on the platinum working electrode.
The n values were slightly greater than 1.

Bis{difluoro-3,3'<(trimethylencdinitrilo)blis(2-butamone  oxi-
matoporatecopper(ll) Perchlorate] Mosodioxame, (Cu(LBF,)-
Cl04)2-CH3O; (8). Boron trifluoride etherate, BFyEt;O (6 mL, 50
mmol), was added slowly, with stirring, to 2 mixture of Cu(LH)-
ClO4H;0 (2) (7.0 g, 17 mmol) in warm dioxane (150 mL, 70 °C).
The mixture was heated, with stirring, at a boil for | h. The red-violet
mixture was cooled slowly to ambient temperature. Dark red-violet
solid was isolated by filtration, washed well with dioxane and
diethyl ether, and dried in air. The product was dissolved in a mini-
mum amount of boiling acetone (150 mL). The hot solution was fil-
tered and treated with S mL of dioxane. Crystalline product, obtained
upon cooling, was isolated and treated as before. A yield of 5.3 g (64%)
was obtained. Anal. Caled for CgHagB2ClaCusFeNgO 4: C, 31.6;
H, 4.45; N, 11.35; Cu, 12.85. Found: C, 31.9; H, 4.5; N, 11.25; Cu,
12.6.

[Diflworo-3,3'<{trimethylenedinitrilo)bis(2-butarose oximato)d

t potential electrolysis was carried out at —1.0 V vs. Ag|Ag*
(—0.678 V vs. SHE; see Table X) until the current was 19 of the initial
value. During electrolysis, red Cu(LBF3) (6) crystallized from solu-
tion. The product was isolated by vacuum filtration, washed with
ethanol, and dried under He. Anal. Caled for CyH gBCuFaN4O;:
C, 3765, H,5.15; N, 16.0; Cu, 18.1. Found: C, 37.8; H, 5.1; N, 16.1;

Cu 18.2; t(ncetone. 25°C,677nm) = 1.03 £0.02 X 10* M~ cm~!.

p vhthty ement by the Faraday method
h lhe pound to be diamagnetic at 25 °C.
Carboay[ difluoro-3,3'trimethylenedinitrilo)bix 2-butamone oxi-

mato)oratejcopper(l), Ce(LBF2(CO) (8) A blue solution of Cu(LBF;)
(6) (0.35 g, 10 mmol) in acetone (25 mL) under N, was treated with
CO (1 atm) yielding a greenish-yellow solution with some green solid.
The green solid was removed by filtration and the resulting filtrate
was treated with slow additions of heptane. The resulting orange
crystalline product was isolated by filtration and dried under a stream
of CO. Anal. Caled for Cy2H sBCuF,N4Os: C, 38.05; H, 4.75; N,
14.8; Cu, 16.8. Found: C, 38.1; H, 4.9; N, 14.7; Cu, 17.1.

[Diftworo-3,3'<trimethylenedinitrilo)bis(2-butanone oximato)bo-
rate)(1-metbylimidazole)copper(l), Cu(LBF2)1-Melm) (7). 1-Meth-
ylimidazole (0.1 g, 1.2 mmol) was added under nitrogen to a blue
solution of Cu(LBF;) (6) (0.1 g, 0.2 mmol) in acetone (15 mL). A
dark emerald-green solution resulted. Aliquots of heptane (S mL) were
added every 10 min until 30 mL total had been added. After 2 h, red
crystalline product (red even when ground to a powder) was isolated
by filtration, d with 1:1 hep and dried
under N,. Anal. Calcd for CysH34BCuFaNgO3: C, 41.6; H, 5.55; N,
19.4; Cuy, 14.7. Found: C, 42.0; H, 5.55; N, 19.6; Cu, 14.4.

Note Added in Proof. Crystallographic analysis shows
complex 6 tc contain essentially square-planar Cu(l) with the
four-coordinated nitrogen atoms distorted slightly toward
tetrahedrality.63
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Proposition 1

Abstract

It is proposed that one enantiomer of various helicenes be
adsorbed on basal plane graphite electrode surfaces, and that this
chiral surface be used to electrosynthetically prepare optically
active compounds. It is further proposed that certain polyaromatic
compounds be synthesized which would allow electroactive ions to
be held a specific distance from an electrode in order to study

the effect of distance on electron transfer kinetics.
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The deliberate chemical alteration of an electrode surface to
form so-called 'chemically modified electrodes'" (CME's) is an area
of intense activity (1). The earliest reports in this field (2,3)
suggested that CME's might be used for two important purposes:

a) asymmetric electrosynthesis could be induced by attachment
of optically active compounds to electrode surfaces, and

b) the effect of distance on heterogenous electron transfer
rates could be studied by geometrically constraining electro-
active substances at fixed positions from electrodes. To date
neither of these goals has been effectively realized.

In his initial paper Miller demonstrated that graphite surfaces
can be coated with S-(-)-phenylalanine, presumably through the
formation of an amide bond with surface oxides. Such surfaces,
when used in the electroreduction of certain ketones, produce
alcohols that are optically active (2). Isotropic polycrystalline
graphite was used in that work; however, graphite is inherently
an anisotropic material. It is made up of layers of carbon atoms

having the two-dimensional structure shown below (4,5):
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Layers are held together weakly and stack in an ABABAB lattice.
Depicted in the drawing are some of the surface oxides that
terminate the "edges' of the lattice (6). Bulk quantities of
graphite having this isotropic structure can be manufactured;
the name used is highly ordered pyrolytic graphite (HOPG).
Orientations exposing the oxide functionzlity are usually referred
to as edge plane, with those exposing the polyaromatic face being
referred to as basal plane. Recently Miller, using HOPG, showed
that, as expected, his treatments only worked on the edge planes (7).
Unfortunately, this type of CME has not become a general tool for
asymmetric synthesis. This most widely used method for asymmetric
electrosynthesis involves relatively weak adsorption of chiral
alkaloids at mercury electrodes (8). If surface geometry is
responsible for the preferential formation of one enantiomer of
the product, then graphite with a completely chiral surface should
have general applicability. It is proposed that such a surface
can be made by adsorbing molecules generally known as helicenes
on basal plane HOPG surfaces.

Helicenes are molecules whose helical structures arise
when steric considerations preclude planarity. The first synthesis
and resolution of a helicene, hexahelicene, was published by
Newman and Lednicher (9). The structure of one entiomer,

compatible with proton n.m.r. data, is:
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More recently, Martin and coworkers have developed a general
procedure leading to the synthesis of hepta-, octa-, and nona-
helicenes (10,11). The process involves the photocyclodehydrogenation

of 1,2-diarylethylenes:




hr
—— octahelicene-d2
-ZH

hr
 — nonahelicene—d2
-2H

_ Combinations of deuterium labeling and '3C - NMR spectroscopy
have been used to distinguish the helicenes from other isomers
whose presence is due to double photocyclizations and isomerizations (12).
Martin et al. have also discovered an interesting method of
resolving helicenes through a procedure of repeated crystallization.

The maximum rotations measured were (13):
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25°

Helicene (=)579 (QHCL)
hepta- (=) 6900° = 200
octa- (=) 6900° + 200
nona- (-) 8100° = 200

These same researchers have studied the racimization of
helicenes by what was believed to be a purely conformational

pathway. They published the following data (14):

- a5t 5 o) 52 (27°)
Helicene (kcal/mole) (e.u.) (kcal/mole) (kcal/mole)
hexa- 35.0 ~4..2 36,2 35.6
hepta- 40.5 =3.9 41.7 41.4
octa- 41.0 -4.6 42.4 41.6
nona- 41.7 =61 43.5 42.3

These results indicate that racimization should not constitute a
problem under normal conditions. Furthermore, if the pathway is
- conformational, racimization would be expected to be slower for

an adsorbed species than for a solution species.

There is ample evidence to support the contention that
helicenes would be adsorbed on graphite. For over a century it has
been known that aromatic molecules such as dyes are strongly
adsorbed on graphite and carbons. The reasons for this adsorption
are not well-understood, but most evidence indicates that the

adsorption takes place on the basal plane (6).
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It might be possible to determine adsorption isotherms for the
helicenes on the materials one intended to use as electrodes.
Adsorption isotherms are graphs of quantity of adsorbate/surface
area vs. solution concentration of adsorbate. Isotherms are
usually obtained by measuring the intensity of an adsorbate
spectral band before and after a solution of known concentration
of adsorbate is "washed' with a weighed quantity of the graphite of
interest. In the case of helicenes, one could take advantage of
the large optical rotations of the molecules. Rotation is
proportional to concentrations, and isotherms could be obtained
by measuring the change in solution rotation after equilibrium
was reached with a known amount of graphite. Of course, these
experiments would not determine whether the helicenes were being
adsorbed on the edge or basal planes.

If adequate adsorption did not occur spontaneously from
solvents in which helicenes are soluble (CHCl,or C,H,) one could
resort to painting electrodes with such solutions and allowing the
solvent to evaporate. In any case, should one be able to attain
high surface coverages, the problem of desorption during subsequent
electrolysis would not be major. In common practice, electro-
synthetic reactions are run in solvents of high dielectric constants,
such as H,0 or CH,CN. The insolubility of helicenes in these
solvents would retard their desorption. In addition to being
stable to desorption, helicene-coated electrodes should be robust

towards oxidation and reduction. The electrochemistry of many
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polyaromatic compounds has been studied and tabulations of the
results of such research suggest that potentials of ~1.0 V to
~-1.5V vs SCE in selvents such as DMF or CH,(N should be
accessible (15).

The success of this research will be measured by obtaining
yields of optically active compounds. Since it is hoped that the
chiral electrode will have general applicability, one will want
to test it on a variety of systems. Initially, systems will be
selected with the following considerations in mind:

a) The reaction should be known to take place at graphite at
a potential within the limits of the modified electrode.

b) The reaction should be carried out in a solvent where
helicenes have limited solubility. »

c) The reaction should have high yield. (This reduces the
ambiguity of results.)

d) The product should have a high, known rotation, as this
would facilitate detection of an excess of one enantiomer.

Possible organic electrode reactions can be located in texts

on the subject (16).

Two possibilities are:

Reactant Product
0O H CeHs CH,
W f I
CH s—c—c,:—c:H3 H-(l:-CH3 . H-(’:-csﬂ5 .
C.H H-C-OH H-C-OH

CeH e Gl etc.
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0 OH
I \
CeH -C-CH, CH 5-(l?-CH3
H

A non-trivial assumption implicit in the research proposed so
far is that an adsorbed layer of helicenes will not inhibit electron
transfer from the electrode to the substrate. Absorption of |
organics on platinum or mercury electrodes often causes redox
réactions to procede at a slower rate, especially when the reaction
proceeds via an inner-sphere pathway. One reason for assuming
that monolayer coverages of helicenes would not have a similar
effect is that the adsorbate is completely conjugated, identical
to the electrode in composition, and similar in structure. Indeed,
polyaromatic compounds that, unlike helicenes, are completely
planar are essentially the same as a small, single sheet of graphite.
Furthermore, if such a molecule were to adsorb flatly onto a
graphite basal plane then it might even be considered to be an
extension of the surface. This is an intriguing idea because it is
almost impossible to imagine any other conducting solid for which
isolation of molecular-size portions can be achieved while retaining
the ability to replace the molecule in the lattice. If this idea
is accepted, one could also imagine doing chemistry on the
removable portion before replacement. Creative synthesis of such

molecules could provide insight into the distance that an ion must
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be from an electrode in order to exchange'electrons. As stated
previously, this has long been a goal in CME research. Conclusive
results have not been obtained for two reasons:

a) Attachment of electroactive species is usually through a
"{loppy" chain which makes distance from the surface impossible
to control, and

b) Even if molecules could be anchored by two or more somewhat
rigid chains lack of knowledge about the attachment site on the

electrode would still make results ambiguous.

Consider the molecule, L, drawn below:

NH, NH,

/N

|

anchor

bridges
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Molecular models indicate that if this molecule were complexed with
trans-Ru(II) (NH,), H,0), a rigid structure would result with the
ruthenium atom held in a fixed position above the plane of the
anchor. Below is a drawing depicting the complex after adsorption

on basal plane graphite:

It is proposed that this and other similar complexes be synthesized
and adsorbed on graphite electrodes, and that the electron transfer
kinetics of the ruthenium atoms then be studied using techniques
already in the literature (17).

Ruthenium is chosen as a probe ion in these studies for

several reasons. The redox couple

RU(NH3)63+ +e == RU(NH3)62+

has a high heterogenous electron transfer rate constant, k that

et’
usually causes the couple's electrochemistry to be diffusion-
controlled. This, along with the fact that the electrode reaction

proceedé by an outer-sphere mechanism (18), would suggest that

a decrease in ket was due to a distance effect. Synthesis of the
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constrained Ru(II) hexamine complexes should be easily accomplished
from either cis or trans[Ru(NH,;),C1,]C1 (19). High-dilution
techniques would probably be necessary to avoid polymer fomrmation,
and column chromatography could be used for the purification of the
mononuclear complex. Once the complex was formed it would not be
expected to be substitution labile either as Ru(II) or as Ru(II) (18).
Synthesis of the ligand, L, or of other ligands for the same
purpose would indeed be difficult. Possible syntheses will not be
given here because the exact approach would be dictated by what
groups made up the bridges. All such ligands would have to contain
an anchor of at least six aromatic rings to provide a stable,
planar base. The bridge should be rigid, but with as little
conjugation as possible to avoid creating an alternate electron
pathway.
If distance-dependent values of ket were found for these complexes,
x-ray crystallography could be used to find more exact Ru-electrode

distances.
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Proposition 2

Abstract

An electrochemical study of the reaction of Co(II)(salen)
with dioxygen in pyridine is suggested. The intent of the expériments
is to obtain thermodynamic and kinetic data for the reaction wﬁich

could then be used in attempts to synthesize and characterize copper-

oxygen complexes.
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The interaction of dioxygen with transition metals has been
a particularly active research area over the past thirty years.
While oxygen complexes are known for many first-row transition
elements, by far the greatest number of complexes is known for
cobalt (1-5). There are three basic structurally-characterized
types of cobalt dioxygen complexes which are diagrammed below (6):

0
LCS(II) + 02 —> LCo-0”

mononuclear complex

2LCo(II) + 0, —» LCo-O\
0-CoL

u-peroxo complex

LCo(0,)CoL - e —> [LCo-O\

O—COL]

u-peroxo complex H=superoxo complex

In contrast to the array of complexes known for cobalt, not a single
structurally-characterized dioxygen complex is known for copper,
although the existence of such complexes in solution has been
suggested (7-10). The inability of synthetic chemists to make
copper dioxygen complexes is puzzling in light of the existence

of naturally occurring copper-containing enzymes which bind

dioxygen (11).
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While the properties of cobalt-oxygen complexes have been
intensively studied (1-5), the simple dynamics of the formation of
these complexes are not understood (12,13). For example, consider

the equilibria below:

ky
LCo(II) + 0, == LCo0,

-1

k,
LCoO, + LCo(II) == LCo0,CoL
[

Despite the amount of work done on cobalt-oxygen complexes, these
equilibria have not been fylly described for a single system (12,13).
This is partially due to the fact that most kinetic studies have
been done in aqueous solution, where the presence of protons or
hydroxide ion can complicate the above equilibria. Hydroxide ions
can form a second bridge in the bi .-cobalt complexes (2,4,12)
and all of the complexes will probably be thermodynamically
unstable in acid. If studies of the reactions
of cobalt and oxygen were carried out in
aprotic media, these complications should be
avoidable.

One reason that there are more cobalt than copper dioxygen
compounds is that when cobaltbinds to oxygen it usually adopts a
formally Co(II1]I)-d¢ configuration (2,3) resulting in strong and

inert bonds. For both Cu(II) and Cu(I), ligands are relatively
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weakly bound and substitution-labile. If there was greater
understanding of the dynamics of the binding of oxygen to cobalt,
however, it might be possible to direct experiments toward formation
and characterization of copper-oxygen complexes. The remainder

of this proposition will attempt to suggest the following:

a) That cobalt systems exist that would lend themselves to
thermodynamic and kinetic studies of O, binding in non-aqueous
media,

b) That electrochemistry might be an excellent way to obtain
such data and to characterize dioxygen complexes in solution, and

c) That the literature already contains evidence that similar
studies might be possible for copper.

The system that would be chosen for initial study would be the
reaction of O, in neat pyridine with bis(salicylaldehyde)ethylene-

diimino cobalt(II), Co(II) (salen).

Co(II)(salen) = LCo(II)
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This complex forms characterized mononuclear and u-peroxo complexes,
the latter of which can probably be oxidized to a u-superoxo
complex (2). Furthermore, formation of both the mononuclear and
u-peroxo complexes occurs in pyridine at ambient temperatures (14).
The oxygen reaction of Co(II)(salen) in pyridine and other solvents
has been qualitatively investigated, leading to the following
observations (10,17):

a) The reaction occurs at room temperature in pyridine (PY)
N,N-dimethylformamide (DMF) and dimethylsulfoxide (DMSO),

b) The u-peroxo complex is eventually formed in the above
solvents, with the mononuclear complex having the most stability
in pyridi , and

c) The oxygenation reaction does not occur in tetrahydrofuran
(THF) , dimethylacetaamide (DMA), toluene or chloroform at room
temperature, but the reaction does occur at lower temperatures
in these solvents to form the mononuclear complex.

These observations indicate that pyridine would make an
excellent solvent for initial studies becaUse it might be possible
to examine both the mononuclear and u-peroxo complexes. The
electrochemistry of the mononuclear complex in pyridine has
already been the subject of a preliminary investigation (15, 16),
the most significant results of which are:

a) In deaerated solutions both the LCo(III)*/LCo(II) and

LCo(II)/LCo(I) couples are electrochemically reversible, and
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b) the LCoO, complex has a reversible reduction process to
form [LCoO,] .

The electrochemical reduction of 0, to 0, is also reversible
in pyridine (18). The binding of O, to Co(II)(Salen) to form a mono-

nuclear complex might then be analyzed using the following scheme (19):

Thermodynamic
o  Process _ Constant
- £
1 LCo(III)" + e == LCo(II) Ef ~ -0.54
2 LCo(II) + e === LCo(I)~ Ef ~ -1.57
3 0, + e =0, ef 7 -1.08
k‘f
4 LCo(II) + 0, == LC00, K
-y
. K
5 LCo(IID* + 0,~ == LC00, Ks
k-5
6 1Co(IID)" + 0, + ¢” == LCoO0, B~ 2
k % ]
7 LCo(II) + 0, === LCo(IIN)* + 0, K7
k-
; k8 -
8 LCo(IT) + 0, === (LC00,) Ke
k-8
= k )
9 LCo(I) + 0, === (LCo0,) Ks
k=g
10 LCoO, + e” == (LC00,)" Ef - -0.87

11 LCo(I) + 0, === LCo(II) + 0, Kia

=11
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K, can be found immediately by subtracting process 1 from 3;
K, = exp[F(Ef-Ef)/RT]. Subtracting process 5 from 4 also gives
process 7 which means that K, = K,/K;. The electrochemical
reaction depicted in process 6 might provide an easy method for
measurement of K, and subsequent calculation of K. If oxygen
binds only to LCo(II) and process 4 is a rapid equilibrium, which
F

it apparently is, measurement of Eg under conditions of excess 0,

yields K, using the formula (20):
b - Bf = .059 10g(1+K,[0,]).

The use of this method is in some doubt because Costa et al.

report no potential shift in Ef in the presence of 0, although they
believe that they are operating under the assumptions described above
(16). Several explanations are possible. First, 0, could remain
in the coordination sphere of the oxidized cobalt complex, binding
with equal strength as in the reduced form. This hypothesis could
be tested by changing solvents, because the binding of each

solvent to Co(II) would be different. Second, if [0,] were 21070 M
and K was 100 or less, Ef - Ef would be only a few millivolts.
Going to lower temperatures should increase [0,]. Studies on
similar complexes suggest that K, would also increase because of a
large negative entropy term (21). If shifts could be then be seen,

variable temperature studies would provide K,, K5, and K, and

their AH and AS values.
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Subtracting process 2 from 3 gives process 11, implying that
K,= exp[F(Ef-Ef)/RT]. Process 11 can also be obtained by
subtracting process 8 from 9, which means that K = K /K.

Process 10 provides a possible method of obtaining Kg and hence K,.
It is possible to view process 10 as the effect of LCo(II) on the
reduction of 0, to O, . If the wave due to process 10 is truly
reversible and if LCoO, and (LCoO,) are the only species involved
the ratio of K,/Kg can be found from the expression Efo-Eg = ,059

log Ku/Kg. If K, is known from prior experiments, K, and K, can

be calculated. Again, variable temperature measurements are
possible, yielding AH and AS values. Completion of the analysis
described above would constitute a complete thermodynamic description
of the mononuclear complex.

With regard: to kinetics, knowledge of the various equilibrium
constants means that measurement of one rate constant in a particular
equilibriun immediately yields the other one. Of processes 4,5,8,
and 9, only K, could be easily measured using an electrochemical
method. For example, a rotating ring-disc electrode (RRDE) could
be used to form LCo(II) from LCo(III)+ at the disc and monitor the
creation of LCoO, at the ring by potentiostating at the top of the
LCo0,/(LCo02) ~ wave (22). Forward rates might be obtained for the
other reactions using spectroscopic techniques.

Very little is known about the electrochemistyy of the csbalt

u-peroxo complexes, possibly because they tend to have low



305

solubility (2). This difficulty could possibly be overcome by

using normal- or differential-pulse techniques which can detect
concentrations of 107 ° - 107® M. Until preliminary studies

revealed what electrode processes occurred for a u-peroko complex,

it would not be worthwhile to attempt an analysis like the one
presented above. At the very least, however, one would be interested

in obtaining information about the equilibrium

k
12 LCo0,+ LCo(II) s==* 1Co0,CoL K12
k-12

and about the redox process

+
13 (LCo0,CoL) + e === LCo0,CoL Ef,

The difficulty with regard to measuring k,, lies in the fact that
k-121is often very small, making it difficult to be certain that

a true equilibrium is established. Once again working in anhydrous
pyridine should be an advantage because decomposition of the oxygen
complexes should not be a problem. Once characteristic electro-
chemistry for all of the complexes has been established, these
electrochemical techniques can be used to determine concentrations
of various species in equilibrium mixtures. Finally, it should

be noted that it would only be necessary to obtain a constant for

the equilibrium
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Kiy
14 2LCo(II) + 0, === LCoO,CoL Kig

K-ty
if an independent value of K, were known, since K;, = K12Ky-

Regardless of the thermodynamic information available,
electrochemical observation of process 13 or any reversible
reductions of a u-peroxo complex would be valuahle as a method of
characterization. The presence of these waves could also be used
in an electrochemical kinetic measurement of Ki2. As the oxidation
of u-peroxo camplexes using outer-sphere oxidant has been studied
in water, the detection of this process should be possible in
pyridine which has an anodic limit of +1.4 V versus an Ag/AgNO,

(1 M), pyridine reference electrode (23).

In addition to its other advantages in the study of Co(II)(salen)
reactions with 0,, pyridine is an excellent electrochemical solvent.
Although it has a low dielectric constant, many common supporting
electrolytes (LiC1,NaBPh,, TEAP, etc.) are soluble in pyridine
giving solutions with low resistance. Pyridine is a non-viscous
liquid from -41° C to 115° C and is also relatively easy to dry
and purify (23).

One final reason for choosing pyridine as a solvent is that
it provides a point with which to attempt to relate cobalt-oxygen
chemistry to copper-oxygen chemistry. As stated earlier, cobalt-
oxygen complexes often possess kinetic stability in water allowing
a variety of studies in this solvent (2). The reaction of Cu(I)

with oxygen in aqueous media rapidly proceeds to the first
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thermodynamic sink, Cu(II) and H,0, (24-31). In pyridine, however,
Davies has reported a stable Cu(I) peroxo-complex (9). The key

points in this paper are:

a) The overall reaction is:

40u(1)CL + 0, BYTIAINE o 50 (1T) (py) ,C1, + Cu,0,;

b) The Cu(II)(py),Cl, is recoverable. Attempts to isolate the
Cu,0, species leads to CuO;

c) The Cu,0, species is electroactive in solution, showing a
""polarographic wave' at -.95 V which is identical to a wave found
for H,0,;

d) The Cu,0, species has a shayp Raman band at 856 cm™?

(876 cm-1 for H,0,.);
e) The Cu,0, species has no spectrum in a 1072 M

solution.

The brevity of Davies' report causes the conclusion concerning the
structure of the Cu,0, species to be less than convincing, and no
mention was made of the mechanism of the reaction.

It should be possible to prepare Davies' Cu,0, species
electrochemically, avoiding the chromatography procedures which were

used. Cupric ion could be generated in the deaerated pyridine by
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oxidizing copper metal with various anions, including chloride,
present as the supporting electrolyte. After admission of O,,

Cu(I) could be generated at an Hg pool. This process would

continue until all the original Cu(II) had reacted, leaving no
need to separate a Cu(II) byproduct. Excess oxygen could be removed
by deaeration.

Although Davies reports the presence of a '"polarographic wave'
at -.95V, he does not say whether it is an oxidation or reduction,
whether the process is reversible, or even what the reference
electrode is. After determining the open circuit potential of
the Cu,0, solution, both oxidation and reductions could be examined.
While a formally Cu(I) u-peroxo complex is not strictly analogous
to formally CO(III) complexes, similarities in electrochemistry along
with thermodynamic notions derived from cobalt-oxygen studies might
suggest further experiments. If the complexes formed by Cu(I) and
oxygen in pyridine proved to be too unstable, similar studies
using ligands like those described by Osborn (8) and Wilson (7)

should be more fruitful.



309

References

10.
11.

12,
13,
14,

For example, see the review articles listed in references

2+5 and further references therein.

G. McLendon and A. E. Martell, Coord. Chem. Rev. 19, 1 (1976).

F. Basolo, B. M. Hoffman and J. A. Ibers, Acc. Chem. Res. 8,

384 (1975).

R. G. Wilkins, Bioinorganic Chem. R. F. Gould, Ed, Amer. Chem.

Soc. (1971) pp. 111-34.

A. G. Sykes and J. A. Weil, Prog. Inorg. Chem. 13, 1 (1970).
The symbol, L, represents all other ligands in the cobalt
coordination sphere.

M. G. Simmons and L. J. Wilson, Chem. Comm. 634 (1978).

‘J. F. Bulkowski, P. L. Burk, M. F. Ludman and J. A. Osborn,

Chem. Comm. 498 (1977).

C. E. Kramer, G. Davies, R. B. Davis, and R. W. Slaven, Chem.
Comm. 606 (1975).

F. Ochiai, Inorg. Nucl. Chem. Lett. 9, 987 (1973).

R. Lontie and L. Vanquickenborne, Metal Tons in Biological

Systems, Vol. 3, H. Sigel, ed. Marcel Dekker, N.Y. (1974),
Ch. 6.
G. McLendon and M. Mason, Inorg. Chem. 17, 362 (1978).

E. Ochiai, J. Inorg. Nuc. Chem. 35, 1727 (1973).

See references 10, 15, 16 and further references therein.



i5,

16.
17.
18.
19,
20.

Bl

22«

23.

24,

25.

26.

27

28+

29.

30.

31,

310

G. Costa, A. Puxeddu and L. B. Stefani, Inorg. Nucl. Chem. Lett.

6, 191 (1970).

J. Hanzlik, A. Puxeddu and G. Costa, J. Chem. Soc. Dal. 542 (1977).

C. Floriani and F. Calderazzo, J. Chem. Soc. A 946 (1969).

M. E. Poever and B. S. White, Electrochim. Acta 11, 1061 (1966).

The Ef values are approximate ones taken from reference 16.
R. R. Gagné, J. L. Allison, R. S. Gall, and C. A. Koval,
J. Am. Chem. Soc. 99, 7170 (1970).

M. J. Carter, D. P. Rillema, and F. Basolo, J. Am. Chem. Soc.

96, 392 (1974).

W. L. Albery and M. L. Hitchman, Ring-Disc Electrodes, Oxford

Univ. Press, London (1971) Ch. 6.

C. K. Mann, Electrogmalytical Chemistry Vol. 3, A. J. Bard, ed.

Marcel Dekker, Inc. N.Y. (1969) pp. 57-132.

M. Glintensperger and A. D. Zuberbiihler, Helv. Chim. Acta 60,

2584 (1977).

A. D. Zuberblihler, Metal Ions in Biological Systems, Vol. 5,

. Siegel, ed, Marcel Dekker, Inc. N.Y. (1976) pp. 325-68.

H
A. L. Crumbliss and L. J. Gestaut, J. Coord. Chem. 5, 109 (1976).
A

. L. Crumbliss and A. T. Poulos, Inorg. Chem. 14, 1529 (1975).

=y

. Pecht and M. Anbar, J. Chem. Soc. A, 1002 (1968).

R. D. Gray, J. Am. Chem. Soc. 91, 56 (1969).

P. M. Henry, Inorg. Chem.4, 688 (1966).
H. Nord, Acta Chem. Scand. 9, 431 (1955).




211

Proposition 3

Abstract
A rate study of the reaction of binuclear ruthenium complexes
with the two-electron oxidant T1%* is proposed. The results of

the study could have implications for catalysis of multi-electron

reactions.
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The current inorganic literature abounds with reports describing
syntheses of multi-metal complexes. These systems often display
unusual and fascinating physical properties, but the common
rationale for the creation of polynuclear complexes is that they
may possess catalytic properties not found in similar mononuclear
systems. Invariably the processes that are to be catalyzed involve
more than one electron, and there are two basic advantages that a
polynuclear catalyst might have over a mononuclear one. The first
is the ability to bind a substrate in a geometry that would be
impossible for a mononuclear complex. (One can think of this
"substrate binding' as substrate activation, or lowering the
energy of a transition state or intemmediate.) For example,

suppose that an oxygen reduction catalyst proceeded by the following

mechanism:
0==0 0 0
N t als g Ll
M M, +0 LM ML ___ LM M
Lx N/ X 2 77 % Y ¥ X X \L¢l X

Two analogous mononuclear complexes could not approach dioxygen in

the same way for steric reasons, which might lead to different

products:
£=0
/" ’ 'L L\ :\‘\ ' o'Il L‘ :
M ‘ML — L M—0-—0—ML
= N, W S X%L A
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Even if the same geometries are available to both a mononuclear and
binuclear catalyst, the latter might have a kinetic advantage:

0=0

SR s
LM+ 0=0+My —>LM-0-0- M.,

M
LMO=0—> IkM-0-0—-3 LM-0 - OMy

Notice that the binuclear catalyst completes the process in a single
step, while the mononuclear complex requires either a termolecular
process or an extra, possible kinetically slow, step.

The second advantage that a polynuclear complex has is the
ability to donate the exact number of electrons needed in the multi-
electron process in a single step. This advantage is similar to
the kinetic one discussed above for substrate binding, yet it
can be described less subjectively since the phenomenon is well-
known in electron transfer kinetics.

In 1933 P. A. Shaffer observed that while the Ce**/Ce®* and
T43%T1 couples appeared to be electrochemically reversible,
implying that they exchange electrons rapidly with electrodes,
solutions of ceric sulfate are virtually unreactive towards
solutions of thallous sulfate despite a favorable reaction free
energy. From this and similar observations Shaffer proposed the

principle of equi-valence change (1,2). Simply, reactions between
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ions whose stable oxidation states vary by two equivalents will
react much more slowly with one-equivalent ions than with other
two-equivalent ions. The reasoning behind this principle was
sunmarized by Halpern in 1959 (3). Suppose B is a two-equivalent
oxidant with stable oxidation states B" and B™*2, If BP*Z reacts
with a two-equivalent reductant A" whose next stable oxidation

2

state is A™ , a simple bimolecular mechanism is possible.

AN+ B2 An*2 4 p mechanism 1

If, however, the only other stable oxidation state of AT is An+1,

three different mechanisms are possible

n+2

20" + B —_— ZAH"'1 + BD mechanism 2

An

+

gh+2 A+l o, pntl
mechanism 3

An Bn+1 An+1 + Bn

+

+

An pn+2 An+2 + g0
mechanism 4
An An+2 . 2An+l

+

The rate of a process proceeding via mechanism 2 is limited by the
low probability of termolecular reactions. Mechanisms like 3

and 4 are rate limited by the unfavorable thermodynamics associated
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with the formation of Bn+1 and An+2, respectively (4). If the first

step in either reaction is an equilibrium, for eXample,

ki

k.,

then the maximum rate of reaction is ky which equals k- 1K where K
is the equilibrium constant. Since k-1 has a diffusion-limited
maximm value of ~10'° & mole™® sec™® (5), a small value for K can
limit the overall reaction rate.

It is difficult to imagine a simple set of experiments with
which to quantify the kinetic implications of binuclear as opposed
to mononuclear substrate binding. On the other hand, electron
transfer experiments like those used to study the Shaffer principle
of equi-valence change should be readily adoptable for the study
of binuclear complex reaction kinetics. It is proposed herein to
study the reaction of T1%" with ruthenium(II)-pentaamminepyridine

complexes having the general formula

(\H,) Ru(1I) (py-B-py)Ru(II) (NH,) **

along with appropriate monomers, in order to gain insight into one
of the catalytic aspects of polynuclear compounds.
The ion T13" should serve as an adequate "substrate'" in the

proposed study. In perchloric acid solutions free of complexing
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anions, T1®* and T1" exist as aquo ions although Tl(HZO)n3+ is

a fairly strong acid with an acid dissociation constant of 7.3 x 1072
(6) . Fortunately, the reaction rates for Tl(HZO)_n_l(OH)2+ are
similar to those for Tl(Hzo)n3+ (7) and the concentration of the
former can be depressed by working in concentrated acid. The
self-exchange reaction between T1°" and T1* was measured as early

as 1949 (8,9). In molar acid the second order rate constant is
approximately 107" M sec™l. Although early kinetic studies could
not distinguish between a direct two-electron exchange and a
mechanism involving T12*, recent pulse radiolysis studies have
ruled out T1?* as an intermediate (10). When T1%* reacts with a
one-electron reductant such as ferrous ion, T1%?* is formed as an
intermediate (11) as deduced from kinetic studies which support the
following mechanism:

k
T13* + Fe2* 1 o T12% + pe?t

k-

=1

3+

T12* + Fe?* 5 T1% + Fe

These results are also consistent with pulse radiolysis studies (10).
The rate constant kq,is ~1.4 x 102 M"! sec™?. Notice that this
rate is significantly faster than the T13+/T1+ self-exchange rate,

in apparent contradiction with the Shaffer principle. Halpern
explained this phenomenon by noting that the activation enthalpy

is higher for ferrous reaction but a favorable activation entropy,



317

which is associated with the formation of weakly hydrated T1%*, is
responsible for the faster rate (3). Also, the T13+/T1+ exchange
reaction has no driving force while the reaction of T1** and Fe?*
has a E°  of ~0.5V.

Teac

Ruthenium pentamminepyridine complexes,both mononuclear and
binuclear, have several properties which make them logical choices
for these studies:

a) The complexes are nearly inert with respect to substitution
even in strongly acidic solutions (12,13),

b) The Ru(II)Ru(III) redox couple is usually electrochemically
reversible in complexes of this type allowing formal potentials to
be easily obtained (14,15), and

c) Electron-transfer reactions involving ruthenium complexes
with 6 nitrogen ligands will almost certainly proceed by an outer-
sphere mechanism (4).

The synthesis of the ruthenium compounds should not prove
difficult. The usual synthetic route involves the reaction of
Ru(II) (NH,) ((H,0) * with the appropriate nitrogen heterocycle (16,17).
A large number of binuclear complexes has already been synthesized
and characterized (16-19). Some of the bridging ligands used are

drawn below:
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/\ ,\ /\
s N ALY @CH2 -

The initial stages of the proposed research would involve the
synthesis of several binuclear complexes and appropriate monomers.
This would be followed by a brief study of the kinetics of the
reaction between the Ru(II) monomers and T13" to establish that
they are reacting by the same mechanism as Fe?* and to measure their
rates. Finally, the kinetics of the reaction of the binuclear
Ru(II) complexes with T13* would be studied. An attempt would be
made to obtain rates for comparison with the monomeric rates and
to establish whether or not T1?" was an intermediate in the binuclear
reaction.

In addition to ruling out P1* a5 an intemslinte S0 the T13 1
exchange reaction, pulse radiolysis studies have provided additional
data about the T13*/T1* couple that allow estimation of the
electron transfer rates that might be observed. These data are
included in Table 1 along with similar data for other selected
processes. Using the Marcus cross-reaction equation without

correction for work terms (27)
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ki, = (k11k22k12f)%

1af = [[In k,,)*%/41/In(k, )k, /10%2)

11k22
One can calculate a number of rates which are given in Table 2.
As noted by Schwarz, the Marcus equation provides an ‘excellent
estimation of k,,, which is the rate determining step in the
reduction of T13* by ferrous ion. Because Ru(NHa)s(py)2+ has a
faster self-exchange rate and more driving force, the mononuclear
rate of reduction of T1%" is estimated to be ~10* M™! sec™!.
Evidence exists, however, that suggests that the reaction of
mononuclear ruthenium complexes with thallic ion might be slower
than predicted. As Taube has recently pointed out (19), the reaction
of ruthenium complexes with ferric ion is ~100 times slower than
predicted by Marcus theory. Two specific examples demonstrating
this point are processes 20 and 21 in Table 2. Furthermore,
although the Ce®*/Ce3* exchange reaction is complicated by
hydroxide complex formation (28,29), preventing use of the Marcus
equation, it is difficult to understand why ceric ion does not
react with T1¥. Except for the unknown Ce“*/Ce’®* exchange rate,
the driving force and complementary self-exchange process is
similar to the ferrous ion reaction with T1%*. Finally, it might
be possible to suppress mononuclear rates by using complexes with
two pyridine molecules in the ruthenium coordination sphere. As

shown in Table 1, processes 6 and 8, t-Ru(NHs) u (py) 22 has ~0.2 V
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less driving force than does Ru(NH,) ,(py) . The self-exchange rate
for the former is not known.

It is difficult to estimate the rates of binuclear ruthenium
complex reaction with T13+. The principal problems are estimating
exchange rates for the binuclear complexes and deciding whether or
not the simplified Marcus equation is meaningful for a two-
electron process. If one assumes that the mono- and binuclear
exchange rates are the uses the T13*/T1* formal potential to
calculate k,,, a reduction rate of ~10° can be estimated (Table 2,
process 22). While the use of Marcus theory would complement the
proposed experiments, the type of reaction being proposed is
different enough from simple electron transfer that the actual
data would undoubtedly present many surprises.

One experimental difficulty that is certain to complicate
analysis of the rate data is the inevitable presence of mixed-
valence species. For example, (NH,) Ru(4,4'-bipy)Ru(NH,) s%".

At best.mixed-valence ions will constitute 50% of an equilibrium
mixture of the fully oxidized and fully reduced complexes. Their
reaction rates with T13+, however, should be similar to those
found for the mononuclear complexes and their influence on overall
rates should be interpretable.

Depending upon the success of these preliminary experiments,
a variety of follow-up investigations can be imagined. A few

possibilities are: steric effects of the bridging group; the
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effect of intra-molecular electron transfer between the ruthenium

atoms; and reactivity of asymmetrical systems.
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Table 1
Exchange Rate (M ! sec™)
H Process 'or Formal Potential (V)

1 T1%" + 2¢~ g== T1* Ef = 1.2621)
2 T13* + o~ m=ie T12% ef = 0.33 (10)
3 T12* + e s TIV gf = 2.19(10)
4 Fe®t + ¢ egmit Fo2* gf = 0.77-(21)

Ru(NH,) ;** + e” == Ru(NH,) 2" gt = 0.05 (14)
6 Ru(NH,) ((py) ** + e~ = Ru(M,) (py)?*  Ef = 0.30 (14)
7 Ru(NH,) o(isn) " + ™ &% Ru(MH,) ((ism)?* Ef = 0.37(15)
8 t-Ru(NH,) , (py) , " +e"== t-Ru(NH,), (py)2* EF = 0.49/(15)
9 (NH,) Ru(4,4-bipy)Ru(MH,) ** + 2¢” ==  Ef ~ 0.35(26)

(NH,) Ru(4-4-bipy) Ru(NH,) ;**
10 Ce't + ¢ amd= Ce®t ef =-1.61(21)
11 *T13% 4+ T1* mm= #T1 + T1% k =l2x 107" (10)
12 *71% + T12Y e #T12% + T2 ko= 3 x 10* (10)
13 #7124 4 71" mem #71% + T12Y k_= 1.5 x 10* (10)
14 #Fet + FB2* zmthm #Fe?” + Fe®' ky = 4.2 (22)
15 *Ru(NH,) ¢ *" + RUQH ) ** g etc. Key= 2.8 X 10 (23,24)
16 *Ru(NHj) 5(py) ** + Ru(NH,) 5(py)** getc k., = 2.2 x 10° (25,24)
17 *Ru(NH,) ((isn) *"+Ru(NH,) ,(isn)?" 2= etc k

- 5
o 4:3 X 10% (19)
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Table 2
}(galc kobs
# ~ Process . M sec™!) (M? sec™})
18 T13+ + Fe?t __ T12% + Fe?* 2.6x1072 1.4x1072
19 T1%" + Ru(H,) (py)2* » T12 +Ru(MH,) (py) ** 1.5x10% 2
20 Fe *+Ru(NH,) ** » Fe?*+Ru(MH,) " 3.5x107 3.4x10°
21 Fe**+Ru(NH,) (ism)2* » Fe? +Ru(NH,) (isn)**  1.4x10° 2.6x10"
22 T13*+(NH,) Ru(4-4'-bipy)Ru(NH,) ** ~ 1.3x10% ¢

TI*+(NH,) Ru(4,4"-bipy)Ru(Md,) &
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Proposition 4

Abstract

A method is proposed for obtaining Raman spectra of the
intermediates formed in the photoreduction of trisoxalato complexes
of Fe(III), Co(III), and Mn(III). Structural information concerning

the intermediates might facilitate clarification of the currently

disputed mechanism.
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The photoreduction of the trisoxalato complexes of Mn(III),
Fe(III), and Co(III) has been extensively studied (1). In solution

the overall reaction is (2)
4 hv ;
ZM(IIT) (0x) ,*" —> 2ZM(II)(ox),2 + ox®™ + 2C0,
M = Fe, Co, Mn ox = oxalate

Two similar photoprocesses occur for the compounds in the solid
state where the stoichiometries are (3)

hv :
ZKsM(IIT) (0x) 4+ 3H,0 — = 2KMn(I1) (ox), + K ox + 2CO, + 6H,0

M = Mn, Co

hv
2K3M(III)(ox)3-3H20-———> ZM(II)(ox)2 + 3Kiox + 6H,0

These processes occur using light from ~550 nm up to ~250 nm. The
quantum yields, which can be greater than 1, decrease with decreasing
wavelength. The high-energy portion of this spectral range is
dominated by IMCT bands for all of the complexes; however, the
photoreduction also occurs upon irradiation of ligand field bands.
Many attempts have been made to determine the mechanism of
these reactions in solution. One of the earlier mechanisms proposed

was (5-7)
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- hv .
M(III) (ox)aé —Q*M(III)(ox)aé
MMEIII) (0x) 57— M(II)(0x),% + ox =
ox = + M(III) (0x) ,*” —=s M(III)(0x), (0x)? + ox?”
M(III) (ox),(ox") —> NKII)(ox)22+ + 200,
20X ~==3 200, + ox2”

More recent kinetic studies on solutions using flash photolysis have
suggested increasingly complex mechanisms requiring a host of
intermediates. Such studies on the photoreduction of Fe(III) (ox) 33+
have been done by Cooper and Degraff (8,9) and Jamieson and Perone
(10,11). Recent work on Co(II) (ox) 33' includes that by DeJaegere (12),

Hoffman (13), and their coworkers. Some of the intermediates suggested

in these papers .are:

ox™ 0,.  M(II)(ox),*"
A 0.0 3-
/'O_C" ‘ l"‘
(ox) ,M(II) o (ox) , (H,0)M(II)-0-C-C-0

~

0—C.-
-0
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(0x) M(IT) (ox*) & (0x) ,M(II) (CO,*) 3~

_0—C=0%"
(ox) M(III)\ :
0=C=0

These intermediates were suggested to explain transient electronic
spectra and some of them were detected by electrochemistry and
ESR. Although much less conclusive studies have been completed on
the solid state reaction, similar pathways and intermediates are
usually proposed (3).

Considering the disagreement concerning the mechanism and the
nature of the intermediate in trisoxalato M(III) photoreduction,
spectra containing structural information on these species would be
valuable. It is proposed herein that it might be possible to
obtain Raman spectra of some of the intermediates which would
provide such information.

Texts are available on Raman spectroscopy (14,15) and the
subject will not be discussed at length here. Raman spectra contain
information similar and complementary to infrared spectra. Because
a minute portion of incident light undergoes Raman scattering, the
technique has not been as widely used as has infrared spectroscopy;
however, as high intensity laser sources are becoming more common,
Raman spectroscopy is increasing in popularity. By using as a light

source a laser with a frequency that is contained within an electronic
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adsorption band of the sample, one can obtain enhancement of Raman signals
that is as great as 10°-10°. This is the resonance Raman effect, which is
particularly useful for inorganic systems (16,17) especially now that
lasers with a variety of incident frequencies are available.

Raman spectroscopy has an additional advantage over infrared
in that H,0 is a poor Raman scatterer making aqueous studies possible.
Van Duyne and coworkers (18) have obtained resonance Raman spectra
of specieé generated electrochemically in millimolar solutions.

In the proposed experiments, one would attempt to obtain
Raman spectra of intermediates in the photoreduction of the tris-
oxalato-complexes both in solution and in the solid state. Initially,
the laser light used would be the source of both Raman scattering
and photolysis. The solid samples would be in pressed discs and the
solution would be in common round cells with flat bottoms. In both

cases one would attempt to achieve the situation depicted below:

laser image

!'steady-state"
region of
photoactivity
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As indicated above, the sample will be spinning; therefore, species
formed by photolysis will be swept through the laser beam a number

of times and new species will continually be formed. Sample

rotation is commonly used in Raman spectroscopy to prevent sample
heating. A recent review by Kiefer, which contains useful illustrations
and photographs, describes this and other Raman techniques (19).

In a more complicated experiment, two lasef sources might be used,

one to cause photolysis and the other to study photoproducts:

image of Raman
source laser

image of photolysis
source laser

With both of the above set-ups, the experimental objectives
would be the same. These would be to:
a) Obtain Raman spectra of the starting materials, Mn(III)(ox),*",
and the photoproducts, Mn(II)(ox),? , ox*  and CO,, under
separate conditions using laser light that caused no photolysis,
b) Attempt to generate some of the simple proposed intermediates

such as ox and CO,— by means other than photolysis and obtain their
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Raman spectra,

c) Record spectra during photolysis, eliminating bands due to
starting materials and photoproducts, and

d) Attempt to interpret the remaining bands in terms of the

proposed intermediates.
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Proposition 5

Abstract
A calculation of the bond energies of 1/1 complexes composed of
Ni(0), Cu(I) and Zn(II) and five simple ligands is proposed. Trends

in these bond energies could be used to help elucidate simple concepts

in transition metal bonding. Experiments that would complement the

calculations are also proposed.
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When ligands bind to transition metals the most common
orientation is for an‘orbital on the ligand, which contains a
non-bonding or '"lone" pair of electrons, to point directly at the
metal atom. One idea used to explain why certain ligand-metal
bonds are stronger than others is to treat the bond like the

reaction of a Lewis acid and base:

Mt + O©L ;F:===£% Nln+

Lewis acid Lewis base

An empirical concept which is used to explain why certain Lewis
acid/base pairs bind more strongly than others is the hard and
soft classification. Huheey's inorganic textbook contains a
discussion of the hard/soft concept (1), the main points of which
are presented below:

a) The term 'hard" as applied to both acids and bases implies
a small and relatively unpolarizable species, while the term
"soft'" implies a large and polarizable speciesj

b) In general, hard acids bind more strongly to hard bases
than to soft bases and vice versa.

The hard/soft concept works well for ligands like amines and
halides, but for other small-molecule ligands (e.g., carbon monoxide,
cyanide ion, and isocyanides) an important concept is that of

T-acidity. This subject is discussed in Cotton and Wilkinson's
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text in terms of the following drawings (2):

M + ®Cc=0 —3 ME.C O

Q@ Q @ 9®=9

0

@Q @ % QM®C~®

The top half of the drawing depicts the usual lone pair o-donation
toward the metal, while the bottom half suggests that filled metal
d-orbitals can back-dontate into unfilled w*-orbitals on the CO.
Evidence for this back-donation is found by examining the IR
stretching frequencies of the ligand triple bond in the coordinated
and uncoordinated states. The presence of electrons in the lone
pair orbital is antibonding with respect to the triple bond; donation
of these electrons toward the metal should strengthen the triple
bond, resulting in a higher stretching frequency (3). On the other
hand, back-donation of metal electrons into an orbital which is
antibonding with respect to the triple bond should produce a lower
frequency (2). In the case of carbon monoxide, which is usually
considered to be a poor Vcldonor and an excellent m-acceptor,
stretching frequencies (VCO) are always found to be lower in metal
complexes (1850-2125 cm™?) than in free CO (2143 cm™!).€2).

When Co is bound to a strong Lewis acid which cannot back-donate,

such as BHs, Yq, increases to 2164 an~! (4). With cyanide and
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isocyanides, which are both o-donors and m-acceptors, these same
trends can be seen by using metals with different abilities._to
back-donate (5). For free CN, Yon = 2080 an"?! and in complexes
YN ranges from 1910 to 2185 cm™! (5). Similar trends are found for
isonitriles. Nitriles, which are very poor m-acceptors, normally
have higher stretching frequencies in the coordinated state (5).

A further consideration in a discussion of metal-ligand binding
is the ability of the ligands to lower the energy of the system
through crystal field stabilization energy (CFSE) (6). Consideration
of CFSE is the main factor involved in the creation of another
ordering of ligand binding strengths, the spectrochemical series.

With all of the above-mentioned factors in play at once, it is
difficult to isolate the effect of any individual factor on a metal
ligand bond. It is proposed herein that one could attempt this
isolation by applying theoretical calculations to the 1/1 complexes

made up of the metal atoms and ligands shown below:

Metal atoms Ligands

Ni(0)

Cu(I) N=C-H

Zn(1I)
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The isoelectronic series of metal:atdms Ni(0), Cu(I) and Zn(II)
was chosen for several reasons. The most important is that in their
normal complexes these metals have a closed-shell, d!° configuration
which will eliminate the need to worry about crystal field effects.
Furthermore, because of their position at the right side of the
transition series these elements have relatively tightly bound
d-orbitals which implies only slight ability to overlap with m¥
ligand orbitals. This assertion is supported by the fact that
Ni(CO), 1is the last stable zero-valent carbonyl complex encountered
proceeding to the right across the first transition series, (2),
as well as by the fact that only recently have simple mono-carbonyls
been discovered for Cu(I) (7). No Zn(II) carbonyls are known.
Working with metals in this borderline region of back-donation
should provide interesting insights into the process. Finally, this
group of metal atoms forms a reasonable series of Lewis acids from
the hard Zn(II) to the soft Ni(0).

The ligands were also chosen to represent a series going from
the hard ammine to the softer immine to the soft nitrile. While the
nitrile is a o-donor and poor m-acceptor, the isoelectronic isonitrile
is both a good o-donor and w-acceptor. Finally, the poor o-donor
and good m-acceptor, CO, ends the series. For the immine, nitrile,
and isonitrile ligands, R-groups instead of hydrogens would be
necessary in order to make the synthesis of the complexes possible.
These were not included in the chosen ligands in order to simplify

calculations.
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The principal purpose of the proposed calculations is to obtain
bond energies for the fifteen metal-ligand pairs. This would be
done using the generalized valence bond (GVB) method. Goddard and
coworkers have written an overall description of the GVB method (8)
and a GVB calculation of one of the metal-ligand pairs, Ni(0)-CO,
has already appeared (9). The GVB description of CO is not unusual
and similar descriptions should be possible for the other ligands.
In the description of the metal, an additional technique is used
in conjunction with the GVB method. This technique uses effective
potentials to describe the inner 18-electrons of the metal atoms (10),
an approximation which greatly simplified such calculations.

One problem certain to arise in the caiculations is that the
ground state configurations for the metal atoms both free and
complexed, would not be d'°. This is due to electron-electron
repulsion in the tightly bound d-orbitals which can be alleviated
by promotion of one or two electrons to the 4s orbital. For
example, in Ni(O) the ground state is sd® with the s'd°® state
slightly higher (11). In Ni(0)-CO, the s’@® configuration becomes
the ground state (9). One could, however, use the excited state
d!? configuration in the calculations. This would result in the

situation drawn below:
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T Md10 T — 0@
AE
M -CO
dll)
M —CO
G.S. AE,
M CcOo
G5«

The bond enérgy for the d'° state, AE,, would not be expected to
be same as the ground state bond energy, AE,;, yet the relative
values of AE, for the different metal-ligand pairs would be more
useful in comparisons to real inorganic systems. Systematic
differences in AE, and AE, might also be revealing, serving as an
evaluation of the important of d-orbitals in the bonding.

Two other methods of gaining insight into the role of back-
bonding in these complexes can be envisioned. When the metal atom
and ligand are brought together, one could essentially ''freeze' the
d-orbitals into their atomic descriptions and see what effect this
had on 2E,. An even more drastic approach would be to attempt to
describe the entire metal atom as an effective potential and see
if bonding still occurred.

Regardless of the success of the additional calculations, the

main result would be the relative ordering of the AE, values.
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A priori, one would expect that Zn(II) would bond most strongly to
the ammine and only weakly to the m-acids, with Ni(0) deing just the
opposite. The Cu(I) bonding preferences should be intermediate
between Ni(0) and Z(II).

Theoretical calculations are usually more interesting when the
results can be compared to experimental values. This would be
difficult in the case of the AE, values because even if the bond
energies for the complexes could be measured they would correspond to
values of AE;. Trends in AE; and AE, might be the same, however,
which would make it worthwhile to obtain relative bond energies for
the complexes experimentally. For the Cu(I) and Zn(II) complexes
this could be done using ion cyclotron resonance spectroscopy (ICR).
This technique has been reviewed by Beauchamp (12) and has recently
been used to measure the binding of various ligands to Lit (13)«

In these experiments a more logical series of ligands would be:

N,
H

N=CH2
H,C
N=C-CH3
C=
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Since Ni(0) is not an ion, it could not be examined with this technique.
Instead, Ni(O)-ligand complexes using the above ligands could be

formed by using frozen maxtrix techniques to examine the complexes
spectroscopically (14). The complex Ni(0)-CO has already been

examined in this way (15). While these éxperiments would not provide
bond energies, properties such as stretching frequencies could

be compared to those afforded by the calculations.
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