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equatorial-equatorial OC-Co-CO angles of 105° in the 
two Co(CO)3 groups of [SCo3(CO)7]2S2 and of 101° 
in SCo3(CO)9; the average equatorial-axial S-CoA-CO 
angle of 96° is comparable to the identical average 
equatorial-axial OC-CoA-CO and OC-CoB-CO angles 
of 100° in [SCo3(CO)7]2S2 and to the corresponding 
average equatorial-axial OC-Co-CO angle of 101° 
in SCo3(CO)9. 

The salient structural difference between [SCo3-
(CO)7J2S2 and SCo3(CO)9 is that the average value of 
2.64 A for the three equivalent Co-Co bond lengths in 
SCo3(CO)9 is more than 0.1 A longer than either of the 
average values of 2.47 and 2.53 A for two sets of Co-Co 
bonds in [SCo3(CO)7J2S2, whereas the average Co-Sap 

bond lengths are identical for the two compounds. 
Clearly, this difference in Co-Co bond lengths must 
be a consequence of the effect of the disulfide bridge in 

The objective of the present series of studies is to 
clarify the formation process of and interrelations 

between various peroxo-dicobalt complexes. The pres­
ent paper is particularly concerned with the acid-base 
and oxidation behavior, primarily of Werner's23 green 
and red ethylenediamine series of such compounds. 

By the measurement of magnetic susceptibilities, 
Malatesta2b ascertained the presence of one unpaired 
electron per two cobalt atoms in a series of green n-
peroxo compounds including Werner's green ju-ami-
do-/x-peroxo-bis {bis(ethylenediamine)cobalt} complex. 
Epr studies by Ebsworth and Weil3 indicated that such 
an odd electron is equally distributed with respect to 
the two cobalt nuclei. 

On the other hand, Thompson and Wilmarth4 

studied the red /ii-amido-^-peroxo-bis{bis(ethylenedi-
amine)cobalt ] complex, once thought by Werner to be 
isomeric with the analogous paramagnetic green com­
pound mentioned above, and found it to be diamag-

(1) Based on work performed under the auspices of the U. S. Atomic 
Energy Commission. 

(2) (a) A. Werner, Ann., 375, 1 (1910); (b) L. Malatesta, Gazz. Chim. 
Ital, 72, 287 (1942). 

(3) E. A. V. Ebsworth and J. A. Weil, / . Phys. Chem., 63, 1890 
(1959). 

(4) L. R. Thompson and W. K. Wilmarth, ibid., 56, 5 (1952). 

[SCo3(CO)7J2S2 and/or the influence of the unpaired 
electron in SCo3(CO)9. In order to ascertain the rela­
tive importance of these two effects, an X-ray study of 
SFeCo2(CO)9 was carried out; the results of this struc­
tural determination will be reported in a future paper.31 
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netic and transformable by one-electron oxidation 
to the green form. Furthermore, they found that the 
red form contains one molecule of acid per dicobalt 
complex, and thereby accounted for the fact that both 
green and red compounds had the same number of 
anions (e.g., four univalent anions) per binuclear 
complex cation in spite of the difference in the oxida­
tion states. 

The present study has unveiled further complications 
in the relation between compounds of this series, as 
well as among the corresponding ammonia complexes. 
Specifically, kinetic and equilibrium studies of the in­
terchange between these compounds made it evident 
that a certain kind of isomerism also is intermingled 
with the redox and protonation phenomena. A short 
description of these studies has appeared elsewhere.6 

Results and Discussion 

I. On the Constitution of the Dibridged Per-
oxo-Dicobalt-Ethylenediamine Complexes. Although 
Thompson and Wilmarth inferred that Werner's red 
dibridged peroxo-dicobalt-ethylenediamine complex 

(5) M. Mori and J. A. Weil, Chem. Commun., 534(1966). 
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Abstract: The interrelations between Werner's green and red ^-amido-,u-peroxo-bis{bis(ethylenediamine)cobalt} 
salts, [(en)2Co(NH2)(02)Co(en)2](N03)4 and [(en)2Co(NH2)(02)Co(en)2]H(N03)4 • 2H2O, respectively, have been reex­
amined. A brown, diamagnetic complex [(en)2Co(NH2X02)Co(en)2](N03)3'2.5H20 has been obtained from am-
moniacal solutions of the green salt, and similarly from the red salt; the brown complex is thought to be the reduced 
counterpart of the paramagnetic green salt, rather than a complex containing the ion [(en)2Coln(NH)(02)CoIV(en2)]

3+, 
as previously assumed by Werner. The red salt is not simply a protonation product of the brown salt, but rather is a 
secondary (probably isomeric) product thereof, as is shown by quantitative optical measurements of trans­
formation rates and equilibrium concentrations. 
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was the acidic ni t rate of the diamagnet ic ion 1, they 
did not actually isolate a neutral ni trate of this complex 

NH2 NH 
/ \ / \ 

[(en)2Co Co(en)2]
3+ [(en)2Com Coiv(en)J3+ 

"O2 
1 

"O2 

ion. On the other hand, Werner2 3 reported the exist­
ence of a brown salt which he formulated as an imido-
bridged complex of type 2, and which was prepared 
both from (what is now known as) the red acidic com­
plex 3 and from the green paramagnet ic ion 4 merely 

NH2 NH2 

/ \ / \ 
t(en)2Co Co(en)2]

4+ [(en)2Co Co(en)2]*
+ 

O2H 
3 

"O2 ' 
4 

by addit ion of ammonia . The present authors isolated 
a brown normal nitrate fitting the formula 5 by adding 

NH2 

/ \ 
(en),Co Co(en)2 

\ / 
O2 

(NOs)3-2.5H2O 

acetone to a brown solution obtained by treating either 
the red complex or the green complex with aqueous 
ammonia (preparat ion I I ; the cation of this com­
p o u n d is labeled B ' in later sections), and in all likeli­
h o o d this is the same brown salt which Werner ob­
tained, although he gave an analytical composition 
only for the iodide and double nitrate with silver ni­
trate. This very stable brown compound was dia­
magnetic, with mass susceptibility x g = - 0 . 3 7 5 X 
1O-6 cgs at 20°, and contained no paramagnet ic ion 
detectable by epr spectroscopy at room temperature. 
It is oxidized immediately to the green paramagnetic 
complex when brought into an acidic solution of ( N H 4 V 
Ce(N0 3 ) 6 or into moderately concentrated nitric acid. 
Thus 

[(en)2Co 

NH2 

"O2 

Co(en)2]
3+- • [(en)2Co 

NH2 

"O2 

Co(en)2]
4i + e" 

(D 

Werner 's formulation of a system of type 2 for the 
brown ion implies the existence of an unpaired electron, 
contrary to our observation. It postulates the exist­
ence of the imido bridge without adequate data capable 
of distinguishing it from the amido bridge. Further­
more, the amido bridge in practice is remarkably 
stable, surviving even removal of the peroxo bridge 
and its replacement by other bridges such as NO 2 . 
The presence of the " i m i d o " complexes is even more 
difficult to rationalize in the complete absence of re­
ports by Werner describing the expected analogous 
diamagnetic amido series. 

We conclude therefore that Werner 's imido complexes 
are in fact amido compounds , representing the actual 
diamagnetic counterparts of the paramagnetic di-
bridged ions. On the other hand, evidence will be 
presented in later sections that the red so-called acid 
nitrate of Werner and of Thompson and Wilmarth 

is not just a simple protonated form of this diamagnetic 
counterpart . 

II. On the Diamagnetic Peroxo-Dicobalt Com­
plexes in Acids. In view of the tendency for the dia­
magnetic peroxo-dicobal t complexes to precipitate 
as acid salts, Thompson and Wilmar th 4 inferred that 
a pro ton might reside on the peroxo bridge in such 
salts. This idea was utilized by several a u t h o r s 6 - 8 for 
interpretation of the decomposition and reduction of 
the diamagnetic peroxo-dicobal t -ammine complexes 
in acids. 

In fact, we now know that the normal salt of dia­
magnetic ion 1 is brown while its acidic salt is red, and it 
seems quite reasonable to consider that the red color 
is that of the protonated cation. Similarly, it was re­
ported by Vor tmann 9 that the brown monobridged 
^-peroxo-bis(pentaamminecobal t ) (4+) complexes form 
unstable red salts on addition of acids. We have cor­
roborated these results by isolating an acid salt de-
scribable formally either as /u-peroxo-bis(pentaammine-
coba l t ) (4+) tetrabisulfate or as ^-hydroperoxo-bis-
(pentaamminecobal t ) (5+) trihydrogen tetrasulfate 
(preparat ion IV). In view of the color change of the 
cation, it is most probably true here also that (at least) 
one proton resides on the peroxo bridge; the optical 
spectrum is discussed in section V. The red com­
pound is moderately stable at room temperature in a 
desiccator, but decomposes instantly in water or basic 
solution. It is insoluble in 6 M nitric acid and is 
rapidly oxidized to the paramagnetic 5 + ion by adding 
it to a slightly acidic solution containing ammonium 
persulfate. 

We shall hereafter use the nomenclature /x-hydro-
peroxo for the acidic salts in the sense that the pro ton 
here is one of the constituents of the complex cation 
rather than simply filling the space in the lattice or 
binding to the anion. Also, the Ewens-Bassett System10 

of denoting the charge of the aggregate cation as 
above will be used because it does not seem reasonable 
to assign quadrivalence to one or the other of the co­
balt a toms ; the odd electron undoubtedly exists with 
a fairly large fraction of its orbital on the peroxo bridge. 

It was in an attempt to change the brown ,u-amido-ju-
peroxo-bis {bis(ethylenediamine)cobalt } (3+) compound 
described in section I above to the red acidic compound , 
and vice versa, that the authors met with the new com­
plication: both processes were found to proceed at 
measurable rates. This is anomalous since most of 
the processes of protonat ion and acid dissociation 
are known to proceed very fast. It was also found that 
while the oxidation of the brown ( 3 + ) ion in acid solu­
tion proceeds immeasurably fast, the red acid salt is 
oxidized to the same ( 4 + ) ion only slowly. These 
findings suggested the existence of an unknown feature 
in the reaction system of these compounds and called 
for more detailed kinetic studies. 

III. The Reaction Scheme of the yu-Amido-yu-peroxo-
bis {bis(ethylenediaminecobalt)} Complexes. The results 
of the rate and equilibrium studies, details of which will 

(6) W. Jakob and M. Ogorzalek, Roczniki Chem., 30, 1055 (1956). 
(7) R. G. Charles and S. Barnartt, / . Inorg. Nucl. Chem., 22, 69 

(1961). 
(8) A. G. Sykes, Trans. Faraday Soc, 58,543 (1962); 59,1325 

(1963). 
(9) G. Vortmann, Monatsh., 6, 404 (1885). 
(10) "Definitive Rules for Nomenclature of Inorganic Chemistry," 

J. Am. Chem. Soc., 82, 5529, 5540 (1960). 

Mori, Weil / Peroxo Binuclear Cobalt Complexes 



3734 

be given in the succeeding sections, seem to be best 
understood by assuming the reaction scheme summar­
ized in Table I. The suffixes b and a and the labels 
B' , BH', AH' , and A ' are used in the sense that B ' 
is the only stable form in basic solution or in neutral 
salts, while AH ' is more stable than BH' when found 
in acidic salts. The primes are attached to labels for 
en compounds to reserve unprimed letters for the 
corresponding ammine complexes. 

Table I. Reaction Scheme of 
/u-Amido-̂ -peroxo-bis(bisethylenediaminecobalt) Ions 

NH2 
[(en)2Co Co(en)2]

6+ + e~ 
O2 

C (green) 
Ce4+ k (fast) 

paramagnetic complex 
diamagnetic complexes 

NH2 hi NH2 
[(en)2Co Co(en)2]b

3+ + H + 7 - * - [(en)2Co Co(en)2]q4+ 

O2 ,*-' O2H 
B' (brown) 

*4| U-4 

NH2 
[(en)2Co Co(en)2]a

3+ 

O2 
A' (brown) 

+ H + 
* j 

(fast) 

BH' (orange) 

*.sj [fe 
NH2 

[(en)2Co Co(en)2]a<+ 
O2H 

AH'(red) 

The trivalent ion B ' is the brown diamagnetic di-
bridged en complex ion discussed in section I (prepara­
tion II), and A ' is considered to be an unstable isomer 
of B'. Likewise the protonated complexes BH' and 
A H ' are considered to be isomeric to one another, 
but here both forms are considered to be present at 
equilibrium in solution. Whereas the conversions 
B ' ^± BH' and A ' ;=± AH' are considered to proceed 
instantaneously, i.e., at rates immeasurably fast by 
conventional techniques, the conversions A ' -*• B ' 
and AH' =̂± BH' proceed at measurable rates. In 
the scheme of Table I, Werner's red salt (compound V 
as cited in Thompson and Wilmarth's paper4) is repre­
sented by the nitrate of AH ' instead of the simple pro­
tonated version of the diamagnetic dibridged complex 
B' as was assumed in the past (it should be noted that 
in the discussion following ref 4, there is mentioned 
the existence of two acidic complexes, which may pos­
sibly be our BH' and AH'). Isolation of salts of com­
plex ions A ' and BH' has not been possible, but evi­
dence for their existence will be presented in later 
sections of this work. 

The above scheme not only explains qualitatively 
why the brown diamagnetic ion (B') is oxidized im­
mediately to the green complex ion (C) , whereas 
Werner's red ion is oxidized to the same complex ion 
with a slower measurable rate, but also it permits quan­
titative explanation of the coincidence of such an oxi­
dation rate with that of the rate of conversion, L 2 , 
as well as a successful interpretation of the acid de­
pendence of the conversion rate, as will be discussed 
later. 

The possibility that the conversion BH' ^ A H ' 
might in reality be a hydration-dehydration reaction 

such as (2) seems to be excluded by a dehydration ex­
periment. Initial attempts to dehydrate the powdered 

NH2 

/ \ 
[(en)2Co Co(en)2]b4

+ 

/ 
O2H 
BH' 

+ H20^=±: 

NH2 

/ \ 
[(en)2Co Co(en)2] 

\ / 
HO2 OH2 

(2) 

red nitrate dihydrate of AH ' were unsuccessful be­
cause it was found that heating under high vacuum 
sufficiently (70°) to remove all the water caused simul­
taneous loss of water and nitric acid, with change in 
color to brown. However, it was possible to work with 
the AH ' bromide monohydrate first reported by 
Werner, et ah ;2a he later described isolation of optically 
active red anhydrous bromide.11 The racemic mono-
hydrate was prepared by a somewhat different method 
in the present study (preparation IIIb). Heating 
powdered samples of this compound to constant weight 
under high vacuum at 57° gave the red anhydrous bro­
mide of AH', as ascertained by studies comparing the 
optical absorbance at the moment of dissolution, and 
the rates of conversion to B ' of the monohydrate and 
anhydrous forms. 

IV. The Rate Equat ions of the React ion S y s t e m . 
The set of rate differential equations related to the 
reaction system in Table I is given in eq 3, where the 

d[B']/d? = -/Ci[H][B'] + U B H ' ] - L4[B'] + Jk4[A'] 

(3a) 

d[BH']/d/ = - L i [ B H ' ] + Arx[H][B'] - Zc2[BH'] + 

L2[AH'] (3b) 

d[AH']/d* = - L 5 [ A H ' ] + Zc2[BH'] - L[AH'] + 

L3[H][A'] (3c) 

d[A']/df = -L 3 [H][A ' ] + Ac3[AH'] - L[A'] + L4[B'] 

(3d) 

quantities [X] denote the concentrations at time /. 
Solving these equations is greatly facilitated by assum­
ing perpetual existence of the acid-base equilibria 

[B '][H] = LVZc1[BH'] 

[A'][H] = Ar3AL3[AH'] (4) 

since L i , L Zc3, L 3 > > Zc2, L 2 , Zc4, L 4 . The dif­
ferential equation pertaining to [B'] and [H] with this 
assumption is (5), where C0 = [B'] + [BH'] + [A'] + 

(Li + /Ci[H])(Zc3 + L3[H]) ^P + 

/Ci(Zc3 + L3[H])[B'] ^ + 

((Zc3 + L 3 [H] ) (L iL 4 + LMH]) + 

( L 1 + Zc1[H])(Zc3Zc4 + L2L3[H])J[B'] -

L 1 ( L 2 L 3 [ H ] + Zc3Zc4)C0 = O (5) 

(11) A. Werner, H. Kuh, and P. WUst, Ber., 47, 1975 (1914). 
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[AH' ] . Differential equations for d[BH']/d/ , d [AH' ] / 
dt, and d[A']/d/ are analogous to (5). The solutions 
of these equations have different forms depending upon 
the conditions imposed on the system. 

For a buffered system in which d[H]/d/ = 0, the solu­
tions become simple; each concentration approaches 
its equilibrium value exponentially with the pseudo-
first-order rate constant given in (6). The solution 

/c-xfc-4 + /CiZc2[H] /c3/c4 + /C2Zc3[H] 
/C_! + /C1[H] Zc3 + /c_3[H] 

without the assumption of acid-base equilibria 4 
contains an extra exponential term which acts suf­
ficiently rapidly that it can be neglected in the time 
scale of our experiments. The situation is the same for 
the time dependence of the absorbances, derived later. 

In order that, at the final equilibrium, the equations 

[ A H ' ] . = (Zc2//c_2)[BH'], 

[ A ' ] , = (/C-VZc4)[BO0 (7) 

should hold in addition to (4), an extra condition 

/CiZc2Zc3Zc4 = /CiZc2Zc3Zc4 (8) 

must hold for the rate constants. The equilibrium 
concentrations are then as shown in eq 9. 

[B ' ] , = 
Zc_i/c_2Zc_3C0 

ZCiZc2(Zc3 + Zc_3[H]) + /c_2/c_3(/c_1 + Zc1[H]) 

(9a) 

r R H , , = Zci/c_2Zc_3[H]C0 
[atl ia ZCiZc2(Zc3 + /c_3[H]) + /c2 /c3(/ci + Zc1[H]) 

(9b) 

[AH'], 
/ci/c2/c_3[H]C0 

[A']. 

/CiZc2(Zc3 + Zc3[H]) + /c_2Zc_3(/c_! + /Ci[H]) 

(9c) 

/CiZc2Zc3Co 
Zci/c2(/c3 + Zc3[H]) + Zc 2 / c 3 ( /c i + Zc1[H]) 

(9d) 

As will be seen in later sections, the relevant orders of 
magnitude are Zc-̂ Zc1 ~ 1, k2 ~ 10~2, Zc2 ~ 10 - 2 , 
kijk-i ~ 10 - 1 1 , Zc4 ~ IQr1. Equat ion 8 then requires 
that k-i ~ 10 - 1 2 , which is effectively zero as a rate 
constant. That this is in fact the case was attested 
to by the invariance of the optical spectrum of B ' 
when dissolved in alkaline solution. 

The pseudo-first-order rate constant in acidic solu­
tion is to a good approximation 

Zcn = 
/CiZc2[H] 

Zci + /Ci[H] + Zc- (6a) 

since /c-3[H] > > k3. In alkaline solution the pseudo-
first-order rate constant may be expressed as 

kjkj + Zc2Zc3[H] Zc3Zc4 - ZC2ZC3 

kb= Zc3 + fc_8[H] = Zc3 + Zc3[Hf + k~* ( 6 b ) 

since Zc1[H] < < k-i. 
Since most of the rate study was made by optical 

measurements, some expressions for the absorbances 
must also be presented here. We define the average 

molar absorptivity of a solution containing B ' , 
B H ' , A H ' , and A ' by (10), where A is the absorbance 

6 = A/Co = (SB-[B ' ] + 6BH-[BH'] + eA H ' [AH'] + 

eAH'[A'])/C0 (10) 

of the solution, eB> is the molar absorptivity of B ' , 
etc., and C0 is the total concentration as before. 

In a buffered system, [X] has the time dependence, 
[X] = [X] , + ([X]0 - [X],) exp(-Zcps?), so that in this 
case 

€ = e„ + («0 - e,) exp(-/cp s?) (11) 

where i , is defined in eq 12. In case pure B ' is dis-

Zci /c 2 / c 3 e B ' + /CIZC2ZC3[H]CBH' + 
/ci/c2/c-3eAH' + /ciZc2/c3[H]eA' 

/CiZc2(Zc3 + Zc3[H]) + Zc_2/c_3(/c_i + /Ci[H]) 

(12) 

solved at the start of the reaction, then [B ' ] 0 + [BH ' ] 0 = 
C0 and [B']„ = /c-iCo/(Zc-! + Zc1[H]); [BH']„ = 
/ci[H]C0/(/c-i + /Ci[H]), and it can be readily seen that 

eo 
Zc_i£B- + Zci[H]6BH' 

Zci + /ci[H] 
(13) 

The solution of (5) for the unbuffered system is rather 
complex. When no extra acid or base is present, and 
when species A ' may be ignored under the assumption 
that Zc-3[H] > > Zc3, i.e., in nonbasic solution, the solu­
tion becomes 

- 7.W t> / c - i / c 2 + /ci (Zc2 + /c-2)[H]„(2 - zt) 
Zc1Zc2 + Zc1(Zc2 + Zc2)[H] 

2Zc1Zc2[H] 
exp-c-/c2 1 + 

Zc1Zc2 + 2/CiZc2[H], 
(14) 

where 

exp 
/C1Zc2 + 2Zc1(Zc2 + Zc2)[H], - k2 

/CiZc2 + Ik1(^ + /c2)[H]„ + Zc; 

[B'], - [B'] _ [H], - [H] 

[B']. [H]. 

r B H , ! : - [ B H ' ] = zii - Z1) 

[AH']. 
[AH'] , - [AH'] 

[BH'] 

[AH'] = ^ Z c 1 + feJH].(2 - Z1) ( 1 5 ) 

Zc1[H], 

and where we assumed that only A H ' was present ini­
tially, i.e., [AH']„ = C0, [BH']„ = [B']„ = [H]0 = 0, 
and [B'] = [H]. 

Before presenting the actual kinetic data, some aspects 
of absorption spectra of the related complexes will be 
described in the next section. 

V. On the Optical Spectra of the Complexes. The 
absorption spectra of the ^i-amido-^i-peroxo-en-di-
cobalt complexes in aqueous solution are shown in 
Figure 1. The ions A H ' and B H ' exist only in the 
mixed state when at equilibrium, so that the spectra of 
these ions were actually obtained by the extrapolation 
method in the kinetic and equilibrium studies. Figure 
2 shows the reflection powder spectra of the cor­
responding nitrates diluted to 1:5 in weight by potas-
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t 3 

[en*CoNHa coenJ| (B') 

KCoNH 5 Co 9 n ^ + (BH 1 J 

[en. Co JHi Co en J * * (AH') 

[en2CoNH2Coen2]
4+ (C) 

/ 
/ \ 

10,000 20,000' 
V (cm"') — 

30,000 

Figure 1. Optical absorption spectra of several dibridged dicobalt-
en complexes in water. 

)00 20,000 30,000 

F ( C m " ' ) -

Figure 2. Optical reflection spectra of several dibridged dicobalt-
en complexes in powdered K2SO4. 

sium sulfate. The quantity log (1 — Rd)
2/2Rd, where Rd 

= diffuse reflectance (cf Experimental Section), is 
plotted in the figure since (1 — Rdy/2Rd is known to 
be proportional to t in many cases.12 

Both absorption and reflection spectra show clear 
distinction between the spectra of the diamagnetic, 
the protonated diamagnetic, and the paramagnetic 
complexes. There is excellent agreement between peak 
positions of the same ionic species in these two types of 
spectra (Table II). We note that the optical spectrum 
given by Thompson and Wilmarth (ref 4, Figure 1) 
is actually that of B' rather than AH' ; we confirm 
the presence of the small shoulder at 337 rmx observed 
by them. 

Table II. Peaks in Absorption and Reflection Spectra of 
Peroxo-Dicobalt-Ammine Complexes 

Ions 

NH2 

[(en)2Co Co(en)2]b
3+ 

O2 

NH2 

[(en)2Co Co(en)2]b
4+ 

O2H 
NH2 

[(en)2Co Co(en)2]a
4+ 

O2H 
NH2 

[(en)2Co Co(en)2]4+ 

O2 

[(NH3)BCoO2Co(NH3)J4+ 

[ ( N H S ) 5 C O O 2 H C O ( N H 3 ) J 5 -
[ ( N H 3 ) 3 C O 0 2 C O ( N H 3 ) J 5 + 

Absorption spectra 
of soln 

P, cm - 1 

16,800(sh) 
29,700 

20,500 

20,350 

14,600 
21,600 
32,800 

14,900 
21,200 

Log 6 

2.17 
3.59 

2.54 

2.30 

2.60 
2 .67 5 

3.78 

2 . 9 I 5 

2.41 

Reflection 
spectra of 

powder 
V, 

cm - 1 

16,700 (sh) 
28,600 

20,300« 

14,700 
21,400 

15,000(sh) 
20,100" 
15,200 
20,650 

« The peak at 15,000 cm-
the paramagnetic salt. 

is doubtless due to contamination by 

The spectra of AH' and BH' are similar in shape, 
but the difference in the absorptivity values at the ab­
sorption minimum of AH ' at 435 m̂ u ( = 23,000 cm - 1 ; 
eAH ' HO, eBH' 250, eB> 830, cf. section VI-C) was suf­
ficient to allow precise kinetic and equilibrium studies 

(12) G. KortUm and H. Schottler, Z. Elektrochem., 57, 353 (1953). 

as discussed in section VI. For the determination of 
the oxidation rate &ox of AH ' -*• C, the wavelength 
of one of the absorption peaks of C (687 nux = 14,550 
cm -1 , eAH' 400) was utilized; C is the cation in 
[(Cn)2Co(NH2)(O2)Co(Cn)2](NOa)4. The absorbance of 
the Ce(IV) complex used as the oxidant is negligibly 
small at this wavelength. The value of eAH' at 687 m^ 
obtained as the limiting absorbance at t = 0 in the 
kinetic study fell close to 10, but it has been difficult 
to determine its exact value because of slight contami­
nation with C ( 1 % contamination would raise e by 
4). However, use of such samples in the kinetic study 
should not affect the value of k obtained because 
d log (e„ — et)/dt is unaffected by the presence of C initi­
ally. The excellent agreement between Zc0x and /r_2 

(cf. sections III and VII) proves the validity of this as­
sumption, as well as the absence of any effect on the 
rate of the difference in illumination (daylight vs. 
687-rmx light). 

Solutions of the oxidized complex C in acid solutions 
of various concentrations up to 11 N in perchloric acid 
and up to 33 N in sulfuric acid gave spectra indis­
tinguishable from the spectrum of C in plain water 
shown in Figure 1, proving the low tendency of the oxi­
dized complex toward protonation, since it is unlikely 
that C is already protonated in water (the solutions 
test neutral) or that a protonated species would have 
the same spectrum as the unprotonated one. This con­
stancy is not inconsistent with variation of the epr 
spectrum, which undergoes considerable change in line 
width and in the degree of asymmetry when the acid 
concentration is changed, since neither the g value nor 
the cobalt hyperfine splitting is altered in this process.3 

The reflection spectra of //-peroxo-bis(pentaammine-
cobalt) single-bridged complexes are given in Figure 3. 
The general trend of the change of the spectra caused 
by oxidation and acid salt formation is very similar 
to that in the preceding case of ^-amido-/x-peroxo-en 
complexes. This proves the occurrence of the pro­
tonated diamagnetic ion even in this monobridged 
series, although this protonated ion was shown to be 
very unstable in aqueous solutions. 

VI. A. Measurement of k-2 of Reaction AH' -»• 
BH'. We first consider the case in which A H ' is 
dissolved in pure water or an aqueous solution of sodium 
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Figure 3. Optical reflection spectra of several monobridged 
dicobalt-ammine complexes in powdered K2SO4. 

perchlorate. Equation 14 is the relevant rate equation 
for this situation. The initial time dependence of the 
solution is shown by expansion to be 

[AH']/[AH']0 = exp(-fc-»0 

The final dependence is 

(14a) 

[B'] . - [B'] 
[B']-

exp<( — k-2 1 + 2kMH]« 
k-^k-t + 2fcifc-2[H]„ 

(15a) 

In our experimental conditions, [H]03 = C0 ~ 0.001 
and k-ijki > 0.1, so that the time dependence to a good 
approximation (within ca. 1 %) is that of a first-order 
reaction with rate constant k-2. This situation arises 
from the fact that BH' is a strong acid and is almost 
completely dissociated to B ' and H+ as soon as it is 
formed from AH'. Table III presents £;_2 determined 

Table III. Rate Constants ft_2 (sec-1) of Conversion 
AH' —> BH', and kQX of Oxidation, AH' —> C' 

Temp, 
0C 

4.93 
9.92 

14.85 
19.93 
24.92 

Water 

0.00430 
0.00827 
0.0154 
0.0293 
0.0523 

, . 
0.106 M 
NaClO4 

(aq) 

0.00825 
0.0153 
0.0293 
0.0523 

0.265 M 
NaClO4 

(aq) 

0.00429 
0.00825 
0.0158 
0.0296 
0.0529 

k-i 
av 

0.00430 
0.00826 
0.0155 
0.0294 
0.0525 

kox in 
HClO4 

(aq)" 

0.00436 
0.00821 
0.0157 
0.0294b 

0.0525 

" Containing Ce4'. ' Average of values in Table IV. 

in this way by use of the change of absorbance at 435 
m/j, (Table III also gives the rate constant kox of oxida­
tion of AH ' to C , as explained in section VII). The 
reason why k-2 was determined in unbuffered solutions 
is that the usual buffers (phosphates, borates, phthal-
ates) affected the measured rates and/or absorbances, 
probably due to complexing reactions. The values of 
k-2 measured in solutions with various concentrations 
of sodium perchlorate are independent of ionic strength. 
This result suggests that the activated complex has the 
same ionic charge as A H ' (see also Table IV for kox 

values). 

I 

log|0k 

(k in sec"') 

- 2 -
/y 

- / x log k2 
0 log k-2 

i i i 1 

0.00360 0.00350 0.00340 0.00330 
- y (T in 0K) 

Figure 4. Arrhenius plots for the rate constants Ar2 and k-2 
the reaction BH' ^ AH' in acidic solution. 

Table IV. Rate Constant kox of Oxidation AH' —>- C in 
Different Concentrations of Oxidant and Acid (19.93°) 

of 

-• Initial 
Complex 

A H ' 

0.001436 
0.001360 
0.001404 
0.001280 
0.001301 

concentration, 
(NH 4 V 

Ce(NOs)6 

0.00959 
0.00959 
0.00480 
0.00480 
0.00174 

M 

HClO4 

0.053 
0.106 
0.0265 
0.106 
0.053 

Average 

koxi 
sec - 1 

0.0298 
0.0296 
0.0291 
0.0292 
0.0295 
0.0294 

The plot of log k-2 vs. the reciprocal of the absolute 
temperature in Figure 4 shows an excellent linearity, 
and by linear fitting with a computer using eq 16a and 
16b, the Arrhenius energy of activation (£act)-2, the 

Ink = In p - E11JRT (16a) 

In v = In QcTIh) + (AS*/R) + 1 (16b) 

frequency factor v-2, and the entropy of activation 
A5*- 2 of the reaction AH' -»• BH' were found to be 
given by (.Eact)-2 = 20.7 ± 0.1 kcal/mole, log j / _ 2 = 
13.9 ± 0.1 (yin sec-1), AS 4^ 2 = 3 ± 1 eu. 

B. Measurement of k2 and Kx by Use of Kinetic 
Absorbance Data. Next we consider the situation 
when a dilute solution of BH' is acidified with enough 
acid to keep the hydrogen ion concentration approx­
imately constant. In this case the equilibrium B' + 
H+ ^ BH' ?± AH' will be reached with the pseudo-
first-order rate constant /ca given by eq 6a in section IV. 
Since the measurement of pH is based on the measure­
ment of emf, the quantity obtained should be more 
directly related to the hydrogen ion activity aH than to 
the true concentration [H]. In this sense, it is advis­
able to adapt the equation to apply to aH. At equi­
librium, eq 17 holds, where the quantities a and / 

JC1" 
aHflB' = / H / B - [ H ] [ B ' ] 

flBH* /BH' [BH' ] 
(17) 
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ka-k_2 
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Figure 5. The dependence of (Ii11 — k~2)~
l on the reciprocal of the 

hydrogen ion concentration in acidic solution, at several tempera­
tures. 

are activities and activity coefficients, respectively. 
Since it is common practice to define rate constants 
in terms of concentrations as rate (B' -*• BH') = 
kx[B'][U], rate (BH' ^ B') == ^ 1 [BH' ] , the relationship 
between kx, k~x, and Kx

0 is evidently 

Kx - — 
Jn 

(18) *-i = M B ' ] _ 
k\ [BH'] / H / B 

where Kx is just the "uncorrected" equilibrium con 
stant in the usual sense. By use of Kx as defined above 
the rate equation (6a) becomes 

an 
aH + K 

/c2 +k-

or 

1 _Ki_ 

k2aH 

(6a') 

(6a") 

Thus if the pseudo-first-order rate constant /ca is meas­
ured at different pH values, the plot of (ka — /c-2)_1 

against aR~l should give a straight line. This is actu­
ally the case, as indicated by the plots presented in 
Figure 5 derived from such kinetic studies at various 
temperatures, again by use of the optical absorption 
at 435 mju. In this series of experiments, the concen­
tration of the perchloric acid was varied from 0.05 to 
0.239 M, while the concentration of the complex was 
0.001 M, and by addition of sodium perchlorate the 
total concentration of the perchlorate ion was kept at 
0.239 M, thus resulting in an ionic strength s - 0.245. 
The values of k~2 used in the calculation are already 
known from the study of the backward reaction dis­
cussed in section VI-A. Values of Kx and k2 are thus 
obtained from the intercept and the slope of Figure 5. 
Table V summarizes such data as worked out by a 
linear fitting program. 

Table V. Rate Constant k2 and Equilibrium Constant K as 
Obtained from Plots of (&a — kS)~l vs. an"1 

(Ionic Strength = 0.245) 

Temp, 
0C 

10 
15 
20 
25 

k2 from 
intercept 

0.015±0.001 
0.022 ±0.002 
0.036 ±0.003 
0.059 ±0.005 

Ki from 
slope and 
intercept 

0.101 ±0.008 
0.105 ±0.015 
0.121 ±0.016 
0.147 ±0.020 

PK1 

0.99 ±0.08 
0.98±0.14 
0.91 ±0 .13 
0 .84±0.14 

Since the plots in Figure 5 are indeed linear with the 
first power of aK~l at least up to acidity of pH 0.6, 
we can deduce that but a single proton is added to the 
cobalt complex B ' in the process B' -*• BH'. It should 
also be noted here that eq 6a, etc., apply also to the case 
when AH' is dissolved in an acidic solution of con­
stant pH, approaching an equilibrium mixture of AH', 
BH', and B'. This was checked in a few such runs. 

C. Measurement of k2 and Kx by Combined Use of 
Kinetic and Initial Absorbance Data. The above 
method of obtaining Kx and Zc2 is illustrative in that it 
tests the validity of our assumptions. However, it 
has a disadvantage in that both the intercept and the 
slope are affected greatly by even small errors in ka 

values determined at low hydrogen ion concentration, 
where (/ca — fc-2)

_1 is very large. For this reason 
the method is not applicable to the system with low 
ionic strength since here the acidity is automatically 
limited. 

There is another and more usual way of obtaining 
Kx when the acid form and the base form have different 
optical absorbances.13 The problem here is slightly 
complicated because of the simultaneous occurrence of 
the isomerization reaction, so that one must use the 
absorbance of the solution immediately after mixing 
the solution of pure complex B' with acid. Fortu­
nately, however, this quantity is readily obtained from 
the extrapolation to this time origin of the plot of log 
(?, — e„) used for determination of ka. The average 
molar absorptivity at time zero is given by eq 13 
of section IV, or, in terms of ATi and aH 

Kxe-B' + aH6BH' 

^ I aH 

(13a) 

Parameter eB< can be directly measured as the molar 
absorptivity of B' in water and has the value eB' = 
830 at 435 irnx, while the value of eBH' should corre­
spond to the value of «0 at the high acidity limit and was 
shown to have the value 250 as obtained in 6 and 12 TV 
sulfuric acid. Both eB< and eBH' measured in this way 
were found to be independent of temperature (^-10-
25°) within the experimental error. Thus it is possible 
to evaluate pKx from e0 values at intermediate acidity 
(pH ~ pKx) and at a definite ionic strength by using 
the relation 

pKx = pH + log « B ' (13b) 
£0 — eBH' 

Values of i0 obtained from the same series of experi­
ments (with s = 0.245) as discussed in section VI-B, 
and values of P^1 calculated therefrom, are given in 

(13) W. Stenstrom and N. Goldsmith, / . Phys. Chem., 30, 
(1926). 

1683 
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Temp, 
0C 

1 0 . 0 ± 0 . 2 

1 5 . 0 ± 0 . 2 

2 0 . 0 ± 0 . 1 

2 5 . 0 ± 0 . 1 

1 0 . 0 ± 0 . 2 

1 5 . 0 ± 0 . 2 

2 5 . 0 ± 0 . 1 

Ionic 
strength 

0.054 

0.030 

PH 

1.41 
1.21 
1.01 
0.97 
0.84 
0.78 

1.25 
1.25 
1.09 
0.965 
0.93 
0.74 
0.60 

1.28 
1.11 
0.95 
0.91 
0.64 

1.23 
1.05 
0.95 
0.85 
0.76 
0.61 

1.40 
1.32 
1.20 
1.10 

1.38 
1.30 
1.16 
1.03 

1.40 
1.30 
1.11 
1.06 
1.02 

1.82 
1.74 
1.68 
1.49 
1.40 

2.01 
1.90 
1.775 
1.71 

CO 

639 
588 
548 
521 
477 
447 

624 
608 
570 
542 
539 
463 
433 

657 
614 
555 
535 
466 

668 
609 
575 
538 
496 
462 

7035 
688 
640 

6095 

719 
692 
652 
627 

731 
710 
664 
658 
628 

792 
788 
770 
743 
721 

808 
806 
793 
780 

«B - hb 

«0 — C B H ' ptfi 

a. Ionic Strength = 0.245 
0.491 
0.716 
0.946 
1.140 
1.555 
1.944 

0.551 
0.620 
0.813 
0.986 
1.007 
1.723 
2.169 

0.425 
0.593 
0.902 
1.035 
1.685 

0.388 
0.616 
0.784 
1.013 
1.359 
1.735 

1.10 
1.06 
1.02 
1.03 
1.03 
1.07 

Average 1.05 

0.99 
1.04 
1.00 
0.96 
0.93 
0.98 
0.94 

Average 0.98 

0.91 
0.88 
0.90 
0.92 
0.87 

Average 0.90 

0.82 
0.84 
0.84 
0.86 
0.89 
0.85 

Average 0.85 

b. Ionic Strength = 0.102 
0.279 
0.324 
0.454 
0.614 

0.237 
0.312 
0.443 
0.546 

0.206 
0.261 
0.401 
0.422 
0.535 

0.85 
0.83 
0.86 
0.89 

Average 0.86 

0.75 
0.79 
0.81 
0.77 

Average 0.78 

0.71 
0.72 
0.71 
0.68 
0.75 

Average 0.71 

c. Temperature 10 ± 0.2° 

0.0701 
0.0781 
0.1153 
0.1766 
0.232 

0.0394 
0.0431 
0.0532 
0.0943 

0.67 
0.63 
0.74 
0.74 
0.76 

Average 0.71 

0.61 
0.53 
0.61 
0.68 

Average 0.61 

1 + 
(K1Jan) 

3.04 
2.40 
2.06 
1.88 
1.64 
1.51 

2.81 
2.61 
2.23 
2.01 
1.99 
1.58 
1.46 

3.35 
2.69 
2.11 
1.97 
1.59 

3.58 
2.62 
2 .27 6 

1.988 

1-736 
1.576 

4.58 
4.08 
3.20 
2.63 

5.23 
4.20 
3.26 
2.83 

5.86 
4.84 
3.495 

3.37 
2.87 

15.26 
13.80 
9.67 
6.66 
5.32 

26.4 
24.2 
15.7 
11.6 

K-
k-t, 

sec - 1 

0.00421 
0.00562 
0.00709 
0.00781 
0.00908 
0.00948 

0.0079 
0.0078 
0.0092 
0.0109 
0.0122 
0.0137 
0.0166 

0.0110 
0.0145 
0.0166 
0.0185 
0.0244 

0.0168 
0.0226 
0.0272 
0.0278 
0.0320 
0.0369 

0.00274 
0.00380 
0.00470 
0.00516 

0.0032 
0.0046 
0.0063 
0.0078 

0.0106 
0.0120 
0.0141 
0.0199 
0.0212 

0.00085 
0.00110 
0.00150 
0.00202 
0.00247 

ki, 
sec - 1 

0.0128 
0.0135 
0.0146 
0.0147 
0.0149 
0.0144 

Average 0.014 

0.0222 
0.0204 
0.0205 
0.0219 
0.0243 
0.0216 
0.0242 

Average 0.022 

0.0368 
0.0390 
0.0350 
0.0364 
0.0388 

Average 0.037 

0.0601 
0.0593 
0.0619 
0.0553 
0.0556 
0.0581 

Average 0.058 

0.0125 
0.0155 
0.0150 
0.0136 

Average 0.014 

0.01675 
0.0193 
0.0206 
0.0222 

Average 0.020 

0.0621 
0.0581 
0.0493 
0.0670 
0.0608 

Average 0.060 

0.0130 
0.0152 
0.0145 
0.01345 
0.01313 

Average 0.014 

' «B- 830, €BH< 250; 435 m,u. b (eB- - eo)/(e0 - 6BH') =aB/Ki. 

Table Via and the fitting of the experimental values of 
C0 with the theoretical curves is shown in Figure 6; 
data at other values of ionic strength are included in 
Tables VIb and VIc. 

Since eq 13a can be written as (i0 — eBH')/(eB' — 
eo) = A"i/aH where the right-hand term is exactly the 
slope term of eq 6a", we can combine these data with 
/ca — /c-2 from the kinetic measurements to obtain ki. 
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Figure 6. The initial average molar absorptivity at 435 m ,̂ as a 
function of acidity, for mixtures of B' and BH' at various tem­
peratures. 

The values of k2 thus obtained are listed in Tables 
Vla-c. (At ionic strength = 0.030, the difference 
ka — k-2 was too small to give any reliable Zc2 values.) 
One advantage of this method, as compared to the 
linear fitting method in section IV, is that the ratio 
aH/Ki obtained in this manner is independent of the 
scale of the pH meter. Furthermore, the results do not 
depend too much on the ka values at a low hydrogen ion 
concentration, where the measurement is inaccurate. 
Thus the data of pKi and Zc2 in Table Via are thought 
to be more reliable than those in Table V. It should 
be noted, however, that because of the difficulty of 
temperature control in the measurement of Zca (cf. 
Experimental Section), and also because of the extra 
steps of calculation involved, the accuracy of k2 is 
poorer than that of k-2 (for AH ' — BH', Table III), 
presumably by a factor of 10. Thus although Tables 
Vla-c suggest that Zc2 is independent of the ionic 
strength, the constancy was not as clearly demon­
strated as in the case of Zc-2. On the other hand, K1 

does depend on the ionic strength, as is expected also 
from the theoretical considerations. 

The plot of log Zc2 vs. \/T from values in Table Via 
is shown in Figure 4, and the thermochemical data 
for BH' — AH' were worked out as: (Eact)2 = 15.9 ± 
0.4 kcal/mole, log v, = 10.4 ± 0.3, A5*2 = - 1 3 ± 
3 eu (cf., similar data for k~2 in section Vl-A). 

If one takes the mean extinction e„ measured under 
true equilibrium conditions (i.e., after sufficiently long 
time) and follows a procedure analogous to that 
used in calculating PAT1 from e0, one arrives at the quan­
tity — log [K1I(I + K2)] instead of pATb as is readily 
proved by using eq 12. Thus log (eB' — i„)/(i„ — 
eABH') = - l o g [K1I(I +K2)), where eABH' = (eBir + 
•^2«AH')/(1 + K2) is the average molar absorptivity 
of an equilibrium mixture of AH' and BH' at the high 
acidity limit. It is not easy to obtain eABH' from ex­

periment because the complex ions decompose when 
in solutions of high acidity for a long time. However, 
it is possible to calculate eABH' if we use K2 = k2jk-2 

from data in Table VI and assume eBli< 250 and eAH' 
110 at 435 mix. Table VII summarizes the results of 
such calculations. By use of the same K2 values, pKi = 
— log Kij(\ + K2) — log (1 + Ki) was also calculated. 
The last column contains pKi from Table VI, for com­
parison. The agreement is not very satisfactory, 
especially at 20 and 25°. This seems to be due to some 
side reactions which made the measured e„ lower, as 
was shown by a slow decrease of absorbance after 
the main reaction was virtually complete. 

Table VII. 
Those from 

Temp, 
0C 

10 
15 
20 
25 

The pATi 
e0 (Ionic 

Values Calculated from 
Strength =0.245) 

From Tables From 
II and V — Log 

K2 = 
ktlk-s 

1.72 
1.43 
1.27 
1.11 

Log [K/ 
(1 + K2) (1 + K2)] 

0.434 1-46O 
0.386 1-371 
0.355 1-32I 
0.324 1-23O 

e„ as Compared to 

€ T O * 

From I0 

p*i PK 

1.03 1.05 
0.99 0.98 
0.97 0.90 
0.91 0.85 

The series of spectra measured at true equilibrium 
obtained at fixed temperature for various pH values 
shows isosbestic points14 (at 240 and 267 ITUX, 22°). 
This indicates that the system in equilibrium behaves 
as if it were composed of two components B ' and 
"ABH'," where ABH' denotes an equilibrium mixture 
of AH ' and BH' in the definite ratio K2:1. It also 
indicates that no other ions participate in the system. 

D. Correction of ^K1 for the Effect of Electrolytes. 
Although it is advisable to make pK determinations in 
solutions of sufficiently low ionic strength so that the 
linear relation between pATand y/s holds, this was not 
actually realizable because high acidity was required 
in experiments for evaluating values of pKi as low as 1. 

According to the Debye-Hiickel theory, the experi­
mental PK1 and the true one, PK1

0 (cf. eq 18, section 
VI-B), are related by (19), where a = e2/2(ln 1O)DkT, 

PK1" = PK1 + log ( / B H ' / / B ' ) = 

P*i + i + frV's ( B BH } (19) 

/3 = (SIrNe2PlIOODkTy'2, r is the average distance of 
approach of ions at collision, N is the Avogadro num­
ber, T is the absolute temperature, e is the unit charge 
of electricity, p is the density of solution, D is the di­
electric constant of water calculated from the empirical 
formula D = D0e~LT (here D0 = 311.17, £>298.i6 = 
78.54),15 and Z is the ionic charge (so that ZB<2 — 
ZBH-2 = 7). From the ionic strength dependence of 
pKi at 10° (Table VI), we evaluated r by minimizing 
the sum over (p.^0 — pATi0)2, where pK-? was calcu­
lated from (19) with a = 0.4959 and /3 = 0.3258, and 
p~Kt is the average over the values of pK-? at each ionic 
strength. The best value r = 5.57 A yields p ^ 0 = 

(14) G. KortUm, "Kolorimetrie, Photometrie und Spektrometrie," 
4th ed, Springer-Verlag, Berlin, 1962, p 31. 

(15) A. A. Maryott and E. R. Smith, National Bureau of Standards 
Circular 514, U. S. Government Printing Office, Washington, D. C, 
1951. 
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Figure 7. The dependence of (kb — k-2)'1 on the hydrogen ion 
concentration in basic solution at two temperatures. 

0.15. The same value of r used in conjunction with 
the data (Table VI) for higher temperatures yielded 
ptfi« 0.07 (15°), -0 .02 (20°), and -0 .05 (25°) 
Fitting to evaluate r was only done at 10° since it proved 
particularly difficult to measure pA"i at low ionic 
strengths at higher temperatures, because low ionic 
strength limits the extent of pH variation, while the 
higher temperature caused some side reactions. The 
above dependence of pA î0 on temperature gave the 
thermochemical data for the acid dissociation process 
of BH' as AH = 5.5 ± 0.5 kcal/mole and AS = 18 ± 
2 eu. Thus the enthalpy change is close to the typical 
O • • • H hydrogen-bond value. 

E. Reactions in Alkaline Solutions. If A H ' -»-
BH' -*• B' were the only path for the change from 
A H ' to B', then the rate constant in alkaline solutions 
should always be equal to fc-2, just as in neutral solutions 
as discussed in section VI-A. In the actual case, how­
ever, the reaction rate increases rapidly with hydroxide 
ion concentration in alkaline solutions. Moreover, 
io at the start of the reaction in this case is not equal to 
that of AH' but changes with pH and is much greater 
(3000 at 435 mju) in strongly alkaline solutions. These 
facts suggest existence of the fourth ionic species 
A'. Thus if a reaction scheme with ion A ' is assumed 
as in Table I, the pseudo-first-order rate constant kb 

in alkaline solutions at constant pH should be given 
by eq 6b in section IV, or, expressed in terms of au 

and K3 = fuk3/k-3 

1 1 
K -k. ki + 

OH 

(Zc4 - k_£K3 
(6b') 

Figure 7 shows that the plots of (kb — k-2) vs. aH actu­
ally give nearly straight lines over the pH range of 
— 9—11 as studied at 435 rmx in the 0.1 M NH4OH + 
0.1 M NaNO3-Cl M NH4NO3 aqueous system with 
ionic strength of 0.1. However, although the slopes 
of the plot do give the quantity (fc4 — /c-2)_ 1AT3-

1 

(=1.7 X 1012 at 5°, 0.59 X 1012 sec at 10°), the inter­
cepts are too small to yield Ar4 — Ar~2 or Ar4 itself with a 
practicable accuracy. Thus, in order to obtain 
values of the intercept, it proved necessary to measure 
kh in strongly alkaline solutions, e.g., in the 0.1 N 
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Figure 8. Arrhenius plot for the rate constant k0% for oxidation 
of AH', as obtained by optical and epr measurements in acidic 
solution. 

NaOH-0.1 JV NaNO3 system with pH as large as 12.9. 
However, the high rate of the reaction in this region 
made precise measurements difficult. From the data 
thus far obtained we could estimate: Ar4 ~ 0.05 at 
5° and <~0.1 at 10°. By combining these with the 
data of {ki — k-ijrlKrl above, we could estimate: 
pA~3 ~ 11.0 at 5° and ~10.8 at 10°. 

VII. Oxidation Rate of AH' as Studied by Optical 
and Epr Spectroscopy. The rate of oxidation of AH' 
to the green paramagnetic ion C (cf. sections II and 
III), as measured from the increase of absorbance at 
687 m̂ u (Figure 1), has been found to be independent of 
the concentration of the acid and the oxidant, provided 
that both of these are sufficient in quantity for com­
plete oxidation. The rate constant in this case agreed 
with the rate constant A~-2 for the conversion reac­
tion AH' -»• BH' within the experimental error over 
the temperature range which was examined, 5-25°, 
as shown in Tables III and IV. In one experiment, 
in which there was a 50% molar excess of cobalt com­
plex over eerie ion, the reaction proceeded with the same 
rate constant until the oxidant was exhausted. 

The rate of increase of the epr signal after AH' ni­
trate was dissolved in an acidic Ce(IV) solution also 
gave a first-order exponential curve, and the rate con­
stants thus obtained fell close to the Arrhenius plot 
worked out from the optical study (Figure 8). This 
proves that the rate determined by the optical measure­
ment is actually the rate of the appearance of the para­
magnetic ion. Some scattering of the epr data is prob­
ably due to the difficulty of controlling the temperature 
while pouring the reaction mixture into the capillary 
which was used for epr measurement, especially when 
the mixture was considerably colder than room tem­
perature. 

The above results indicate that whereas BH' or B ' is 
oxidized instantaneously to the paramagnetic ion, AH' 
is changed to the paramagnetic form only through BH', 

Mori, Weil / Peroxo Binuclear Cobalt Complexes 



3742 

the conversion AH' -*• BH' being the rate-determining 
step. This seems to imply further that BH' and B' 
are structurally more closely related to the paramag­
netic form than A H ' is. It was not, however, possible 
to decide which of BH' and B ' (or both) is directly oxi­
dized, as their mutual equilibrium is established too 
quickly. 

VIII. On the Nature of the Isomerism of the Dia-
magnetic ^-Amido-ju-peroxo-Dicobalt Complexes. Two 
modes by which the peroxo group can coordinate to the 

O O 
/ \ M M 

M \ M O 
\ / 

O 
i ii 

metal ions M appear probable. One is of the a-
bonding type i and the other of the Tr-bonding type ii. 
Examples of the latter type have been confirmed in a 
series of mononuclear peroxo-chromium complexes.16 

X-Ray structural work by Vannerberg on the /x-peroxo-
bis(pentaamminecobalt)(4+) ion has disclosed (with 
reliability index R = 0.16) that the peroxo bridge here 
is of the type IT.17 AS to the structure of the corre­
sponding paramagnetic 5 + ion, Vannerberg and Bros-
set reported18 (with R = 0.20) that the peroxo bridge 
in the pentanitrate lies perpendicular to the Co-Co 
direction (i.e., type ir), as suggested by a molecular 
orbital model of Vlcek.19 However, recent work by 
Schaefer and Marsh on [(NH3)6Co02Co(NH3)5]5+-
SO4 (HS04)3 has disclosed (with R = 0.077) that here 
the peroxo bridge is of type <r.w Further, as yet un­
published work by the same authors on the pentanitrate 
shows that the earlier investigation was indeed in error 
and that here also the bridge is of the <s type. From 
the symmetry (Qh) and bond parameters of the 5 + 
ion (Co-O-O-Co, with bonding as in i, is a molecular 
symmetry plane; O-O = 1.31 A, ZCo-O-O = 118°, 
Co-O = 1.89 A),20 it seems clear that each oxygen has 
a well-defined lone pair in the cobalt-oxygen plane xy, 
and the O-O bond distance suggests that in first ap­
proximation the orbital of the unpaired electron is 
similar to that of O2

- . The best molecular orbital for 
the unpaired electron is thus to be formed from the 
pz orbitals of the oxygen atoms mixing as an antibond-
ing mixture (irg*) with each other and as bonding mix­
tures with the dxl orbitals of the two cobalt atoms 
(xjjCo-O). It is likely that this orbital is antibonding, 
so that loss of an electron in going from the 4 + to the 
5 + ion is favored in energy; this is consistent with the 
greater stability of the latter. The unique stability of 
the cobalt-peroxo system may be explainable in terms 
of accidental degeneracy of the energy of the d« cobalt 
3 + ion orbital and the 7rg* orbital of O2

- . 

No X-ray structural investigations of any jz-amido-
p-peroxo-dicobalt complexes have yet been reported. 
However, it seems probable from single crystal epr 

(16) E. H. McLaren and L. Helmholz, / . Phys. Chem., 63, 1279 
(1959); R. Stomberg and C. Brosset, Acta Chem. Scand., 14, 441 (1960); 
R. Stomberg, ibid., 17, 563 (1963), Arkw Kemi, 22, 49 (1964); 23, 401 
(1965); Nature, 201, 486 (1964); 205, 71 (1965). 

(17) N. G. Vannerberg, Acta Cryst., 18, 449 (1965). 
(18) N. G. Vannerberg and C. Brosset, ibid., 16, 247 (1963); see also 

C. Brosset and N. G. Vannerberg, Nature, 190, 714 (1961). 
(19) A. A. Vlcek, Trans. Faraday Soc, 56, 1137 (1960). 
(20) W. P. Schaefer and R. E. Marsh, J. Am. Chem. Soc, 88, 178 

(1966); Acta Cryst., 21, 735 (1966). 

studies21 of the [(en)2Co(02)(NH2)Co(en)2]4+ ion ( C ) , 
dispersed in a [(en)2Co(N02)(NH2)Co(en)2](N03)4 ma­
trix, that here the peroxo bridge is also of type a, with 
the five-atom bridge either planar or with the O2 group 
tilted out of the CoNCo plane. It has been found 
herein (section VII) that ions B ' and BH' are struc­
turally more closely related to C than are ions A ' and 
AH', and hence it seems most likely that B ' and BH' 
have type a bridges. 

The present research also disclosed that although B' 
does not undergo any spontaneous change in water, 
addition of a proton to B ' induces the transition 
BH' -»• AH'. The energy of activation of this reaction 
[(£act)2 = 15.9 kcal/mole] and that of the reverse one 
[(-Eact)-2 = 20.7 kcal/mole] are both of the magnitude 
required for replacement of a coordinate linkage, so 
that AH' must have a structure chemically different 
from that of BH', the energy of the former being 5 
kcal/mole lower than that of the latter. 

It is, of course, difficult to discuss the nature of the 
isomerism observed in this research in view of the 
sparse structural information. The fact that no isom­
erism has been observed in dicobalt complexes with 
only amido and/or hydroxyl bridges suggests that the 
peroxo bridge is necessary. However, we have found 
no evidence from optical absorption studies for existence 
of isomeric forms of the monobridged jix-peroxo ion in 
the brown neutral or the red acidic form, or the green 
paramagnetic form. It has not yet been proved that 
these three ions all have the same cobalt-peroxo con­
figuration, and it could well be that the second form in 
each case is too unstable to be appreciable. Thus 
presence of the second (amido) bridge may be influen­
tial in making both isomers stable. 

The location of the hydrogen ion in the acidic com­
pounds is, of course, also in need of elucidation. It is 
clear from the occurrence of the red acidic mono-
bridged peroxo complexes that the proton does occur 
on the peroxo linkage, rather than involving the amido 
bridge; this is, of course, more reasonable also from 
all standard chemical considerations. On the cr-type 
peroxo bridge, one possible position of H+ is in the 
oxygen 7r-electron system normal to the CoO2Co plane 
of the monobridged complex, with both atoms left 
equivalent; the other possible location is at the lone 
pair of the sp2 system of either oxygen atom, con­
ceivable with relatively slow proton transfer between 
the two oxygen sites. Similar considerations hold for 
the /i-amido-ju-peroxo complexes, although the cobalt 
and oxygen atoms may well not be perfectly coplanar 
here, so that the corresponding orbitals are not as clearly 
defined. In the 7r-type complex, the most likely posi­
tion for H+ is in the sp oxygen orbital collinear with 
the 0 - 0 bond, since it does not seem possible for three 
atoms, i.e., two cobalt and one hydrogen atoms, to be 
bound in the -K system of O2. In this case the O-H 
bond is considered to be as strong as the normal O-H 
bond. 

It seems possible that ions B ' and BH' differ from 
A' and AH' merely by rotation of the oxygen bridge, 
representing respectively the a- and 7r-type complexes. 
This assumption is in harmony with the magnitude of 

(21) J. A. Weil, G. L. Goodman, and H. G. Hecht, "Proceedings of 
the First International Conference on Paramagnetic Resonance, Jeru­
salem, 1962," Academic Press, Ltd., Jerusalem, 1963, p 880; see also 
Bull. Am. Phys. Soc, [2] 6, 152 (1961). 
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pKi (~0) and pK3 (~11), provided the preceding dis­
cussion of the bonding of the proton to the peroxo 
bridge is valid. In this possibility, the fairly large 
entropy change for the reaction BH' ^± AH' (AS*2 — 
A5*- 2 = — 16 eu) presumably requires considering the 
differences in solvation of the two ions besides the 
greater flexibility of the cr-type ion, BH'. 

It is not possible to dismiss another possibility for 
the acidic form AH', namely one containing tricovalent 
oxygen, similar to that reported in a chromium com­
plex.22 This possibility would also account for the 
very low value of the acid dissociation constant of 
AH' (K3 ~ 10-11) comparable to that of H2O2 (IO"12), 
as well as for the formation of the o--type complex after 
acid dissociation. 

H 

6 
I 

O 
/ \ 

Co Co 
\ / 

NH2 

Co 

O 
i 
O 

/ \ 

"NH2' 

Co Co 

O—O 

'NH 2 

Co 

Here the complex A' (center) could also be of the r 
type, for the change from the "tricovalent oxygen" type 
to the IT type does not seem to require much energy and 
is expected to proceed very rapidly. In the above 
model for AH' , however, the O-O stretching absorp­
tion in the neighborhood of 900 cm - 1 should be in­
frared active, but was not observable in our studies. 
Since AH' can be isolated in relatively stable salts, it 
will be possible to determine its configuration from 
X-ray structural studies.22* 

Experimental Section 
I. /i-Amido-/u-peroxo-bis{bis(ethylenediamine)cobalt}(4+) Ni­

trate. This compound was prepared by Werner's method23 from y.-
amido-,u-peroxo-bis(tetraamminecobalt)(4+) nitrate by applying 
slightly milder conditions (digestion with en at 60° for 90 min, 
followed by the treatment with nitric acid at room temperature). 

The starting dibridged ammine complex was prepared by a new 
method of the present authors. It is a result of the study of amido-
bridge formation altering the monobridged peroxo-dicobalt-
ammine to the dibridged one, and will be shortly communicated as 
a part of paper II of this series. 

II. ,u-Amido-ju-peroxo-bisI bis(ethylenediamine)cobalt j (3+) Ni-
trate-2.5-YVater. To a mixture of 3 g of |U-amido-/j-peroxo-bis-
)bis(ethylenediamine)cobalt!(4+) nitrate (preparation I) and 10 
ml of water was added 10 ml of 15 M aqueous ammonia. Acetone 
(150 ml) was then added little by little while the mixture was stirred. 
The precipitate was filtered, washed with acetone, and dissolved 
in a mixture of 10 ml of water and 10 ml of 15 M aqueous ammonia, 
and the solution was filtered. The complex salt was crystallized 
out by the slow addition of 150 ml of acetone and cooling, and 
washed with acetone, yield 1.4 g. 

Anal. Calcdfor[(en)2Co(NH,)(02)Co(en)2](N03)3-2.5H20: Co, 
18.49; C, 15.08; N, 26.37; H, 6.17. Found: Co, 18.81; C, 
14.78; N, 26.38; H, 6.31. 

III. a. M-Amido-yU-hydroperoxo-bis) bis(ethylenediamine)cobalt j -
( 4+) Tetranitrate Dihydrate. This compound was prepared by 
Thompson and Wilmarth's modification4 of Werner's method.2" 
Titration with NaOH gave an equivalent weight of 713.7 (expected 
formula weight of the dihydrate, 691.35). Some contamination 
with the oxidized form was detected by epr. 

b. ,u-Aimdo-^-hydroperoxo-bisI bis(ethyIenediamine)cobalt ) (4+) 
Tetrabromide Monohydrate and M-Amido-^i-hydroperoxo-bisjbis-

(22) B. N. Figgis and G. B. Robertson, Nature, 205, 694 (1965). 
(22a) NOTE ADDED IN PROOF. Preliminary results, communicated 

privately by U. Thewalt and R. E. Marsh, disclose that this "tricova­
lent oxygen" model is indeed the correct one for AH'. 

(ethylenediamine)cobalt)(4+) Tetrabromide (Anhydrous). To a 
solution of 1 g of /i-amido-^-peroxo-bisjbis(ethylenediamine)-
cobaltj(3+) trinitrate 2.5-hydrate (preparation II) in 10 ml of 
water cooled with ice were added an ice-cold mixture of 2.5 ml of 
48% hydrobromic acid and 2.5 ml of water, and then 5 g of am­
monium bromide. The mixture, cooled in an ice bath, was oc­
casionally stirred and filtered after 30 min. The precipitate was 
separated and dissolved in 10 ml of a 1:10 mixture of 15 M am­
monia and water and cooled with ice, and a mixture of 2.5 ml of 
48% hydrobromic acid and 2.5 ml of water was added to it. The 
mixture was cooled in an ice bath for 30 min, and the precipitate 
was filtered and washed with ice-cold water containing 2 - 3 % of 
hydrobromic acid, then with ethanol and ether. 

The monohydrate thus prepared was heated at 57° in vacuo, 
until constancy in weight was attained, to obtain red anhydrous 
bromide. The latter compound showed the same characteristic of 
conversion AH ' —>- BH' when dissolved in water, both qualitatively 
and quantitatively. 

Anal. Calcd for [(en)2Co(NH2)(02H)Co(en)2]Br4-H20: Co, 
15.82; N, 16.92; Br, 42.91; H2O, 2.42. Found: Co, 15.62; 
N, 16.79; Br, 42.62; loss in vacuo, 2.48. Calcd for [(en)2Co(NH2)-
(02H)Co(en)2]Br4: Co, 16.24; N, 17.37; Br, 44.03. Found: 
Co, 16.16, 16.39; N, 17.45; Br, 43.93. 

IV. ^-Hydroperoxo-bis(pentaamminecobalt)(5+) Trihydrogen 
Tetrasulfate. First, the corresponding neutral salt, /j-peroxo-bis-
pentaamminecobalt)(4+) sulfate dihydrate, was prepared by 
Fremy's23 method, namely by the aeration of a cold solution of 
cobalt(II) sulfate in aqueous ammonia. 

Five grams of this brown compound was added little by little 
into 50 ml of ice-cold 3 M sulfuric acid. The dark-colored lumps 
were ground well with a glass rod until the entire precipitate 
appeared red and homogeneous. The mixture was then filtered, 
and the red crystalline precipitate was washed first with cold 3 M 
sulfuric acid and then once with acetone and next with a 1:1 
mixture of acetone and petroleum ether. After a short period of 
strong suction, the precipitate powder was spread in a Petri dish 
and quickly placed in a vacuum desiccator, yield 5 g. 

Anal. Calcd for [(NH3);Co02HCo(NH3)5]H3(S04)4: Co, 16.64; 
N, 19.77; S, 18.10. Found: Co, 16.87; N, 19.70; S, 18.14. 

There seems to be little doubt that this compound has the same 
cation as the reddish compound which Vortmann obtained by an 
analogous procedure9 and to which he gave the formula 

Co2(NH3)K : O O H I (HSO 4 ) 4 

The difference by one molecule of water may have come from the 
different mode of drying; Vortmann dried his compound over 
sulfuric acid, while the present authors kept the sample over an­
hydrous calcium sulfate in an evacuated desiccator. 

Optical and Epr Spectra, Kinetic Study, and pK Determination. 
Optical absorbances of aqueous solutions were recorded with a Cary 
spectrophotometer, Model 14, both in the static and kinetic studies. 
The specific diffuse reflectance .Rd of powdered samples diluted in 
potassium sulfate powder was measured in reference to magnesium 
oxide powder using a Beckman DU spectrophotometer with an 
integration sphere attachment. The potassium sulfate powder 
used as the diluent showed a specific diffuse reflectance ranging 
from 0.98 to 1.01 in reference to magnesium oxide in the region 
studied. 

In the rate study the change of absorbance was followed by the 
recording device. Special care was necessary for the temperature 
control in the rate study because the rate was comparatively fast. 
Thus a calibrated thermometer with scales of 0.1° (readable to 
0.01°), which itself had been kept at the desired temperature, was 
directly immersed in the cell equipped with the circulating system, 
for the sensitivity of the sensing thermocouple was not sufficient 
in most cases. 

Especially precise temperature control was attained in the rate 
study AH ' -*• BH' because data were not accepted unless the tem­
perature reading showed the desired value to within 0.01° both 
before and after the rate measurement (including dissolution 
of A H ' nitrate). It was found that the dissolution of a small 
quantity of sample (1 mg in 3 ml) did not bring about any appre-
cible temperature change. 

Fortunately the crystals of the AH ' nitrate dissolved almost in­
stantaneously so that the error caused by the time of solution could 
be neglected. This was not true, however, with B ' nitrate: al-

(23) E. Fremy, Ann. CMm. Phys., (3) 25, 257 (1852); cf. Chem. 
Zentr., 161, 185(1853). 
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though its solubility is very high, the crystals have a tendency 
to stick to one another, forming flocks when in contact with water, 
and this makes the dissolution comparatively slow. In the rate study 
of B' <=± BH' -* AH', therefore, a stock solution containing a known 
amount of B' was prepared and stored ice-cold, and a certain 
amount of this stock solution, after being brought to the desired 
temperature, was mixed with a certain amount of a solution con­
taining perchloric acid and sodium perchlorate. Because of this 
manipulation the temperature control was not as satisfactory as 
in the study of AH' -* BH' or AH' -* C 

The pH was measured by a Beckman Model G pH meter cali­
brated by using Beckman standard buffer solutions of pH 4.00 
and 6.86. 

The epr measurements were carried out with a Varian V-4500 
spectrometer with 100-kc/sec modulation, operating at 9500-Mc/sec 
and room temperature. In contradistinction to any of the other 

paramagnetic compounds of cobalt, the binuclear cobalt-peroxo 
complexes show strong epr absorption even at room temperature. 

Fitting of straight lines to the experimental points was done with 
the aid of a least-squares computer program (IBM 1620). 
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Cyclobutadiene-Metal Complexes. IX.1 

Tetraphenylcyclobutadienecobalt (I) Complexes2 
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Abstract: The complexes R4C4Co(CO)2X (R = C6H5, /J-CH3C6H4; X = halogen) have been prepared by ligand-
transfer reactions from [R4C4PdX2J2. The reactions of R4C4Co(CO)2X show considerable similarity to those of 
7T-C5H5Fe(CO)2X, and evidence for a very strong metal-ring bond in the cobalt complex is presented. Reaction of 
R4C4Co(CO)2Br with C6F5Li gave the very stable cr-pentafiuorophenyl complex R4C4Co(CO)2C6F5. With aromatic 
hydrocarbons in the presence of AlCl3, R4C4Co(CO)2Br gave the stable [R4C4Co(arene)]+; cycloheptatriene also re­
acted with R4C4Co(CO)2Br in the absence of a catalyst to give [R4C4CoC7H8]+. Nucleophilic attack occurred readily 
at the C7H8 ring in [R4C4CoC7H,]+ and less easily at the benzene ring in [R4C4CoC6H6] + to give the (R4Q)Co(cyclo-
heptadienyl) and the (R4C4)Co(cyclohexadienyl) complexes, respectively. The order of susceptibility of x-complexed 
ligands in metal d8 complexes toward nucleophilic attack, cycloheptatriene > benzene > (R4C4) > cyclopentadienyl, is 
proposed. A novel method for effecting hydride abstraction is reported. Aniline in [Ph4C4Co(aniline)]+ is less basic 
than aniline itself by approximately 1.5 pK units. 

Ageneral method for the preparation of tetraphenyl-
cyclobutadiene (Ph4C4) metal complexes by ligand 

transfer from the readily accessible (Ph4C4)-palladium 
halide complexes4 ( l a ) has been developed.5 In these 
reactions the palladium complex ( l a ) is allowed to react 
with a metal carbonyl, and transfer of the (Ph4C4) group, 
frequently in high yield, onto the other metal occurs. 
N o detailed studies have yet been carried out on these 
reactions but a possible mechanism has been outlined.6 

A particularly interesting and fruitful application of this 
reaction has been to the synthesis of the (tetraphenyl-
cyclobutadiene)cobalt dicarbonyl halides (2a) by reac­
tion of l a with dicobalt octacarbonyl in dichloro-
methane at 25°. 

(1) Part VIII: D. F. Pollock and P. M. Maitiis, Can. J. Chem., 44, 
2673(1966). 

(2) Part of the work described here has been the subject of prelimi­
nary communications: (a) P. M. Maitiis and A. Efraty, J. Organometal. 
Chem. (Amsterdam), 4, 175 (1965); and(b) A. Efraty and P. M. Maitiis, 
Tetrahedron Letters, 4025 (1966). 

(3) Author to whom any correspondence should be addressed. 
(4) A. T. Blomquist and P. M. Maitiis, J. Am. Chem. Soc., 84, 2329 

(1962); P. M. Maitiis and M. L. Games, Can. J. Chem., 42, 183 (1964). 
(5) P. M. Maitiis and M. L. Games, / . Am. Chem. Soc, 85, 1887 

(1963); Chem.Ind. (London), 1624(1963); P. M. Maitiis and A. Efraty, 
/ . Organometal. Chem. (Amsterdam), 4, 172 (1965). 

(6) P. M. Maitiis, Adian. Organometal. Chem., 4, 109 (1966). 

Results 

The complexes 2a (X = Cl, Br, and I) were obtained 
from the (Ph4C4)-palladium halide complexes la (X = 
Cl, Br, and I) in yields ranging from 65 to 17% (Table 
I). The analogous tetrakis(/j-tolyl)cyclobutadieneco-
balt dicarbonyl bromide (2b, X = Br) was obtained 

R 
-PdX2 + Co2(CO)8 

CH ; C1 Z . 

Ia, R = phenyl 
b, R=p-tolyl 

Co(CO)2X 

2a, R = phenyl 
b, R - p - t o l y l 

similarly. As obtained, the complexes 2 were usually 
analytically pure but, as they showed quite a high 
paramagnetism, it was at first thought that they repre­
sented a new type of paramagnetic Co(I) complex.23 

After very careful purification, however, it has now been 
possible to obtain this material with quite low magnetic 
susceptibilities. Solutions of the complexes also show 
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