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Oxygen-carrying Synthetic Chelate Compounds. II. The Rates of Oxygenation of 
the Solid Compounds1 

B Y C. H. BARKELEW1* AND M. CALVIN 

The rate of reaction of oxygen with three cobalt 
chelates has been studied in an attempt to de­
termine the process by which the oxygenation 
takes place. The compounds were: cobalt 
salicylaldehyde ethylenediimine, I; its 3-fluoro 
derivative, I I ; and its 3-ethoxy derivative, III . 
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Apparatus.—The apparatus is diagrammed in 
Fig. 1. I t consisted of a thermostatted reaction 
vessel, two mercury-filled gas burets, a mercury 
manometer, an oil manometer, and an oxygen 
reservoir. Measurements were made by ad­
mitting oxygen, at the desired pressure, into the 
outgassed sample, and measuring the gas volume 
at regular time intervals at constant temperature 
and pressure. 
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Fig. 1.—Diagram of the rate measuring apparatus. 

For efficient temperature control, a copper 
sample tube, Fig. 2, was used. The bath liquid 
was circulated through the central tube; the 
radial fins insured good thermal contact. Use 
of this type of vessel was indicated because of 
the exothermic nature of the reaction. It was, 

(1) The work herein reported was done under contract OEMsr-279 
between the National Research Defense Committee and the Univer­
sity of California. 

(Ia) Present address: Shell Development Co., San Francisco, 
Calif. 

however, demonstrated that heat transfer was 
not a likely factor in the rate measured in the 
copper tube, by comparing the uptake rate in the 
copper tube with that in an insulated vessel, 
Fig. 2. At room temperature, there was no ob­
servable difference in uptake rate of the 3-fluoro 
compound, but at temperatures below 0°, the 
rates in the glass were quite appreciably faster 
than those in copper. A rapid temperature rise 
was observed in the glass tube. The copper runs 
could be fitted to known rate laws; the glass runs 
could not. Since the rate increases with rising 
temperature in the region below 0°, the observa­
tions prove that heat conductivity does not limit 
the rate of reaction in the copper vessel. Small 
deviations from the rate laws during the initial 
half of the reaction were attributed to local heat­
ing. 
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Fig. 2.—Sample vessels; the isothermal vessel is con­

structed entirely of copper, the adiabatic one entirely of 
glass. 

The Rate Laws for the Reaction.—Typical 
uptake curves for the compounds are shown in 
Fig. 3, with the conditions as indicated on the 
figure. The rate laws were determined by the 
usual method of plotting logarithmic and re­
ciprocal functions and testing for linearity. Thus, 
if the rate were proportional to the first power of 
the unreacted chelate available, A 

d(02)/d< = A[Po1[A] 

where (Oj) represents the oxygen absorbed and 
Po1 represents the constant pressure of oxygen 
in the system. Since the- pressure is constant, 
we may write 

d(02)/d< = A1[A] 
The remaining unreacted chelate is given by the 
difference between the starting chelate, (A0), 
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Fig. 3.—x—x, CoSaIEn at 25° and 76.0 cm. O8; O - O , 
Co-3EtoSalEn from pyridinate at 25° and 15.1 cm. O2; 
O—O, Co-3FSalEn at 25° and 15.1 cm. O2. 

and the amount of oxygen absorbed, (O2), so that 
d(0 2 ) /d i = ki[(A0) - (O2)] 

which upon integration becomes 
- I n [(A0) - (O2)] = kit + constant 

Since at t = 0, (O2) = 0, we have 
- I n [(A0) - (O2)] = kit - In(A0) 

(Ao) - (O2) -In = kit 

-('-S)- kit 

(A0) 

(O2)N 

(Ao), 

Expressing both the (O2) and (A0) in terms of the 
per cent, by weight of oxygen absorbed, the useful 
relation is 

- i n (\ - % absorbed \ _ 
\ total capacity {%)) ~ *l 

In a similar fashion, if the rate were proportional 
to the second power of the unreacted chelate 

d(02)/d* = *2[A]2 

which upon integration gives 
l 

1 -
% adsorbed 

= ht 

total capacity (%) 

As shown in Figs. 4, 5 and 6, the oxygenation of 
the parent and its 3-ethoxy derivative are first 
order with respect to chelate concentration, while 
that of the 3-fluoro derivative is second order. 

Temperature Dependence of Rate; Activation 
Energy.—The activation energies of the reac-
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Fig. 4.—CoSaIEn, - 3 0 ° , 76.0 cm. O2. 
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Fig. 5.—3EtO, 25°, 15.1 cm. O2. 

tions were determined in the usual way; the 
rate constants, at constant pressure, were deter­
mined at a series of temperatures, and the natural 
logarithm of- k, the rate constant, was. plotted 
against reciprocal temperature, giving a straight 
line whose slope was equal to — AE/R. Figure 7 
shows these plots, giving the following activation 
energies: I, 7,000 cal.; II, 5,000 cal.; I l l , 10,000 
cal. 

The reaction rates show an unusual tempera­
ture dependence, due to the fact that we were 
studying reactions near equilibrium condition. 
At low temperature, —80 to 0°, the reactions 
were well-behaved, but at higher temperatures, 
the rates fall off from the values determined by 
the activation energies, reaching a maximum, 
then decreasing rapidly above this optimum 
temperature. Induction periods are apparent 
in the higher temperature curves. Two typical 
families of curves are shown in Figs. 8 and 9, show-
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ing the behavior of II and III. The optimum tem­
peratures were estimated to be + 3 5 and +25°, 
respectively. Similarly, the parent compound 
was shown to have an optimum temperature of 
+10° at 1 atmosphere oxygen pressure. 
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The Effect of Pressure.—To determine the re­
action order with respect to oxygen pressure, we 
determined the rate constants at a series of pres­
sures of oxygen for two of the compounds. 
Figures 10 and 11 show plots of k, as defined pre­
viously, against pressure, for II and III under the 
conditions indicated. Both are clearly first order 
with respect to oxygen. 

The effect of pressure on the rate of uptake of 
II was studied at temperatures well above the 
optimum. Figure 12 shows three typical uptake 
curves. Since it was impossible to determine rate 
constants by the usual method, due to the induc­
tion period, the slope of the uptake curve at 50% 
oxygenation was arbitrarily set equal to the rate 
constant and plotted against pressure. Figure 13 
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Fig. 8.—Effect of temperature, 0 C , on absorption by the 
3Fcompound: 0 ,0 ; 0 ,5 ; 0,10; ®, 15; 0,20; 1,25-40; 
X, 45; A, 50; + .60 . 

shows three such plots, at temperatures indi­
cated. I t can be shown thermodynamically 
that the reaction rate should be dependent upon 
the excess of oxygen pressure over the equilibrium 
value provided the absorption rate far from equi­
librium is first order with respect to oxygen pres­
sure; thus, these plots enable us to estimate 
vapor pressures. The values are: 35°, 2.0 cm.; 
60°, 13.0 cm.; 65°, 17.5 cm. Substitution in the 
Clausius-Clapeyron equation yields^ a value of 
AiI of —15.3 kcal./mole, contrasted^with the 
calorimetrically-determined value of —20 kcal./ 
mole. 

The Optimum Temperature.—If we define r 
as (d02/d/) which is equal to k(P0, - P01)Z(A) 
where k is the rate constant, Po1 is the pressure, 
Po, is the equilibrium pressure, and /(A) is [A] or 
[A]2, depending on the reaction order with re­
spect to chelate, and since 

k = Cie-^E/RT and P0, = e-^/RT 

where AE is the activation energy and AP is the 
free energy of the reaction, we have 

r = C,e- LEZRT[P01 - e-AF/.Rr]/(A) 

and 
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W) Pa 

CJ(A) [^e-AEZRT[P02 - e-*F/RT) + 

e-AE/RTi-^K e-AF/RT 
(RT2 

at the optimum temperature, Topt, dr/dt = 0 

C,f{A)e RT, 1- T AE „ - ~ - \ A// , 
lRT\ 

AE 
RT*m :!]-

AEPo, - e-^r/RTopt { AH + AE\ = 0 

solving for T0],t gives 

T opt = — 
-AH 

Substituting known values of AE, AH and AS,2 

leads to the following values for Topt: 

I 
II 

III 

Topt (calcd.) 

+ 5° 
+40° 
+30° 

r o p t (meas.) 

+ 10° 
+ 35° 
+25° 

The Mechanism of Oxygenation.—Before de­
vising a mechanism consistent with the above 
observations, it will be necessary to consider a 

10 
Time, minutes. 

Fig. 9.—Effect of temperature , 0 C , on absorption by the 
3EtO compound, 15.1 cm. O2: O, 0; 9, 5; (D, 10-30; 
0, 40; 0, 50; ®, 60. 

(2) The values of AH and AS were obtained from the calorimetric 
measurement of the heat of reaction by Taylor, Miller and Calvin 
(forthcoming) and the equilibrium pressure measurement of Hughes, 
Wilmarth and Calvin, THIS JOURNAL, 68, 2273 (1946). 
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-Effect of oxygen pressure on the 1st order rate 
constant for the 3EtO compound at 0°. 

few physical characteristics of the active chelate 
compounds. 

First, there is the particle size of the material. 
The method of formation of the active material, 
forced desolvation of crystalline solvates, indicates 
that the crystals must be very small, since it is 
not likely that relatively large pyridine or piper-
idine molecules could be removed from a lattice 
without tearing it asunder. Clear, neither blurred 
nor spotty, X-ray powder patterns could be ob­
tained without grinding with both active and com­
pletely oxygenated samples of all compounds, 
as well as all intermediate stages of oxygenation, 
indicating a crystal size of between 10~3 and 1O-6 

cm. Microscopic examination of an active sample 
showed it to be a mass of randomly oriented 
crystallites of minute size. It appears from the 
the above-mentioned X-ray data that peroxide 
particles of this size are formed early in the oxy­
genation process. 

There are two types of gas diffusion to be con­
sidered in the reaction: that through the gas 
phase, in the pores and cracks of the crystals, 
and that through the "holes" in the crystal lat­
tice. These "holes" are passages through the 
lattice shown by X-ray analysis to be present in 
all active compounds and absent in at least the 
inactive form of the parent compound. If 
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-Effect of oxygen pressure on the oxygen absorp­
tion by the 3F compound at 60°. 

either type of diffusion were to determine the 
rate, physical considerations lead us to the con­
clusion that the latter type would be the slower. 
A reaction whose rate-determining step is this 
type of diffusion would consist of surface forma­
tion of peroxide centers on the crystallites, with 
the peroxide phase slowly progressing toward 
the center. Mampel3 has considered the mathe­
matics of such a reaction, and has shown that for 
particles that are small compared with the dis­
tances travelled by gas molecules in unit time, the 
reaction is first order with respect to solid. This 
diffusion limited reaction fails to account for the 
second order reaction of the 3-fluoro compound, 
or for the fact that relatively large peroxide cen­
ters are formed early in the process. Considera­
tion of this latter point shows that diffusion must 
be rapid, with some other process determining 
the rate of uptake. 

Since we cannot have free diffusion of chelate 
molecules through the lattice, we are forced to 
postulate a multi-step reaction to explain the 
second order behavior of the 3-fluoro compound. 
A rapid equilibrium followed by a rate determin­
ing step is consistent with the second order reac­
tion. Retaining the same two reactions but 
making the second one a rapid follow reaction 
after the initial rate determining step would give 
a first order rate. Thus we can write the follow­
ing sequence of events : 

1. Formation of activated oxygen molecules 
in proportion to the number of unoccupied che­
late molecules in the crystal mass 

k[ 
[A] + O 2 ^ T i O2*; a t equilibrium O2* = Kieq[A]P02 

k" 

The equilibrium for this reaction will always be 
relatively far to the left. The nature of the ac­

ta) Mampel, «. phxsih. Chtm., 187, 43, 335 (1940). 
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Fig. 13.—Determination of the equilibrium pressure a t 
50% oxygenation over the 3F compound from rate meas­
urements. 

tivated oxygen molecules is of great interest. 
They must be such as to have available to them 
the entire crystal mass; they must be capable 
of passing from crystallite to crystallite (at their 
contact points presumably) as well as through 
each crystallite. In other words, it behaves as 
though it were in solid solution in the entire crys­
tal mass. An identical behavior would obtain 
if one assumes that the surface-volume ratio is 
the same for all preparations of a given compound 
and that this first reaction is a surface reaction. 
One suggestion is that this oxygen is bonded to 
only one chelate molecule and is free to migrate 
from cobalt atom to cobalt atom throughout the 
solid sample 

k{ 
A + O2 T"*" AO2; at equilibrium [AO2] = .STi e, [A]P0, 

*f 
with no change in the position of the chelate 
molecules, i.e., no phase change. 

2. The next step is the formation of the com­
plete oxygenated pair of chelates in some crystal­
lite brought about by a suitable collision of one of 
these activated oxygens with another chelate 
molecule 

AO2 + A • A2O2 

At this point the rearrangement of the chelate 
molecules commences. Once the rearrangement 
has begun in any given crystallite, the complete 
oxygenation of that crystallite follows very rap­
idly, probably not only through the agency of the 
activated oxygen but directly by oxygen from the 
gas phase as well. 

In the case of the second order reaction, the 
first step will be a rapid reversible equilibrium 
and the rate of oxygen absorption will be propor­
tional to the rate of formation of the complete 
oxygenated pairs involving the movement of 
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chelate molecules into their new positions. This 
is given by 

d(02)/d* = U [AO2] [A] 
or 

d(02)/d/ = ^ , • , . P o . I A ] ' 

Since the reactions are done a t constant oxygen 
pressure 

Cl(O2Vd/ = MA]2 

For the first order reaction the first step will be 
the slower with the rate given by 

d(02)/d/ = k ,[A]P0, 

or a t constant Po2 

d(02)/d< = MA] 

The Induct ion Period.—The behavior of the 
reaction a t tempera tures above t h e op t imum is of 
interest in t h a t induction periods are observed 
with all compounds This autocatalysis is con­
sistent with the mechanism proposed above if we 
assume the rates of the two main steps, h and fe2, 
to have temperature coefficients such tha t they 
become comparable a t higher temperatures. I t 
is well known tha t consecutive reactions of nearly 
equal rates lead to an induction period in the 
formation of the final product, since the rate of 
formation of the lat ter is proportional to the 
concentration of an intermediate, which is also 
increasing with time. 

These results can be achieved somewhat more 
formally from a steady state analysis of the reac­
tion. If the steady state concentration of [AO2] 
and its ra te of change with t ime remain small, the 
rate of O2 uptake is given by 

Jb2̂ f(A)HQ2) 
ki + H(A) 

A first order reaction will be observed if H (A) is 
large with respect to k" and k{; tha t is, if the 
first step is the slower; a second order reaction 
will be observed if k{ ^, k{ » H (A); t ha t is, 
under conditions of a rapid reversible first step. 
An induction period will be observed if k'{ = H, 
since it can be shown tha t the ra te of oxygen up­

take reaches a maximum at an intermediate value 
of (A) under these conditions. 

The phenomenon of the opt imum temperature 
is observed since we are studying a reaction near 
equilibrium; similarly, a negative temperature 
coefficient of the rate of the first step in the proc­
ess outlined above could be expected above its 
opt imum. Thus the induction period in the 
second order reaction is caused by a slowing of the 
rate of oxygen activation, and in the first order, 
it is caused by a slowing of the second or main re­
action, both of which are properties of systems 
near equilibrium. 

I t is known tha t different preparations of the 
same material can have different rates. For 
example, the 3-ethoxy compound can be prepared 
from a yellow hydrate , in addition to t ha t pre­
pared from the red hydrate . The active powders 
were identical in every respect except rate, t ha t 
from the red being considerably faster. This is 
interpreted as exposure of different lattice faces 
in the crystallite caused by different activation 
processes. 

The molal paramagnetic susceptibility of a 
sample of the parent compound, I1 was determined 
a t a series of oxygenations, and found to decrease 
linearly from a value of +2 ,490 X 10~6 a t 0 % 
oxygen to + 1 6 0 X 10~6 a t saturation. This in­
dicates a single unpaired spin in the active ma­
terial, which in the peroxide is paired with one of 
the oxygen electrons. 

Summary 
It has been shown from kinetic considerations 

that the oxygenation of cobalt chelates probably 
takes place in several steps, that it involves an 
activated oxygen, and that diffusion is rapid. 
The induction period is believed to result from 
the same effects which lead to the phenomenon 
of the optimum temperature; namely, the be­
havior of a reaction near equilibrium conditions 
and the existence of successive reactions of com­
parable rates. 
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