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Fe, 10.15. Found: C ,  47.81; H,  3.13; N, 12.51; Fe, 9.93. Calcd for 
Fe(salen)(pico), CZ2H18N3Fe04: C, 59.47; H, 4.09: N, 9.46; Fe, 12.57. 
Found: C, 58.16; H, 4.13; N, 9.47; Fe, 12.08. 

The  reactions of trichloroacetic acid and picric acid with 
[Fe(TPP)],O followed similar procedures. [Fe(TPP)Iz0 was dissolved 
in chloroform and the solution brought to reflux. A large excess of 
trichloroacetic acid in water or picric acid in 95% ethanol was added 
to the solution with stirring. The  solution was stirred a t  reflux for 
15-30 min and then evaporated to about half of the original volume. 
Several 15-mL aliquots of H z O  were used to wash the chloroform 
solution. The  solution was then evaporated to give the desired 
compound. Anal. Calcd for Fe(TPP)( tca) ,  C46H2SN4Fe02C13: C, 
66.48; H ,  3.40; N, 6.74; Fe, 6.72. Found: C, 64.79; H ,  3.46; N,  6.44; 
Fe, 6.45. Calcd for Fe(TPP)(pic), C50H28N7Fe07:  C, 67.12; H ,  3.16; 
N ,  10.96; Fe, 6.24. Found: C, 65.74; H ,  3.64; N,  10.59; Fe, 5.99. 

Physical Measurements. Infrared spectra were recorded on a 
Perkin-Elmer Model 467 spectrophotometer. Samples were prepared 
as  13-mm KBr pellets. Low-temperature I R  spectra were obtained 
using a Cryogenics Technology, Inc., “Spectrim” closed-cycle helium 
gas refrigerator with the cryocooling head equipped with KBr windows 
(50 X 4 mm).  

Variable-temperature (4.2-269 K) magnetic susceptibility data were 
obtained with a P A R  Model 150A vibrating-sample magnetometer. 
The  temperature was monitored with a GaAs temperature-sensitive 
diode in conjunction with a CuSo4.5H20 standard. 

Electron paramagnetic resonance spectra were obtained with Varian 
E-line spectrometers using an E l 0 1  microwave bridge with a 6-in. 
(10 kG) magnet for X-band measurements and an E l  10 microwave 
bridge with a 12-in. (25 kG) magnet for Q-band measurements. A 
Varian liquid-nitrogen X-band cavity insert was used to obtain 
measurements a t  90 * 10 K and an Air Products Heli-tran X-band 
liquid-helium cooling system to obtain measurements a t  8 f 2 K.  
Temperatures for the X-band measurements were determined by 
employing an  Ohmite  carbon resistor (2.7 =k 10% k 0 ,  W). The  
low-temperature Q-band measurements were estimated to be at - 100 
K and were obtained by surrounding the cavity with a glass Dewar 
and passing liquid-nitrogen-cooled, gaseous nitrogen through the 
system. 

Iron-57 Mossbauer measurements a t  90 K were obtained on an 
instrument which was referred to in an earlier paper.22 

Computer fittings of the magnetic susceptibility data were per- 
formed with an adapted version of the minimization program known 
as  STEPT.z3 Computer fittings of the 57Fe Mossbauer data were 
performed with a modified version of a previously described program.24 
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Substituent and Solvent Effects on the Electrochemical Properties of 
Tetra-p-carboxylato-dirhodium( 11) 
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The electrochemical oxidation-reduction of tetra-pcarboxylato-dirhodium(II), Rh2(0zCR)4,  where R = (CHJ3C, C5H9, 
C3H7,  CzH5, CH3,  C6H5CHz,  C H 3 0 C H 2 ,  C 6 H 5 0 C H 2 ,  CH,CHCI,  and C F 3  was investigated by polarography, cyclic 
voltammetry, and controlled potential electrolysis. At a platinum electrode Rh2(0zCR)4 was reversibly oxidized by a single 
electron to yield a stable Rh(I1)-Rh(II1) dimer. The  same compound was irreversibly reduced in several steps but yielded 
initially a Rh(1I)-Rh(1) dimer before further addition of one or more electrons. The  half-wave potentials were found to 
depend on the nature of the substituent R and also the solvent. The polar substituent constants of Taft were found to bear 
a linear relationship with the half-wave potentials, and for a particular complex, the solvent dependency of its E I j z  values 
was shown to be roughly related to the solvent donor number. 

For the past few years, we have been investigating the 
biological activity of several tetra-pcarboxylato-dirhodium(I1) 

These complexes are potent inhibitors of en- 
zymes which have sulfhydryl groups near or a t  the active sitea4 

Reaction of most sulfhydryl containing compounds with 
tetra-p-carboxylato-dirhodium(I1) is rapid at  mid or high p H  
and results in a release of the carboxylate ions from the “cage” 
complex. The product has a complicated EPR spectra and 
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S 
Figure 1. Structure of tetra-pcarboxylato-dirhodium(I1). 

Table I. Substituents and Values of 4a* 
Figure 2. Cyclic voltammograms of Rh2(02CC2HJ4 in (a) DMF, 
0.1 M TBAP, and (b) MezSO, 0.1 M TBAP. Scan rate = 0.100 V/s. 

Compd 
no. Substituent, R 40*'4 

1 (CH,),C- -1.20 
2 C-C ,H 9- -0.80 
3 n-C,H,- -0.46 
4 C,H,- -0.40 
5 CH,- to.00 

7 CH,OCH,- +2.08 
8 C,H,OCH,- +3.40 
9 CH,CHCl- t4.20 

6 C,H,CH,- +0.86 

10 CF ,- -10.00 

also exhibits paramagnetic line broadening in its NMR 
~ p e c t r a . ~  Work is now in progress to establish the nature of 
this reaction. The present information indicates that elec- 
tron-transfer processes are  involved in the reactions. There 
are  several reports in the literature on the redox behavior of 
tetra-p-carboxylato-dirhodium(I1) complexes, s-8 but these 
involve only the acetate derivative; therefore, we have un- 
dertaken a detailed electrochemical study of different Rh2- 
(O&R)4 complexes (Figure 1). In this study R was varied 
as shown in Table I to include a substantial range of sub- 
stituent constants. Electrochemical measurements were made 
in both aqueous and various nonaqueous media. The purpose 
of this investigation was to see how substituent effects on the 
carboxylate ion and changes in the bonding properties of the 
solvent would effect the electrochemical and chemical re- 
activity of these complexes. This paper reports the results on 
the electrochemistry. 
Experimental Section 

Chemicals. Rh2(02CCH3)., and RhCl3.3Hz0 were purchased from 
Matthey Bishop, Inc., Malvern, Pa. Other carboxylates, Rh2(02CR),, 
where R = CF3, CH3CHC1, C6H50CH2, CH30CH2, CH3CH2, 
CH$H2CH2, C6H5CH2, (CH&C, and C5H9, were synthesized either 
from rhodium(I1) acetate and the carboxylic acid or from RhCl3.3H20 
and an equimolar mixture of the carboxylic acid and its sodium salt 
in an alcoholic solution. Both the synthetic procedures and the 
characterization and estimation technique have been described 
previously?-1° The solvents methylene chloride, dimethylformamide, 
tetrahydrofuran, acetonitrile, benzonitrile, butyronitrile, dimethyl- 
acetamide, dimethyl sulfoxide, and pyridine were reagent grade quality. 
These were dried over P205 and/or CaH, and stored over molecular 
sieve. The solvents were made 0.1 M with tetrabutylammonium 
perchlorate. The supporting electrolyte for aqueous solution was 0.1 
M KCl. The permissible potential range in each solvent was de- 
termined by running a blank prior to the actual run. 

Polarography and Cyclic Voltammetry. Polarographic mea- 
surements were made on Princeton Applied Research Models 173 
and 174 electrochemistry systems utilizing a three-electrode geometry. 
The working electrode consisted of either a dropping mercury electrode 
(DME) or a platinum button electrode. 

A commercial calomel electrode was used as the reference electrode 
and a platinum wire as the auxiliary electrode. The reference electrode 

was separated from the bulk of the solution by a bridge filled with 
solvent and supporting electrolyte. Solutions in the bridge were 
changed periodically. This arrangement, thus, prevented aqueous 
contamination from entering the cell via the calomel electrode. The 
electrolysis cell was a Brinkman Model EA 875-5. Total volume 
utilized was 5-10 mL, and rhodium carboxylate concentrations were 
between and M. Linear and cyclic sweep rates were varied 
between 0.01 and 0.20 V/s. The overall number of electrons was 
determined by controlled potential coulometry. A Princeton Applied 
Research Model 173 potentiostat was used to control the potential 
at which experiments were run. Electronic integration of the cur- 
rent-time curve was achieved by means of a PAR Model 179 in- 
tegrator, which yielded a voltage output that was recorded on an X-Y 
recorder. The coulometric cell was similar to that used for cyclic 
voltammetry. A large coiled platinum wire served as the anode and 
was separated from the cathodic compartment by means of a fritted 
disk. For reductions, a stirred mercury pool of area =7 cm2 served 
as the cathode and a saturated calomel electrode was the reference 
electrode. Stirring of the solution was achieved by means of a magnetic 
stirring bar positioned atop the mercury pool and actuated by a motor 
beneath the cell. Deaeration of the solution was performed before 
commencing the experiment and a stream of high-purity argon was 
passed throughout. All experiments were carried out in a controlled 
temperature room of 20 f 0.5 "C and potentials are reported with 
respect to the saturated calomel electrode (SCE). 

Results 
Cyclic Voltammetry and Polarography. The electrochemical 

oxidation or reduction of Rh2(02CR)4 proceeds in two discrete 
steps without destroying the dimeric cage structure of Figure 
1. A typical cyclic voltammogram of Rh2(02CC2H5)4 oxi- 
dation in DMF is shown in Figure 2a. Figure 2b shows the 
cyclic voltammogram for the reduction of the same compound 
in Me,SO. In all cases, electrooxidation of Rh2(02CR),, where 
R was one of the groups in Table I, produced a single oxidation 
peak on the forward scan and a coupled reverse reduction peak 
on the backward sweep. Potential separations between the 
anodic peak, Ep,+, and the cathodic peak potential, were 
in the range of 60-90 mV a t  a scan rate of 20 mV/s and 
increased with sweep rate. The ratio of the cathodic to the 
anodic peak current, iP,Ji was close to unity a t  all scan rates 
indicating the absence oEoupled chemical In 
addition, plots of iP/ut /*  were constant over the lower range 
of sweep rates of 0.02-0.100 V/s indicating diffusion control. 
Diagnostic plots of EP-E,l2 gave a reversible separation of 70 
f 10 mV, indicative of a one-electron diffusion-controlled 
oxidation. 

The reduction of Rh2(02CR), was not reversible as  shown 
in Figure 2b. Diagnostic measurements of peak geometry gave 
a separation between peak and half-peak potential, E, - Ep12, 
of 125 mV compared to a 60/n mV theoretical diffusion- 
controlled shape. This larger than 60 mV separation is 
characteristic of an electrode reaction in which the rate of 
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Figure 3. Polarogram illustrating irreversible reduction wave of 
Rh2(02CC2H& in Me2S0, 0.1 M TBAP. 

electron transfer is the rate-determining step.12 Confirmation 
of this irreversibility is also seen by the lack of reverse reduction 
peak and the observed cathodic shift of peak potential with 
increase in scan rate. 

For an irreversible reaction the shape of the current-voltage 
curve is broader than that for a reversible reaction and is given 
by the equation”J2 

Ep - Epp = 0 . 0 4 8 / ~ ,  V (1 1 
where a is the transfer coefficient and n, is the number of 
electrons in the rate-determining step. Using the experimental 
E, - E, = 125 mV, an ana = 0.38 was obtained from which 
it may de inferred that a = 0.38 and n, = 1, Le., the initial 
reduction step involves a rate-determining single-electron 
reduction. 

This irreversibility and a similar value of an, were obtained 
a t  a DME. As seen from Figure 3, a drawn out polarographic 
wave is obtained whose shape is that of an irreversible charge 
transfer13 (E3/4 - E114 = 120 mV). Characteristic plots of E 
vs. log i / ( id  - i) gave a slope of 155 mV from which a similar 
an, of 0.38 was calculated. 

Controlled Potential Electrolysis. In order to verify the 
overall number of electrons in each step, Rh2(02CR)4 was 
reduced and oxidized a t  controlled potential and the cyclic 
voltammograms were recorded after total electrolysis. 
Controlled potential oxidation at  potentials 200 mV more 
anodic that showed that an overall 1 .O electron/dimeric 
unit was abstracted as  the solution changed from green to 
brown. This reaction was totally reversible as evidenced by 
the fact that rereduction could be accomplished at  +0.6 V with 
the addition of 1 .O electron/dimer, to produce the original 
green solution. Cyclic voltammetry of the oxidized species gave 
identical current-voltage curves as those obtained from the 
original unoxidized neutral complex. 

Controlled potential reduction at  potentials 150 mV more 
cathodic then El l2  in MezSO appeared to involve several slow 
steps. Electronic integration of the current-time curve showed 
the addition of 2.5 electrons to the neutral Rh2 (O2CR)4. Upon 
termination of the electrolysis, no reverse oxidation could be 
obtained, in agreement with the results obtained by cyclic 
voltammetry. 

Substituent and Solvent Effects of Redox Reactions. As the 
R group was varied in Figure 1, little change was observed 
in peak geometry of either the oxidation or the reduction 
process. There did exist, however, a shift in both the oxidation 
and the reduction potentials such that electron-donating groups 
produced easier oxidations and more difficult reductions and 
electron-withdrawing groups had the opposite effect. The 

- 1  0 1 2 3 4 
4 b‘ 

Figure 4. Linear free energy plot of E l l 2  vs. 4u* for electrooxidation 
of Rh2(02CR) in DMF. Numbers correspond to substituents given 
in Table I. 

I 
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Figure 5. Linear free energy plot of E , j 2  vs. 4u* for electroreduction 
of Rh2(02CR) in Me2S0. Numbers correspond to substituents given 
in Table I. 

magnitude of the interaction can be quantitated by the linear 
free energy re la t ion~hip’~  

where 4u* is the total substituent constant representing the 
sum of the inductive or polar effects14 of all substituents and 
Q, the reaction constant, given in volts, measures the sensitivity 
of the electron-transfer reaction to the polar effect of the 
substituents. In this equation 4a* is utilized since there are 
four substituted groups. 

Figure 4 illustrates a plot of the reversible half-wave po- 
tentials for oxidation of various Rh2(02CR)4 complexes in 
D M F  vs. 40*, while Figure 5 illustrates a similar plot of E,  
for the reduction of Rh2(02CR)4 in Me2S0.  In both cases 
linear plots are obtained. The reaction constant, p ,  is the slope 
of the line constructed by a least-squares best fit program. 
Linearity of or E, vs. 40* in both cases indicates that an 
identical oxidation or reduction mechanism is operative 
throughout the series of compounds.15 

The solvent was then changed in order to investigate the 
effect of polarity and axial ligand complexation on the 
electrode reactions. These solvents varied from the nonbonding 
CH2C12 to the strongly bonding pyridine and Me2S0.  On 
changing from one nonaqueous solvent to another, shifts of 
potentials were observed similar to those obtained on changing 
the R group. The most positive oxidation potential was 
measured in CH2C12 while the most negative was in pyridine. 
This ease of oxidation is a function of both the solvent 
properties and its ability to stabilize the oxidized product by 
bonding at  the axial positions. This relationship is shown in 
Figure 6 where the half-wave potentials of Rh2(02CCH2CH3)4 
are plotted vs. the donor number of the solvent to yield an 
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Figure 6. Plot of reversible half-wave potential for oxidation of 
Rh2(02CC2H5)4 vs. Gutmann donor numbers. Values of Ell* are vs. 
the half-wave potentials of ferrocene in the same solvent (AN = 
acetonitrile, BN = benzonitrile). 

Table 11. Reaction Constants in Different Solventsa 
P ,  v, for P ,  V, for 

Solvent oxidation reduction 
CH,Cl, 0.064 
DMF 0.067 
CH,CN 0.084 
Me,SO 0.060 

a Standard deviation = +_0.004. 

Table 111. Potentials for Oxidation and 
Reduction in H,O-0.1 M KCl 

E , / ? ,  v ,  
E ,  ti, V, for for oxida- 

Complex reduction tion 
Rh,(O ,CCH,OCH,), -0.79 
Rhz(O iCCH3)4 - 1.08 t 1.02 
Rhi(OiCCHzCHJ, -1.06 +0.99 
Rh,(O,CCH,CH,CH,), -1.06 t 1 .oo 

almost linear relationship. In this figure, the actual potentials 
have been plotted vs. the half-wave potentials of ferrocene/ 
ferrocinium redox couple in order to eliminate contributions 
due to liquid junction p0tentia1s.I~ 

Linear free energy plots were obtained in all solvents and 
reaction constants, p,  tabulated in Table 11. No significant 
changes were observed in the electrooxidation mechanisms as 
a function of changing solvents. This was not the case, 
however, for the electroreductions, where potentials obtained 
in aqueous solutions differed significantly from those in non- 
aqueous media. Similar to reactions in nonaqueous media, 
an irreversible reduction was obtained, but the potential was, 
in this case, some 400 mV more anodic than that predicted 
from the simple plot of vs. donor number. No deviations 
were observed for the oxidation peaks so that the net effect 
of going from a nonaqueous soivent to water was to decrease 
the distance between the H O M O  and the LUMO by 0.4 V 
from the 2.0 f 0.1 V obtained for all other solvents. The 
potentials for oxidation and reduction are given in Table I11 
for the four compounds which were soluble in aqueous solution. 
In this table half-wave potentials are listed for oxidations and 
reductions of Rh2(0,CR)4 where R corresponds to the sub- 
stituents CH3, C2H5, C3H7, and CH30CH2. 

For reversible electrode reactions where the diffusion 
coefficients of the oxidized and reduced forms are equal, the 
polarographic half-wave potential Ellz  may be exchanged with 
the thermodynamically significant E O .  This is not true for 
irreversible electrode reactions where the polarographic po- 
tential has no thermodynamic significance and is displaced 
from the standard potential as a function of an, the drop time, 
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t ,  and the electron-transfer rate constants, ko.13 

0.059 1 .349k"t"2 
=E" + - log D:/2 

m a  
(3) 

In the above equation Do is the diffusion coefficient of the 
oxidized species. Since ko is not known, we cannot estimate 
Eo and only know that it is more positive than El12. 

Cyclic voltammograms of the reduction could not be ob- 
tained a t  a platinum electrode in H 2 0  due to the evolution of 
H2 at  a potential more positive than rhodium reduction. Thus, 
all values of E l I 2  are  those obtained a t  the DME and cor- 
respond to that point where the current is half the diffusion 
current, i.e., a t  the inflection point of the wave. Although no 
thermodynamic significance may be placed on the absolute 
value of EIl2,  predictions based on changes of half-wave 
potential with structure should still be valid, if an is invariant 
for each compound in the series. This was the case observed. 
Discussion 

Based on the data the following mechanism is proposed for 
oxidation-reduction of Rh2(02CR)4: 

[Rh,(O,CR),lf Rh,(O,CR), 5 [ Rh,(O,CR),]-+reduced products 

The electrochemical oxidation of tetra-p-carboxylato-di- 
rhodium(I1) involves a one-electron abstraction to yield a singly 
positive dimeric complex. The = 1.02 V for the oxidation 
of Rh2(02CCHJ4 in H 2 0 ,  0.1 M KCl (Table 111), is within 
20 mV of the value reported by Taube and co-workers6 (1.225 
V vs. NHE or 1,000 V vs. SCE) in 0.1 M H2SO4 and indicates 
a lack of p H  dependence on the oxidation. Visible and UV 
spectral properties of the complex are similar to those reported 
previously for Rh2(02CCHJ4 and [Rh2(02CCH3)4]+.5s6 

There was no indication that the dimer cleaved upon 
electrooxidation and the lack of pH dependence lends support 
to the fact that the cage structure was not destroyed. The 
oxidized product appeared stable (as judged by the absorption 
spectra) for several hours but after this time appeared to 
spontaneously revert to the original neutral complex. The 
oxidized product, [Rh2(02CR)4]+, is electrochemically stable 
up to +1.7 V in CHzClz (slightly less in other solvents) and 
a further oxidation to yield rhodium(II1) dimers was not 
obtained up to the potential limit of the solvent. 

Under all conditions, the initial step in the electroreduction 
was the rate-controlling addition of a single electron. The 
evidence that electroreduction involves initially a single electron 
transfer to yield [Rh2(02CR)4]- comes directly from the shape 
of the current-voltage curves. All of the complexes in Table 
I gave irreversible electrode reactions in the solvents of Table 
111. Values of an, = 0.38 f 0.05 were invariably calculated 
from which an (Y = 0.38 f 0.05 and an n, = 1 is obtained. 
(The alternate explanation of a = 0.19 and n, = 2 seems 
unlikely in view of the fact that a is usually between 0.3 and 
0.7 and most often is about 0.5.13) 

The singly reduced complex, [(Rh202CR),]-, is not stable 
but is immediately reduced by one or more electrons to  yield 
the final complex. From the polarographic data, a diffusion 
current constant, 1, = 2.70, was calculated from which a value 
of nD1/2 = 4.28 X could be extracted where D is the 
diffusion coefficient in cmz/s and n the overall number of 
electrons in the reaction. Assuming a diffusion coefficient in 
the range of 1.6 X cm/s, one can calculate 
that n is in the range of 2-3. This is exactly the range obtained 
from the coulometry. 

No new reverse oxidations were obtained after total con- 
trolled reduction. This indicates the formation of an extremely 
stable monomeric Rh(1) complex or reduced dimer species. 
W e  did not observe the formation of a Rh(0) complex in 
MezSO solution. The final reduced yellow product had no 

ne 

to 4.9 X 
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distinct features in the visible spectrum and possessed a high 
charge-transfer band characteristic of Rh(1). 

Solvent Effects. In Figure 6 ,  we have shown the effect of 
different solvents on the oxidation of Rh2(02CCH2CH3)4. The 
donor number, or the solvent donicity,16 can be taken as a 
measure of the interaction of the axial ligands with the Rh” 
ions in Rh2(02CR)4, provided the starting complex is without 
any axial  ligand^.'^^'^ This criterion is met in our study. All 
of the rhodium(I1) carboxylates were desolvated by drying in 
a vacuum oven at  about 80 “ C  for 2 h. 

Returning to Figure 6, we see that the oxidation process 
becomes more favorable as the interation of the axial group 
becomes stronger. This shift of potential with solvent donicity 
is an indication that the H O M O  levels a re  destabilized with 
increasing ligand binding ability. Since Rh2(02CCH2CH3)4 
is a soft acid, it forms stronger axial bonds with ligands having 
A-acceptor ability. The  u interaction with pyridine, for ex- 
ample, is largely augmented by its synergistic A-acceptor 
ability. This will probably destabilize both the unoccupied Q* 

levels and also the A* levels,” but the symmetry consideration 
predicts the latter will be affected to a smaller extent than the 
former. This is confirmed by the fact that no linear rela- 
tionship existed between the half-wave potentials and the 
wavelengths or molar absorptivity of spectral transitions in 
different solvents. 

W e  like to report in this connection the thermodynamic 
stabilities of the adducts of Rh2(02CCH2CH3)4 with pyridine 
and M e 2 S 0  on one hand and with acetonitrile and carbon 
monoxide on the other. Whereas the former two maintain 
their stability in the solid state and even a t  quite high tem- 
perature, the existence of the latter two is detected only in 
solution.20 Thus the purple solution of Rh2(02CCH2CH3)4 
in CH3CN, which obviously contains the Rh(I1) carboxylate 
in the form of its diadduct, reverts to the green starting 
material on evaporation of the solvent. The same is also true 
for carbonyl diadduct, which is formed when CO is passed 
through a solution of Rh2(02CR)4 in CH2C12. All these 
observations indicate that the Rh-axial ligand bond is 
comprised of essentially a u interaction, which, however, is 
enhanced by the A-acceptor ability of the ligand. 

Substituent Effect. One of the objectives of this study was 
to monitor the change in redox potentials and mechanisms of 
the  electron-transfer reactions of Rh2(02CR) ,  with the 
variation of the R group. The results of our investigations on 
various carboxylates in different solvents are shown in Figures 
4 and 5. Only the polar substituent constants of Taft’, were 
found to bear a linear relationship with the half-wave po- 
tentials. This linear relationship indicates that electron-do- 
nating substituents (with low or negative CT* values) help to 
stabilize the higher oxidation state of the metal. The potential 
shift for the reduction of these compounds (Figure 5) may be 
taken as a general measure of their relative acidity toward 
adduct formation. With a strong electron-withdrawing group 
like CF3, the lower oxidation state is stabilized to such an 
extent that no oxidation step can be observed for Rh2(02C- 
CF3), up to the positive end of the potential limit of the 
solvents. On the other hand the reduction of this complex is 
favored by about 500 mV compared to Rh2(02CCH3),. The 
spectral properties of the Me2S0 adducts also show that, with 
the exception of Rh2(02CCFJ4,  all other rhodium(I1) car- 
boxylates studied are  soft acids in that they bind with s- of 
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Me,SO, whereas Rh2(02CCF3)4 binds with OeZ1 
These observations suggest that electronegative groups 

stabilize both the H O M O  and L U M O  of the Rh-Rh bonding 
scheme. The photoelectron spectra of some M o ~ ( O ~ C R ) ~  (for 
which ad, is H O M O  and 6*dx is LUMO) show that both the 
tidzY and ?rd,,,dy, levels are  stablized by increasing electron- 
withdrawing ability of R group.’* But how the antibonding 
orbitals are also equally affected in the same direction is hard 
to visualize. Apparently all of the M O  levels are more or less 
equally stabilized by a change to more electronegative sub- 
stituent. Thus, from an inspection of Table 11, and comparison 
of Figures 4 and 5 ,  we see that the difference between the 
oxidation and reduction potentials remains essentially constant 
from compound to compound. 

The reaction constants, p values, in different solvents are  
given in Table 11. For the electron-transfer reactions in 
CH2C12, DMF, and Me2S0,  these are reasonably constant a t  
0.064 f 0.004 V. In these solvents, therefore, the reaction 
follows a similar mechanism. I t  is interesting to note that in 
Me2S0,  even where there is a change of donor atoms from 
sulfur to oxygen, the reaction proceeds according to the same 
mechanism. In CH3CN,  p = 0.084 f 0.004 V. This slightly 
higher value in acetonitrile when compared to M e 2 S 0  may 
indicate that the reaction in acetonitrile is more sensitive to 
the nature of the substituents than in any other solvent. This 
is probably an indication that the axial bonding of Rh2(02CR)4 
with CH3CN involves some A interaction which is significantly 
influenced by the nature of the R group in the bridging acid. 
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