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such as mercury2-20 and platinum.12,20 However, the inter­
pretation of the electrochemical data to unambiguously de­
termine even the most fundamental parameters such as the 
thermodynamic redox potentials, the number of electrons 
(n values) involved in the electron transfer steps, and the se­
quence of steps in the mechanism has not been possible be­
cause of numerous complicating conditions. The complica­
tions encompass strong adsorption of both reactant and 
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Figure 1. Spectropotentiostatic curves for the reduction of Bi2 at vari­
ous applied potentials vs. SCE in a Hg-Ni OTTLE: (1) Bu potentio-
stated at 0.000 V vs. SCE; (2) B,2 potentiostated at -0.600 V vs. SCE; 
(3) B12 potentiostated at -0.660 V vs. SCE; (4) Bj2 potentiostated at 
-1.000 V vs. SCE. 
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Figure 2. Potential-absorbance curves for the reduction (curve A) and 
oxidation (curve B) of 1.2 mM B12 monitored at 550 nm: 1.0 M 
Na2SO4; 0.1 M NaNO3; pH 7.0; Hg-Ni minigrid; cell thickness, 0.017 
cm. 

product, irreversibility of the redox reactions, unusual me­
dium effects involving the solvent system and the support­
ing electrolyte, and marked variation of electrode kinetics 
with the electrode material.2""20 Recently, new techniques 
employing minigrid electrodes in conjunction with thin 
layer electrolysis cells21 have been developed which have 
proved useful to the study of the basic redox properties of 
cytochrome c.22 This paper reports the results obtained by 
using thin layer minigrid electrode cells to study the electro­
chemical and spectroelectrochemical behavior of cyanoco-
balamin (B12), aquocobalamin (Bi2a), and dicyanocobala-
min (B12-CN). 

Experimental Section 

The electrochemical instrumentation was of conventional opera­
tional amplifier design.22 A Houston Instruments Model 2000 X-Y 
recorder was used to output the electrochemical data and a Cary 
14 spectrophotometer was employed to monitor optical changes 
during the course of spectroelectrochemical experiments.22 Digitec 
261 and Fluke 8000A digital voltmeters were employed to monitor 
applied potential and final current levels in the spectopotentiostatic 
experiments. In the experiments, the optically transparent thin 
layer electrode (OTTLE) which served as the working electrode 
was constructed according to established procedures using either 
nickel (333 lines/in., 57% transmittance) or gold (500 lines/in., 
60% transmittance) minigrids (Buckbee Mears Co., St. Paul, 
Minn.), microscope slides ( 1 X 3 in.) and 2 mil Fluorofilm DF-
1200 tape (Dilectrix Corp., Farmingdale, N.Y.).22 The prepara­
tion of the mercury coated nickel minigrid electrode used herein 
has been described previously.23 The exact thickness of each cell 
was spectrophotometrically calibrated using standard solutions of 
2,6-dichlorophenolindophenol or vitamin B12-CN. An average cell 
thickness of 0.017 cm was obtained. The three-electrode system 
also employed a platinum wire as the auxiliary electrode while a 
miniature SCE served as the reference electrode.23 Exhaustive 
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Figure 3. Potential-absorbance curves for the reduction (curve A) and 
oxidation (curve B) of 1.2 mM B]2 monitored at 475 nm: 1.0 M 
Na2SO4; 0.1 M NaNO3; pH 7.0; Hg-Ni minigrid; cell thickness, 0.017 
cm. 

coulometry and cyclic voltammetry were performed on the cobala-
min systems. The spectroelectrochemical experiments were carried 
out in the presence and absence of the electron transfer mediator, 
2,6-dichlorophenolindophenol (Fluka, Columbia Organic Chemi­
cals, Columbia, S.C.) in an effort to determine thermodynamic 
redox potentials of the various cobalamins and to crosscheck the 
thin layer electrochemical information.22 Crystalline cyanocobala-
min, vitamin Bu (Sigma Chemical Co., St. Louis, Mo.), was used 
without further purification and was used in the synthesis of aquo­
cobalamin (Bi2a)

13 and dicyanocobalamin (B12-CN).11 Alternate­
ly, Bi2 samples from Nutrional Biochemical were used in conjunc­
tion with the potentiostatic reduction method;13 Bi2a was also pur­
chased from Mann Research Laboratory and prepared from B12 
by a chemical synthesis involving borohydride reduction of B12.24 

All solutions were 1 X 10~3 M in the cobalamin species and 1.0 M 
in Na2SO4

20 and either 0.1 M NaNO3 or 0.1 M KCN was used as 
the supporting electrolyte as designated in the text. 

Results and Discussions 

Spectroelectrochemistry of the Cobalamin Systems. As 
changes in the valence of cobalt, the central metal ion of the 
cobalamins, are reflected by distinct changes in the visible 
absorption spectra, a coupling of electrochemical and spec­
troscopic measurements was performed to elucidate the 
redox behavior of the cobalamins. Spectroelectrochemical 
experiments were carried out using the optically franspar-
ent rhin /ayer electrochemical cells (OTTLE) in the pres­
ence and absence of the electron transfer mediator, 2,6-di­
chlorophenolindophenol.22 The cobalamin-containing 
OTTLE cells were potentiostated while the optical absorb­
ance of a peak of interest and current levels were moni­
tored. When both the absorbance stopped changing and the 
current levels had fallen to essentially zero (<0.1 11A), the 
spectrum of the solution in the OTTLE cell was recorded. 
Figure 1 shows how the spectra of a Bj2 solution varies as 
the applied potential is changed. Curve 1 of Figure 1 for 
which the Hg-Ni minigrid electrode was potentiostated at 
0.00 V is a typical spectrum for Bi2 (a cob(III)alamin) with 
characteristic peaks at 520 and 550 nm.24 The spectrum ob­
tained by potentiostating at -0 .600 V (curve 2, Figure 1) 
shows that the concentration of the cob(III)alamin is de­
creasing as seen by the decrease in the 520- and 550-nm 
peaks and the development of a new peak at 475 nm. This 
475-nm peak is typical of that reported for Bi2r, a cob-
(Il)alamin species.25 On potentiostating at -0 .660 V, the 
cobalamin is found to be almost completely converted to 
Bi2r (curve 3, Figure 1). On potentiostating at —1.0 V, the 
spectrum obtained matches that obtained by other work­
ers6 '24 for Bi2s, a cob(I)alamin species with a weakly ab-
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Figure 4. Potential-absorbance curves for the reduction (curve A) and 
oxidation (curve B) of 1.2 mM Bi2-CN monitored at 580 nm: 1.0 M 
Na2SO4; 0.1 M KCN; pH 10.4; Hg-Ni minigrid; cell thickness, 0.017 
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Figure 7. Potential-absorbance curves for the reduction (curve A) and 
oxidation (curve B) of 0.9 mM Bi2a monitored at 475 nm; 1.0 M 
Na2SO4, 0.1 M NaNO3, pH 7.0. Hg-Ni minigrid. Cell thickness, 
0.017 cm. 
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Figure 5. Potential-absorbance curves for the reduction (curve A) and 
oxidation (curve B) of 1.2 mM Bi2-CN monitored at 475 nm: 1.0 M 
Na2SO4; 0.1 M KCN; pH 10.4; Hg-Ni minigrid; cell thickness, 0.017 
cm. 
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Figure 6. Potential-absorbance curves for the reduction (curve A) and 
oxidation (curve B) of 0.9 mM Bj2a monitored at 530 nm: 1.0 M 
Na2SO4; 0.1 M NaNO3; pH 7.01; Hg-Ni minigrid; cell thickness, 
0.017 cm. 

sorbing broad peak at 560 nm and a tapered shoulder in the 
region of 460 nm. 

The quantitative change in the various peak absorbance 
values as a function of applied potential for Bi2, B12a , and 
B 12-CN are shown in Figures 2 through 9. Curve A of Fig­
ure 2 shows the effect of potential at a Hg-Ni minigrid 
electrotrode on the absorbance of the 550-nm peak of B n as 
it is reduced. The B]2 is totally reduced to a cob(II)alamin 

0.2 

Potential , Volti vs SCE 

Figure 8. Potential-absorbance curves for the reduction (curve A) and 
oxidation (curve B) of 0.9 mM Bj2a monitored at 525 nm: 1.0 M 
Na2SO4; 0.1 M NaNO3; pH 7.0; Au minigrid and 2,6-dichlorophenol-
indophenol; cell thickness, 0.021 cm. 
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Figure 9. Potential-absorbance curves for the reduction (curve A) and 
oxidation (curve B) of 0.9 mM Bi2a monitored at 475 nm: 1.0 M 
Na2SO4; 0.1 M NaNO3; pH 7.0; Au minigrid and 2,6-dichlorophenol-
indophenol; cell thickness, 0.021 cm. 

over a relatively narrow potential range (approximately 200 
mV) with an absorbance "half-wave potential" of about 
—0.63 V. The slight increase in the absorbance between 
—0.8 and —1.0 V is the result of the further reduction of 
cob(II)alamin to cob(I)alamin which would be expected, as 
Bi2s, a cob(I)alamin, exhibits a broad peak in the region of 
560 nm.25 The effect of potential on the absorbance at 550 
nm for the reoxidation of cyanocob(I)alamin is shown by 
curve B of Figure 2. The quantitative reoxidation of the 
cob(I)- to cob(II)alamin occurs over the same potential 
range (—1.0 to —0.8 V) as shown in Figure 2 and is coinci­
dent with the behavior observed in curves A and B of Figure 
3 (absorbance vs. potential curves for the 475-nm peak; the 
cob(II)alamin in the same potential region. However, the 
reoxidation of the cob(II)alamin to B12 occurs only when 
the potentials are 400 mV positive to those of the reduction 
potentials as can be seen from the hysteresis in curves A 
and B of both Figures 2 and 3 in the —0.1 to —0.7 V range. 
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A shorter potential scan, -1.0 to -0.8 V, OTTLE experi­
ment with th*e same conditions as Figure 3 (going only to 
the cob(II)amin) showed the exact same hysteresis. It is im­
portant to note that Bn appears to be completely regenerat­
ed as the optical absorbance eventually returns to its initial 
value (seen in Figure 2). Figure 3, however, appears to be 
contradictory with respect to the reoxidation part of the 
above explanation. If the 475-nm peak, corresponding to 
cob(II)alamin formation, is to be used as an accurate indi­
cator of cob(I)-, cob(II)-, or various cob(III)alamin species 
being present, then it would seem .hat in addition to re­
forming Bn, another cob(III)alarr n may also have been 
formed. Spectral data obtained on ie subsequent reduction 
of the cobalamin formed following the reoxidation of Bn 
(curve B, Figure 3), indicates a slight rise in the initial por­
tion of the cobalamin absorbance-potential wave (moni­
tored by the development of the 475-nm peak). The magni­
tude of this absorbance-potential rise remains constant as 
the cobalamin is recycled potentiostatically. The initial rise 
does not become an appreciable portion of the Bn absorb­
ance-potential curve during the potentiostatic cycling pro­
cess, but does resemble the behavior of Bn3 shown in curve 
A of Figure 7. 

The same set of experiments was performed for Bn-CN 
at a Hg-Ni electrode. As can be seen from Figures 4 and 5 
dicyanocobalamin behaves quite similarly to Bn, the only 
difference being the potential region where Bn-CN reox­
idation occurs. The hysteresis in the dicyanocobalamin re­
oxidation is significantly less than for Bn (only about 180 
mV difference in the half-absorbance potentials for Bn-CN 
reduction and reoxidation curves in Figures 4 and 5). 

Vitamin Bna was also investigated at a Hg-Ni electrode 
in a similar set of experiments. Curves A of Figure 6 (the 
530-nm peak) and Figure 7 (the 475-nm peak) show that 
Bna undergoes an unusual two-step process, as illustrated 
by the breaks at about -0.06 and -0.65 V, before complete 
conversion to a cob(II)alamin species. Curve A of Figures 6 
and 7 shows that the cob(II)alamin is then reduced to 
cob(I)alamin as the potential increases from —0.8 to —1.0 
V. On reoxidation, curve B of Figure 7, the cob(I)alamin is 
reversibly reoxidized to cob(II)alamin over the same poten­
tial range as in the negative scan. However, the B curves in 
both Figures 6 and 7 indicate that the reoxidation which 
corresponds to a quantitative regeneration of Bn3 from the 
cob(II)alamin species is a single step process which oddly 
occurs at a potential negative to the first reduction step (ca. 
-5OmV). 

To check the unique spectroelectrochemical properties of 
Bn3, other samples of B^ 3 from different sources and prep­
arations were examined, and, also, the electrochemical 
preparation was 'recycled a nurrfber of times. The spectro­
electrochemical behavior at a particular wavelength for 
Bi2a from the various preparations gave spectropotentiosta-
tic curves (OTTLEgrams) identical with those presented 
herein. Also, spectropotentiostatic cycling of Bna gave re­
producible sets of curves. It is interesting that the absorb­
ance-potential waves for Bi2a in the OTTLE experiments 
do not correspond to any peaks in the cyclic voltammogram 
of Bna at the same electrode (see Figure 12). However, the 
three absorbance-potential "waves" for the reduction of 
B na do correlate reasonably well with the three waves ob­
served in the previously reported polarography of Bna-6'7,13 

To understand the unusual two-step process in the reduc­
tion of Bna to a cob(II)alamin species and to determine if 
the electrode itself is playing a role in the electron transfer 
kinetics, the mediator 2,6-dichlorophenolindophenol was 
used in conjunction with the Au minigrid electrode.22 The 
mediator functions as the primary electron transfer agent 
between the electrode and a redox system that has very slow 

heterogeneous electron transfer rates. Thus, the mediator 
accelerates the overall electrochemical reaction of the sys­
tem of interest. The choice of this mediator was determined 
by the potential region of interest in this case (+0.2 to -0.2 
V vs. SCE). The Au minigrid electrode was used to elimi­
nate the possibility of oxidation of the working electrode 
material in this potential region and because the cyclic volt-
ammograms of B12a exhibited a more well-defined wave at 
an intermediate potential, and Bna appeared to be less 
strongly adsorbed on the Au electrode. The absorbance 
changes of the 525-nm (Bna) and 475-nm (Bnr) bands as a 
function of the applied potential are shown in Figures 8 and 
9, respectively. Curve A of Figure 8 shows only one "wave" 
with a half-absorbance potential of -0.15 V in the +0.2 to 
—0.6 V potential region scanned. From curve B of Figure 8 
it can be seen that the produced Bnr is totally reoxidized to 
Bna with little hysteresis (half-absorbance potential of 
about —0.09 V for the reoxidation) in the process. The 
changes in the 475-nm absorbance peak (Figure 9) again 
indicate only one "wave" for the generation and subsequent 
reoxidation of the Bnr with half-absorbance potentials 
which correspond favorably to those of the Bna "waves" in 
Figure 8. Thus, the mediator-Au electrode system reflects a 
more typical redox behavior as it eliminates the unusual 
hysteresis effect where the reoxidation of Bn3 from Bnr oc­
curred at potentials negative to the initial reduction process 
(see Figures 6 and 7). However, an examination of the mag­
nitude of the absorbance change of both the 525- and 475-
nm peaks shows that it is exactly the same as that for the 
first absorbance waves for the Hg-Ni electrode—no media­
tor system (see Figures 6 and 7), indicating that even with 
the mediator the Bna is only partially reduced at the low 
negative potentials. The total spectrum of the solution po-
tentiostated at —0.6 V also indicates that part of the Bna 
(approximately 35%) is unreacted. The same result was also 
obtained from the «-value studies (Table III) at both the 
Hg-Ni and Au minigrid electrodes. Thus, the unusual two 
potential processes necessary to totally reduce Bna appear 
to be independent of both working electrode material and 
mediator participation. Neither the spectra for Bn or Bn-
CN showed any significant reduction employing Au mini-
grid-mediator system. No satisfactory mediator with the 
necessary optical and potential characteristics to explore 
the —0.6 to —1.0 V potential absorbance behavior at a 
Hg-Ni minigrid electrode has been found to date. 

The half-absorbance potentials for the cobalamin species 
illustrated in Figures 2 through 9 are presented in Table I. 

Cyclic Voltammetric Behavior of Cobalamins. Typical cy­
clic voltammograms of Bn and Bn-CN in a thin layer cell 
at mercury coated nickel (Hg-Ni) and at Au minigrid elec­
trodes are shown in Figures 10 and 11, respectively. These 
cyclic voltammograms are quite complex and nonideal with 
respect to peak shape. The poorly defined waves appear to 
be caused by both slow electron transfer kinetics and irre­
versible chemical steps in the redox mechanism associated 
with each peak. The situation is further complicated by the 
strong adsorption of both reactants and products.20 How­
ever, based on previous studies17,20 it is at least qualitatively 
possible to assign peaks to certain redox processes. Curve A 
of Figure 10 illustrates the cyclic voltammetric behavior of 
cyanocobalamin at a Hg-Ni OTTLE. The reduction in the 
region of —0.95 V corresponds to a two-electron reduction 
of Bi2 + 2e- -^ B,2s[Co(III) + 2e~ — Co(I)].17"20 Simi­
larly, the anodic peak at —0.85 V on scan reversal is attrib­
utable to the process Bns — Ie - -*• Bm-[Co(I) — Ie - -* 
Co(II)].1720 An electrochemical study of supporting elec­
trolyte containing a millimolar amount of cyanide has re­
vealed that the anodic peaks in the regions of —0.3 and 0.0 
V correspond to the redox peaks of the mercury cyanide 
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Table I. Half-Absorbance Potentials" 

Working 
electrodes system Cobalamin 

(OTTLE) species 

Monitor­
ed 

Reduction Oxidation wavelength 
mV vs. SCE mV vs. SCE (nm) 

Hg-Ni 

Hg-Ni 

Hg-Ni 
Hg-Ni 

Hg-Ni 

Hg-Ni 

Au + mediator 
Au + mediator 
Au + mediator 
Au + mediator 

B12*-" 

B 1 2 ^ 

Bi2-CN*'' 
Bi2-CN*'' 

B 1 2 3 " 

B12.*-" 

B 1 2 " 
B12-CN''' 
B 1 2 2 " 
B12.*-' 

-625 
(-875) 
-625 
-875 
-850 
-825 
-910 
-60 

-635 
(-825) 

-75 
-634 
-880 

... 
— 

-155 
-140 

-180 
(-880) 
-185 
-875 
-690 
-689 
-910 

-188 
(-825) 

-176 
-878 
— 
... 
-93 

-110 

550 

475 

580 
475 

530 

475 

525 
475 

" The cobalamin concentration is 1 mM. It should be pointed 
out that no relationship between the half-absorbance potentials 
and the reversible potentials for these species exists at this time. 
* Supporting electrolyte = 1.0 M Na2SO4. « Supporting electro­
lyte = 0.1 M KCN. d Supporting electrolyte = 0.1 M NaNO3. 

complex. Mercury cyanide peaks are particularly evident 
when B 12-CN was studied, as the supporting electrolyte 
(1.0 M Na2SO4) was also 0.1 M in KCN. Though it is not 
shown on this particular curve (curve A of Figure 10), a ca-
thodic peak does occur in the region of 0.2 V vs. SCE which 
has been assumed to correspond to Bi2r

 — I e - ~•* 
Bi2[Co(II) - I e - —• Co(III)].19 '20 Subsequent cycling of 
Bi2 exhibits a new cathodic peak around —0.3 V corre­
sponding to that observed for Bj2-CN and is attributed to 
the reduction of the mercury cyanide complex.27'28 Thus, 
the cyclic voltammogram for Bi2-CN resembles that of Bj2 

except for the more pronounced mercury cyanide 
waves.29'30 The electrochemical behavior of cyano- and di-
cyanocobalamin at an Au minigrid electrode is shown in 
Figure 11. The behavior of Bj2 and Bi2-CN at an Au mini-
grid electrode is similar to their behavior at the Hg-Ni 
minigrid electrode. 

When background cyclic voltammograms at the Au 
OTTLE were run on the supporting electrolyte solution 
containing millimolar amounts of KCN, no redox peaks 
were observed. The identity of the peaks in the region from 
—0.2 to —0.4 V is uncertain and may be evidence of an elec­
tron transfer to an adsorbed cobalamin species. These peaks 
were investigated by potential step methods and will be dis­
cussed in the section concerning «-value determination. 

The cyclic voltammograms for Bi2a at Hg-Ni and Au 
minigrid electrodes are presented in Figures 12 and 13, re­
spectively. Again it is possible to assign the reduction peak 
occurring at about -0 .95 V to the process Bi2a + 2e~ - • 
Bi2s[Co(III) + 2e _ —» Co(I)]. The reoxidation peak occur­
ring in the region of —0.8 V appears to correspond to the re­
action of Bi2S

 — I e - —* Bi2r while the peak in the region of 
0.15 V may correspond to the reaction Bi2r — I e - —• B ] 2 a ; 
similar correlations are possible for the Au minigrid system. 
Questions now arise as to the identity of the peaks at —0.3 
V (oxidation) and 0.2 V (reduction). The reduction peak 
occurring at 0.2 V is characteristic of the supporting elec­
trolyte (1 M Na2SO4) Hg-Ni electrode and in some cases 
is obscured by the cobalamin electrochemistry. The identity 
of the —0.25 V peak remains uncertain. As the Bj2 a was 
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Figure 10. Thin layer cyclic voltammograms of 1 mM solutions of cya-
nocobalamin, Bu (curve A), and dicyanocobalamin, Bi2-CN (curve 
B), at the Hg-Ni minigrid electrode: scan rate 2 mV s_1; initial scan, 
negative: (A) B,2, 1.0 M Na2SO4, 0.1 M NaNO3, pH 7.0; (B) B12-
CN, 1.0 M Na2SO4, 0.1 M KCN, pH 10.4. 

Ps2 0 -0.2 -0,4 -0,6 
Potential . VoItB vs SCE 

Figure 11. Thin layer cyclic voltammogram of 1 mM solutions of Bi2 
(curve A) and Bi2-CN (curve B) at the Au minigrid electrode: scan 
rate 2 mV s_1; initial scan, negative: (A) Bi2, 1.0 M Na2SO4, 0.1 M 
NaNO3, pH 7.0; (B) Bn-CN, 1.0 M Na2SO4, 0.1 M KCN, pH 10.4. 

0 - 0 , 3 

Potential . Volts 

Figure 12. Thin layer cyclic voltammograms of 0.9 mM solutions of 
aquocobalamin, Bj2a, at the Hg-Ni minigrid electrode: 1.0 M Na2SO4; 
0.1 M NaNO3; pH is 7.0; scan rate 2 mV s_1; initial scan, negative. 

synthesized from Bi2 itself, the first inclination is to attrib­
ute this anodic peak to the formation of a mercury(II) cya­
nide complex as the potential range is similar to that ob­
served in Figure 10 for mercury(II) cyanide formation. The 
cyanide would come from unconverted Bi2 starting material 
if the synthesis was incomplete. However, for a number of 
reasons discussed below no cyanide is thought to be present 
in the Bi2a solutions. On a repeated scan of the Bi2a solu­
tion the mercury cyanide reduction peak is not observed. 
Furthermore, Bi2a samples prepared by various other routes 
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Table II. n- Value Results 

O -0.J -04 -0.6 
Potential . Vottt Vt SCE 

Figure 13. Thin layer cyclic voltammograms of 0.9 mM solutions of 
aquocobalamin, Bi2a. at the Au minigrid electrode: 1.0 M Na2SO4; 0.1 
M NaNC>3; pH is 7.0; scan rate 2 mV s_1; initial scan, negative. 

Figure 14. Charge-time curve for the application of a potential step 
from 0.000 to -0.970 to +0.100 V vs. SCE at a Hg-Ni OTTLE: (A) 
background, 1.0 M Na2SO4, 0.1 M NaNO3; (B) B12, 0.6 mM B12, 1.0 
MNa2SO4, 0.1 MNaNO3. 

(chemical, electrochemical, and microbial syntheses, as de­
scribed in the experimental section) were studied, and in all 
cases the peak at about —0.25 V was present. It seems un­
likely that a common cyanide impurity of the same concen­
tration would be present in the diversely prepared samples. 
Also, cyclic voltammograms were obtained for the Bi2a at a 
HMDE (hanging mercury drop electrode) with no indica­
tion of any peak in the region —0.25 to 0.3 V. This leads one 
to speculate that perhaps this —0.25 V unique redox process 
may be occurring between the base-off cob(I) or cob-
(Il)alamin species and the Hg-Ni surface. Such an interac­
tion for base-off cobalamins, with transition metals and 
transition metal complexes, is well documented in the liter­
ature.31 

n-Value Determination. Controlled potential coulometry 
with a thin layer minigrid electrode system22'23 was used to 
determine the number of elctrons («-value) for various 
waves found in the cyclic voltammograms of each of the co­
balamins. A typical charge vs. time curve for B n is shown 
in Figure 14. It was necessary to extrapolate the final slop­
ing portion of the Q-t curve back to t = 0 to correct for 
edge effects inherent in the thin layer cell system.32 The 
method for correction and calculation of «-values for charg­
ing and residual current by repeating the experiment on the 
supporting electrolyte has been described previously.23 The 
n values, as well as the initial and final values of the applied 
potential steps, are shown in Table II. For the three cob-
(IH)alamin systems using the Hg-Ni minigrid electrode, 
only one reduction wave is observed in the —1.0 V vs. SCE 
potential region (see Figures 10 through 13) and the n value 
obtained in each case from the Q vs. t data was effectively 
two (2) yielding a cob(I)alamin product in each case which 
confirms polarographic and other previously reported re­
sults.2-20 As expected, the background breakdown potential 

Minigrid 
working 
electrode 
system 

Hg-Ni 

Au 

Hg-Ni 

Au 

Potential step region 
mV vs. SCE Species 

Reduction Coulometry 
0 to -970 

0 to -500 
+300 to -400 
+ 100 to-1000 
+300 to -600 

Bl2 a ' C 

B12-CN"'* 
Bl2aa '< 
B 1 2 ^ 
B12-CN"'* 
Bi2-CN"'* 
Bl2a"'C 

Oxidation Coulometry 
-970 to+100 

-500 to 0 
-400 to+300 

-1000 to+100 
-600 to +300 

B,2"'c 

B12-CN"'* 
Bl2a 
B i 2 " ' c 

Bi2-CN"* 
Bi2-CN"'* 
Bl2a"'c 

No. of 
electrons = n 

1.90 
2.00 
1.96 
0.013 
0.126 
1.37 
0.65 

2.14 
0.51 
0.38 
0.013 
0.125 
1.40 
0.65 

" Supporting electrolyte = 1.0 M Na2SO4. * Supporting electro­
lyte = 0.1 M KCN.c Supporting electrolyte = 0.1 M NaNO3. The 
cobalamin concentration is 1 mM. 

shifts positive on the Au minigrid electrode and overlaps the 
Co(III)-Co(I) wave observed on the Hg-Ni electrode. On 
Au electrodes, B12 and B12-CN exhibit a small prewave at 
—0.3 V and a broad irreversible appearing wave at about 
—0.8 V. The B)2a exhibits a single very broad poorly de­
fined wave with a peak potential at about —0.5 V. Potential 
step experiments with B12-CN gave fractional n values re­
gardless of the magnitude of the first applied potential, the 
meaning of which could not be interpreted from the electro­
chemical data. The n value for Bi2a on a potential step to 
—0.6 V also yielded a fractional value of about 0.65. It has 
been previously reported by some workers that only B 12a 
can be coulometrically reduced to Bnr (cob(II)alamin) in a 
one-electron step at a mercury electrode at intermediate po­
tentials.6,11 At a Hg-Ni minigrid, the three cob(III)alamins 
were coulometrically reduced to cob(I)alamin at —0.97 V 
and the potential was stepped to +0.1 V and the Q vs. t 
curves were recorded. Only in the B12 case was a reoxida-
tion n value equal to 2 found which indicates a virtually 
quantitative reoxidation to B12. Fractional n values ob­
tained for Bi2a and B12-CN derived cob(I)alamins indicates 
that only part of these cob(III)alamins are regenerated even 
at positive potentials. However, these reoxidation n values 
are difficult to interpret as complicating effects arise from 
the interfering mercury(II) cyanide species which form in 
some cases.26,27 At the Au minigrid electrodes only part of 
the cob(III)alamins are reduced as explained above; how­
ever, it appears from the reoxidation n values that the frac­
tion reduced is quantitatively regenerated at positive poten­
tials. The ability of the base-off cobalamin to form com­
plexes with metal ions also obscures the issue.30 

Further n-value information was obtained by fixed wave­
length optical monitoring techniques coupled with con­
trolled potential coulometry to determine n values for ap­
propriate redox processes involving vitamin B12. As men­
tioned previously B12 was chosen for this investigation as 
earlier studies had suggested that Bi2 underwent only a sin­
gle two-electron reduction step.2-14 The monitoring wave­
length of 475 nm was chosen as this peak is indicative of the 
presence (or absence) of a cob(II)alamin. Monitoring this 
wavelength, while coulometrically the number of electrons 
transferred to the cobalamin in the process is measured, 
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Table III. Spectropotential Step /!-Values for Bn 

Working 
electrode 
system 

(OTTLE) 

Hg-Ni 

Potential 
From 

Rest 
-0.755 

Rest 
-0.755 
-1.000 
-0.755 

step V vs. SCE 
To 

-0.755 
0.200 

-0.755 
-1.000 
-0.755 

0.200 

Monitored 
wavelength 

(nm) 

475 
475 
475 
475 
475 
475 

No. of 
electrons 

0.98 
a 

0.99 
0.93 
1.04 
a 

a Catalytic process, n > 2. 

yields the n value for each step of the mechanism. Table III 
summarizes the results of this spectroelectrochemical study. 
It is evident from the growth and decay of the 475-nm peak 
that a one-electron reduction does occur at intermediate po­
tentials and that this species can undergo a further one-
electron transfer to form cob(I)alamin. The n value in this 
case cannot be determined directly because of interference 
from background. This cob(I)alamin is readily reoxidized 
to a cob(II)alamin; n value equals one. Existing experimen­
tal conditions again did not allow/or an accurate determi­
nation of the n value for the reoxidation to a cob(III)alam-
in. 

Conclusions 

The results described above show that, in spite of the fact 
that the electrokinetic data are very complicated, unusual, 
and virtually impossible to interpret mechanistically, the 
optical monitoring of the solution composition using the 
OTTLE technique gives a good picture of the net or overall 
redox reactions that take place. 

The first observation of significance is that all three 
cob(III)alamins (Bi2, Bi2-CN, and Bi2a) undergo a quanti­
tative one-electron reduction to either the same or similar 
cob(II)alamin (Bi2r) species at intermediate potentials in 
the 0.0 to —0.8 V range. Previous electrochemical studies 
by other groups had claimed that only Bi2a could be re­
duced to B ] 2 r at intermediate potentials.6-" As the polaro-
graphic and cyclic voltammetric studies did not indicate 
any discernible waves in this potential range for B12 or B12-
CN, it appears that no one had, therefore, attempted coulo-
metric reductions at such potentials. However, the OTTLE 
results clearly show that the one-electron reaction is com­
mon to all the species but that in the case of Bi2 and B12-
CN the kinetics of the reaction is unusually slow even with 
respect to the slow scan rates employed in polarography and 
the cyclic voltammetry reported here. These one-electron 
processes for B1 2 and Bi2-CN show up only during point-
by-point potentiostatic OTTLE techniques. The reason for 
the extremely slow kinetics of this one-electron reaction has 
not been elucidated at this time. The electron transfer rate 
is fast enough for waves to be observed polarographically or 
with cyclic voltammetry only in the Bi2a case. Under the 
same conditions the further reduction of all the cobalamin 
systems from the Co(II) to Co(I) oxidation state was quan­
titative and "reversible". The apparent hysteresis involving 
Co(II) to Co(III) cobalamins is not presently well under­
stood but may result from chemical reactions involved in 
the mechanism. 

It is interesting to note that Bi2-CN is totally re-formed 
(shown in curve B, Figure 5) while cyanocob(I)alamin does 
not completely reoxidize to Bi2. This suggests that B ) 2 and 
Bi2-CN may reoxidize by separate pathways. Because of 
the magnitude of the irreversibility of the Bi2 redox couple 
and also the fact that Bi 2 is not totally re-formed (some 

Bi2a appears to be a minor reoxidation product), it is 
thought that on electrochemical reoxidation that B1 2 a is the 
initial product formed and that Bj2 subsequently forms on a 
ligand exchange reaction involving the cyanide in solution 
(initially released into the solution phase during the reduc­
tion of Bi2 to B ] 2 r , as shown by the fact that a -0 .1 to - 0 . 8 
V OTTLE experiment (cob(III)amin •*-»• cob(II)alamin) 
with vitamin Bi2 shows the same large irreversibility indi­
cating that the C N - is lost in the first reduction step). This 
ligand exchange reaction of Bi2a with C N - has been shown 
to be very fast.33 However, the net rate is slow because of 
the dilute solutions employed. The complete regeneration of 
B J 2 is not possible as some C N - is lost, probably through 
the formation of stable mercury(II) cyanide complex­
es.2 7 - 2 9 It was noted that the percent recovery increased on 
addition of excess cyanide which is consistent with this in­
terpretation. With respect to Bi2-CN, the final product is 
formed directly upon reoxidation or the follow-up ligand ex­
change reaction between the concentrated cyanide solution 
and the Bi2a, formed by the loss of one electron from B12r 

(with water molecules in the axial positions34), is very fast. 

At this time it is impossible to distinguish between these 
two mechanisms for the reoxidation of B12-CN. However, it 
should be noted that the B ] 2 r spectra (as indicated by the 
475-nm peak) in both B12 and Bj2-CN reactions are virtu­
ally identical. 

Perhaps the most unusual and difficult to understand re­
sult is the observation of two different potential-absorbanae 
"waves" for the reduction of B12a to a cob(II)alamin. The 
OTTLE spectra and the apparent n-value data indicate that 
B12a converts to B,2 r (about 65%) at potentials around 
-0 .05 V at both the Hg-Ni and Au electrodes while it is 
necessary to raise the potential to greater than - 0 . 6 V 
where the second wave corresponding to the reduction of 
the remaining 35% of the Bi2a is observed. The most ob­
vious conclusion that fits the data qualitatively is that the 
B12a employed in these experiments was impure and con­
tained about 35% of B12 itself (B1 2 a was prepared from 
Bi2).13 However, as pointed out above, we found that all 
batches of B12a gave the same results which again would not 
be expected to remain constant if the various synthesis 
routes yielded only partial conversion. Also the spectral and 
polarographic properties do not suggest that any apprecia­
ble concentration of B)2 remain unconverted and also are 
identical with the spectra and polarographic properties of 
vitamin B1 2 a produced by the totally different procedures. 

Furthermore, there is considerable other indirect evi­
dence that there is no significant unconverted B12 in the 
B1 2 a samples. Note first of all that there is no - 0 . 6 V po­
larographic wave for Bi2 that corresponds to the wave for 
this second B]2 a species. (It is interesting to note that previ­
ous polarographic studies had referred to the wave at - 0 . 6 
V as an impurity.)11 '35 Although the cyclic voltammogram 
for B ] 2 a shown in Figure 12 does exhibit an anodic peak at 
—0.28 V which could be indicative of Hg oxidation in the 
presence of a complexing ligand, this wave is about 50 mV 
positive to the peak corresponding to mercury-cyanide for­
mation in the Bj2 cyclic voltammogram and there is no cor­
responding mercury cyanide reduction peak on a subse­
quent cathodic sweep of Bi2a as is always the case for sub­
sequent cathodic sweeps of B12 itself. Finally high pressure 
liquid chromatography (using a mixture of either 80% iso-
propyl alcohol and 20% water, or 65% methanol and 35% 
water, at 2000 psi on an Aminex A-4 column, with detector 
wavelength set at A 360 nm) on Bi2a has exhibited two 
closely spaced yet distinct peaks both with retention times 
that are different than Bj2 . Also, a thin layer chromato­
graphic comparison of B ! 2 and B]2 a using a 65% methanol 
and 35% water solvent system has shown that Bi2 and B1 2 a 
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have relative fronts, though no separation of Bi2a itself was 
observed. It is felt that ring structure differences would not 
account for the two unique Bi2a species, as the Bi2a pre­
pared from three techniques (potentiostatic, biological and 
chemical) would not give identical 65/35 ratio of concen­
trations. Moreover, it is hard to understand how two differ­
ent rings, which would be expected to be common to all co-
balamins, exhibit drastic reduction potential differences for 
Bi2a and not for B ^ or B12-CN. Thus, it is attractive to 
speculate that the two species represent differences in axial 
ligand configuration. The simplest answer would be that 
one of the B 12a species contains water molecules in the X 
and Y positions (the "base-off form) while the other is in 
the configuration with one water in the X position and the 
5,6-dimethylbenzimidazole in the Y position (the "base-on" 
form). The spectroelectrochemical data clearly demonstrate 
that the two Bi2a species are not in equilibrium. However, 
Thusius has shown that the X position of Bi2a is very labile 
(rate constants of about 170-2300 M s - 1)-3 2 However, no 
measurements have been made on the Y-position benzimid-
azole-H20 exchange rates.36 It is possible that this ex­
change could be very slow. The fact that the diaquocob-
(Ill)inamide (having no benzimidazole attached to the cor-
rin ring side chain) is difficult to reduce (£1/2 — —0.7 V)36 

is consistent but not proof of the "base-on"-"base-off ex­
planation. This fact suggests that the "base-on" aquocob-
(Ill)alamin form has a configuration favorable to reduction 
(the -0 .15 V wave) and the "base-off form which would 
closely correspond to a diaquocob(III)inamide configura­
tion is difficult to reduce ( -0 .6 V wave).36 The cob-
(Ill)alamin reduction product, Bi2r, has already been 
shown to exist as two forms (also speculated to be "base on" 
and "base o f f forms) in a previous study on the oxidation 
of cob(I)alamins.37 This cob(II)alamin would be expected 
to exist at equilibrium in the time frame of the OTTLE ex­
periment as Co(II) species are generally labile.38 If this 
equilibrium is rapid, one would anticipate a single reoxida-
tion absorbance-potential wave which is observed. How­
ever, it would be expected that the absorbance half-wave 
potential would occur at the —0.6 V range where the diffi­
cult to reduce and hence more easily oxidized form would 
lose an electron. The reoxidation occurs at —0.15 V and it 
was found that all subsequent OTTLE reductions still ex­
hibited the same 65/35 ratio of the two Bn 3 forms. Thus, 
one is forced to argue from the OTTLE data that the equi­
librium between the two Bi2r forms is slow compared to the 
oxidation electron transfer rates and that the oxidation po­
tentials of the two Bnr species are identical. Hence, on oxi­
dation the two Bi2r species are trapped as the two inert B^a 
forms. Based on this reasoning, it is speculated that the 
qualitative reaction sequence for the redox mechanism of 
Scheme I 

H2O H2O 

Co3 + 

LJ-H^o 
Co2+ 

H2O 

^ 
H2O 

H2O H2O 

Co+ 

H2O 

Co3+ 

LJ 

Co2+ 

U 

the aquocobalamin system follows the path indicated in 
Scheme I. 

The cob(II)alamin-cob(I)alamin redox mechanism was 
observed to be reversible with respect to the potentiostatic 
OTTLE experiment. Thus, if two Bnr species exist, they ei­
ther have the same reduction potential or the homogeneous 
equilibrium must be relatively fast compared to the reduc­
tion electron transfer rates. Thus the interpretation of the 
redox and equilibrium behavior of Bi2r and B12/ using a 
"base-on" and "base-off model appears contradictory. 
However, as no diffusion model has been devised for the 
OTTLE system, it is impossible to make any studies of ki­
netic parameters at this time. 

It is obvious that there are many unanswered questions 
concerning rates of the microscopic processes involved in 
the redox chemistry of cobalamin complexes. However, the 
macroscopic resultant effect of electrode potential on solu­
tion composition is now well defined. With this basic overall 
mechanistic information, a more comprehensive study of 
the electrode kinetics and time resolved spectral studies on 
potential step experiments on these and other cobalamins 
under variable conditions of pH, supporting electrolyte, and 
electrode material may elucidate all the steps in the overall 
mechanism. 
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In 1963, Vaska reported that fra/w-[Ir(PPh3)2(CO)Cl] 
reacts reversibly with dioxygen to give a 1:1 adduct com­
plex.1 The subsequent crystal structure determination 
showed the dioxygen to be side-bonded to the metal, the 
IrO2 unit forming an isosceles triangle.2 Similar dioxygen 
adducts have since been prepared with many other central 
metal ions.3-5 Although the formation of such adducts is 
generally thought to involve oxidation of the central metal,5 

little detailed electronic structural information is available 
that bears on the point. For example, there have been very 
few attempts to analyze in any depth the electronic spectra 
of side-bonded dioxygen complexes. 

The investigations outlined in this paper were prompted 
by the report6 of a side-bonded dioxygen adduct of 
[Co(2=phos)2]+ , where 2=phos is m-l,2-bis(diphenyl-
phosphino)ethylene. We have found that it is possible to 
prepare an extensive series of complexes of the type[Co-
(2=phos)2X2]+ , whereas all the 2—phos (l,2-bis(diphenyl-
phosphino)ethane) analogues appear to be unstable. The 
chemistry of these 2=phos complexes has proved to include 
some surprising redox instability patterns, which we have 
attempted to analyze. We also have interpreted the elec­
tronic spectroscopic properties of [Co(2=phos)2X2]+ by 
reference to other Co(III) complexes and to Rh(III) ana­
logues. The spectrum of [Co(2=phos)2C>2]+ has been ex­
amined with particular care, as it contains information 
about the electronic structure of the CoO 2

+ unit. In addi­
tion, we have attempted to correlate the electronic spectro-

(33) D. Thusius, J. Am. Chem. Soc., 93, 2629 (1971). 
(34) T. M. Kenyhercz, A. M. Yacynych, and H. B. Mark, Jr., submitted to J. 
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1967, p 144. 

scopic properties of [Co(2=phos) 202]+ with those of the 
corresponding rhodium and iridium complexes. 

Experimental Section 
The phosphine ligands were obtained from Pressure Chemical 

Co. and were used as received. All other reagents and solvents were 
at least analytical reagent grade. The compounds Co(2—phos)2X2 
(X - = Cl - , Br -) were prepared by the method of Horrocks et al.7 

The compounds Co(2=phos)2X2-CoX2 (X - = Cl - , Br-, I -) were 
prepared by the same procedure. The formulation given for the lat­
ter complexes is based on elemental analyses, which, assuming the 
stoichiometry Co(2=phos)2X2-«CoX2, consistently gave n = 
0.9-1.2. (Example analysis: Calcd for Co(2=phos)2Cl2-CoCl2: C, 
59.34; H, 4.22; Cl, 13.47; Co, 11.2. Found: C, 58.67; H, 3.69; Cl, 
13.11; Co, 12.9.) The compounds presumably are [Co2X6]2- salts 
of [Co(2=phos)2X]+. 

[Co(2=phos)2](C104)2. A solution of 0.75 g of Co(C104)2-6H20 
in 15 ml of acetone was added under nitrogen to a solution of 0.65 
g of 2=phos in 30 ml of acetone. The solution turned orange, and 
a yellow product began to form. After storage at 10° for 1 h, the 
solution was filtered under nitrogen. The bright-yellow crystalline 
product was washed with methanol and ether. It is indefinitely sta­
ble in air when dry. Anal. Calcd for [Co(2=phos)2](C104)2: C, 
59.22; H, 4.59; P, 11.75. Found: C, 58.62; H, 4.28; P, 11.72. 

[Co(2=phos)2](BF4)2 was prepared similarly, from Co(BF4)2-
6H2O, and obtained as yellow crystals. Anal. Calcd for [Co(2= 
phos)2](BF4)2: C, 60.91; H, 4.33. Found: C, 60.81; H, 4.33. 

[Co(I=PhOs)2Cl2]ClO4. Chlorine gas was bubbled through a so­
lution of Co(2=phos)2Cl2-CoCl2 (0.5 g) in 25 ml of CH2Cl2, in 
the dark. A green solid began to form almost immediately. After 
15 min, the solution was flushed with nitrogen briefly to remove 
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Abstract: The cobalt(III) complexes [Co(2=phos)2X2]C104 (X - = Cl - , Br-, NCO - , N 3
- , NCS -), where 2=phos is cis-

l,2-bis(diphenylphosphino)ethylene, have been prepared. The infrared and electronic spectral properties of these complexes 
are consistent with an assignment of trans stereochemistry. The corresponding cobalt(III) complexes of 2—phos(l,2-bis(di-
phenylphosphino)ethane) are extremely unstable. Furthermore, several reactions of the [Co(2=phos)2X2]+ complexes give 
unexpected products; thus, reaction with NO 2

- yields [Co(2=phos)(NO)2]+. Variations in the stabilities of the complexes 
of 2=phos and 2—phos apparently are related to differences in nonbonding interactions of phenyl groups with the axial li­
gands. Special attention has been paid to the formulation of the electronic structures of [Co(2=phos)202]+ and related rho­
dium and iridium complexes. The PF6- salt of [Co(2=phos)202]+ exhibits electronic absorption bands at 21.6 (« 1170), 26 
U 1200), and 31.4 (« 24 500) kK at 77 K in a 12:1 EPA-CHCl3 glass. As the spectrum is strikingly similar to that of the 
analogous Co(III)-carbonato complex, [Co(2=phos)2C03]+, assignment of the 21.6 and 26 kK bands to the two spin-al­
lowed d-d transitions (1Ai -» 1Ti, 1T2) expected for a [Co l nP4(022-)]+ ground state is indicated. The intense band at 31.4 
kK is attributed to an allowed <r(P) —• da*(Co) charge transfer transition. The electronic spectrum of [Ir(2=phos)202] + is 
also reported. The lowest energy feature, a broad shoulder in the 33-34-kK region, is attributed to 1Ai —* 1Ti in an [Ir111-
P4(O2

2-)I+ center. 
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