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Oxidation of Aqueous Sulfide Solutions by Dioxygen
Part 11: Catalysis by Soluble and Immobilized Cobalt(I1) Phthalocyanines
Holger Fischer, Gunter Schulz-Ekloff, and Dieter Wohrle *

The oxidation of sulfide in oxygen-saturated aqueous solutions is accelerated by dissolved or silica-bonded cobalt phthalocyanines. On the basis of thermodynamical considerations it is postulated that the catalyst enhances the formation of disulfide as the initial
elementary reaction step. The following reaction steps are largely unaffected by the catalyst, as indicated by a product ratio sulfate/thiosulfate=0.86, comparable to that of the
uncatalyzed autoxidation. A Langmuir-Hinshelwood formalism is developed for the catalytic reaction step and is demonstrated to fit best with the kinetics. In addition, from the
kinetic data free enthalpies for the adsorption of HS- (i) at the dissolved phthalocyanine
(AG=-17.6 kJ/mole) and (ii) at the immobilized complex (AG=-20.0 M/mole) are calculated.

1 Introduction

R

Process gases of the petrochemical industry are often
cleaned by alkaline washing, resulting in waste solutions
containing sulfide as a pollutant. Cobalt phthalocyanines,
which are proven catalysts for the oxidation of mercaptans [l], have been tested for the oxidation of sulfide [271. In principle, phthalocyanines (structure see Fig. 1) are
appropriate materials for catalysis under ambient conditions, since they exhibit sufficient thermal stability and resistance towards oxidants, acids, and bases [8, 91. They
can exhibit high activity and stability not only as soluble
but also as immobilized catalysts, where the heterogenization can comprise adsorption or impregnation as well as
covalent or coordinative bonding at the carrier [7, 10-131.
The role of the phthalocyanine catalyst in the sulfide oxidation sequence, which proceeds also in the autoxidation
process without catalyst, is not clear. The preferential formation of thiosulfate is reported [4, 51. As an initial elementary step the adsorption of HS- [2, 61 or of O2 [3] to
the cobalt center of the complex is assumed. The kinetics
have been modelled by power rate laws [2] or a Michaelis-Menten equation [3]. It is the aim of this contribution
to elucidate the role of the catalyst in the oxidation of sulfide studying the kinetics and selectivities under conditions which were also applied for the autoxidation of sulfide without catalysts [14].
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Figure 1. Structure of used cobalt(I1) phthalocyanine, R=-S03Na or
-NH2.

2 Experimental
2. I Apparatus and Chemicals
All sulfide oxidation experiments were carried out at
298 k 0.1 K in a thermostated glass reactor, as described
in a preceeding article on the uncatalyzed autoxidation of
sulfide [14]. The constant total reactor volume of 600 mL
contained 120 mL borate buffer for the experiments at
p H 9 or aqueous 1 M NaOH for studies at pH 14,
10-50 mL of fresh sulfide stock solution (0.7-0.8 M),
added immediately at the start of a kinetic experiment
from a storage burette, 0.18-17.6 pM of the soluble
0930-7516/97/0912-0624 $17.50+.50/0
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phthalocyanine or 0.05-1.7 pM of the immobilized complex suspended in the solution mixture, and deionized
water or aqueous 1 MNaOH for the experiments at
pH 14, added for the balance of the 600 mL. The kinetics
were followed continuously via the oxygen consumption
as well as discontinuously via the sulfide conversion measured by a HPLC system (Merck) being connected online to the reactor. All chemicals used were of reagent
grade. Stock solutions of sodium sulfide as well as calibration standards for the HPLC from these solutions were
prepared as described previously [ 141. Sulfide, polysulfides, sulfite, and thiosulfate are detectable by UV [15].
Sulfide and thiosulfate were quantitatively determined by
HPLC. Sulfite and polysulfides were below any detection
limits. Elemental sulfur is a stable colloid up to -5 pM
[ 161, and larger concentrations appear as precipitate. Sulfate was identified by a modified gravimetrical method as
BaS04 [14].

Soluble cobalt(I1)-tetrasulfophthalocyanine was prepared
from the monosodium salt of 4-sulfophthalic acid [17].
The resulting tetrasodium salt of 2,9,16,23-cobalt(II)phthalocyanine-tetrasulfonic acid ( C O P C ( S O ~ N ~was
)~)
used as catalyst.

2.3 Kinetics
All initial kinetics with a reaction order # O were treated
as pseudo-first-order reactions. The initial rates of 0 2 conversion were calculated by the method presented in part I
[ 141. The non-catalytic autoxidation rate (VO, nOn.CBt.)r evaluated se arately and yielding vg. N ~ , S= 3.04.1 0-5
(cg,Na2S)0.78 and v0,02=4.03.
( c o , N ~ $ ~ ~was
,
subtracted from the catalyzed overall conversion. The result
is defined as 'effective initial rate'
V0,eff.

VO

- V~,non-cat.

(3)

Reaction orders in time (n,) were calculated as already described in [14].

Cobalt(I1)-tetraaminophthalocyanine, coordinately immobilized on surface-modified silica (Sillrn-C~Pc(NH~)~),3 Results
was prepared by the method of Buck et al. [12, 181. The
first step is the modification of silica (Merck Fractosil 3.1 Soluble Catalyst
ZOOTM: grain size ~ 8 0
m pore diameter >250 nm, surface area (BET)=8.3 mY g: ') with 3-(chloropropyl)-tn- 3.1.1 Sulfide Oxidation at PH 9
methoxysilane and imidazole:
The influence of varied initial sulfide concentration (1.383 mM) on the conversion kinetics was studied with a
OCH3
constant
concentration (1 pmole = 1.7 pM) of the waterI
m-xylol
soluble c o P ~ ( S 0 ~ N a The
) ~ . results are summarized in
SiOz + CH3O-Si -CH~CHZCHZCI+ €1-N
I
b N /
Tab. 1 and are reliable with r20.99.
OCH3

SOz

(1)

Table 1. Initial rates vo and effective rates V O . ~ ~for
. sulfide oxidation
on catalyst CoPc(S03Na)4 (1.7 pM) and different initial sulfide concentrations co derived from sulfide A and oxygen B consumption.
Exp. no.

co [mM]

A [pM S-'I

1
2
3
4 a)
5 b'
6
7
8
9
10
11

1.3
6.2
13.6
13.7
14.3
19.9
27.1
33.4
33.7
42.9
82.9

0.5
3.0
4.1
4.8
5.5
5.6
5.7
5.5
5.2
9.9
8.1

B [pM s-'1

-

'SilIm'

The second step is the synthesis of cobalt(I1)-tetraaminophthalocyanine (COPC(NH,)~)by the reaction of CoCl2
with 4-aminophthalodinitrile [ 181, followed by reduction
with Na2S to the corresponding amine [19]. Final step is
the immobilization, performed by adding the modified silica to a suspension of C O P C ( N H ~in) ~DMF and stimng
4 h at 353 K [ 121 (s. scheme S ~ I I ~ - C O P C ( N H ~ ) ~ ) .
The stoichiometry of the chelates was checked by elemental analysis (C,N,H). The chelate content of the SilImC O P C ( N H ~sample
)~
is 2.6 pmoles g-', measured by cobalt-AAS (atomic absorption spectroscopy).

a) 1.9 pMol L-' c o P ~ ( S 0 ~ N a ) ~ .
b) 1.8 pMol L-' c o P ~ ( S 0 ~ N a ) ~ .

0.3
2.5
3.1
3.4
4.3
4.1
4.0
3.4
3.1
7.4
3.9

2.7
8.1
5.2
7.6

1.7
6.3
3.1
5.6

8.6
9.8
6.9
12.1
10.6

5.7
6.3
3.4
8.0
4.0
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Figure 2. Temporal increase of oxygen consumption and decrease of
sulfide concentration on catalyst CoPc(S03Na)4 for initial sulfide
concentrations of 14.3 mM (a) or 42.9 mM (b). The fit-functions
used for evaluation of the initial reaction rates are included.

Kinetics are presented exemplarily (Fig. 2) for two experiments (5 and 10, Tab. 1). From a comparison of the overor with
all rates vo with the effective catalytic rates vo.O.eff.
the differences (cf. Eq. (3)), respectively, representing the
uncatalyzed autoxidation rates (Tab. l), it follows that the
catalyst increases the sulfide conversion by a factor of ca.
3 for low CO,N=,S and ca. 2 for high C O , N ~ , Svalues. The
use of a catalyst results in an immediate start of the sulfide oxidation (Fig. 2) without any autocatalytic induction
period as observed always for the uncatalyzed reaction
r 141.
A plot of In ~ ~ , ~versus
f f .
In co (Fig. 3) using the data of
Tab. 1 indicates a saturation behavior for higher initial
sulfide concentrations, i.e., a reaction order ranging from
1 to 0, which was never observed for the autoxidation reaction. At higher degrees of conversion, however, the reaction patterns approach those of the uncatalyzed reaction. For experiment no. 5 (Tab. 1) with co=14.3 mM a
linear least square analysis of In v, versus ct gives
rz,=2.48+.0.14, In k=-1.27+0.21 and r=0.984, i.e., values comparable to the pure autoxidation [14].
The final product distribution is identical to that of the uncatalyzed reaction, i.e., 30% of the sulfide is converted to
sulfate and 70% to thiosulfate, resulting in a molar ratio sulfate/thiosulfate= 0.86 with standard deviations of f 10%.
Experiments with varied catalyst concentrations are summarized in Tab. 2. Fig. 4 shows exemplarily the oxygen
and sulfide consumption plots for the experiments no. 13
and 15 from Tab. 2 with 0.53 and 17.6 pM catalyst. One
can observe the transition from a behavior like the non-catalytic sulfide oxidation with a short induction phase for experiment no. 13 to a reaction order of zero for experiment
no. 15 with high catalyst concentration. This means that ex-

Figure 3. Plot of In v ~ . versus
~ ~ .In co on catalyst CoPc(S03Na)4
derived from sulfide and oxygen consumption (Tab. 1). The fit-functions obtained by Michaelis-Menten (Eq. (4)) and Langmuir-Hinshelwood formalism (Eq. (9)) are included.

x x cCal = 0.53 ~ I Vsulfide
.
C,l

= 0.53 $4,

0 2

+ + cCal.= 17.6 pM, sulfide
cCar =

17.6 /tM,02

m
I

a

t

(min)

Figure 4. Temporal increase of oxygen consumption and decrease of
sulfide concentration on catalyst CoPc(S03Na)4 for ccat.= 17.6 and
0.53 pM.

Table 2. Initial rates vo and effective rates V O , ~ for
~ . sulfide oxidation
on catalyst CoPcfSOsNa)., at constant C O , N ~ ? S= 14.3 mM and different catalyst concentrations ccat.derived from sulfide A and oxygen B
consumption.
Exp. no.

12

13
5 a)
14
15

ccat.[pM]

0.18
0.53
1.8
5.3
17.6

A [pM s-'I

B [pM s-'1

"0

"0. eff.

VO

1.9
2.6
5.5
12.4
19.0

0.9
1.6
4.5
11.4
18.0

3.0
4.1
1.6
12.6
13.0

a) Result taken from Tab. 1.

V0.d

1.1
2.2
5.8

10.8
11.2
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periments with ccat22pM (nos. 14 and 15, Tab. 2) can be
considered as zero-order in kinetic calculations. Further,
with increasing catalyst concentration (Tab. 2, exp. no.
15) the sulfide conversion rates (Tab. 2,A) are higher than
the oxygen consumption rates (Tab. 2, B). Additionally,
only in this single experiment sulfur precipitation was observed and the selectivity was strongly changed, i.e., 72%
of the sulfide was converted to thiosulfate and only 6% to
sulfate. This means that the sulfur production (ca. 22%) reduces the formation of sulfate but not that of thiosulfate.

-11

1
..
\

*

From a linear least squares fit of In VO,~R.versus In cat.
Michaelis-Menten-fit
- - - Langmuir-Hinshelwood-fit
(values from Tab. 2) kinetic coefficients are extracted:
nCa,=0.68+0.03,In k=-3.16k0.07, r=0.998 for the O2
-16
I
I
'
I
I
i
consumption, and nca,=0.77+0.05, In k=-2.1420.12,
-7
-6
-5
-4
-3
-2
r=0.994 for sulfide conversion. Only experiment no. 15
In GI
exhibited a deviation due to its different kinetics (cf.
above) and had to be excluded from this calculation.
Figure 6. Plot of In vO,eff.versus In co from Tab. 3 for experiments at

.

I

pH 14. The fit-functions obtained by Michaelis-Menten (Eq. (4)) and
Langmuir-Hinshelwood formalism (Eq. (9)) are included.

3.1.2 Sulfide Oxidation at pH 14
Five experiments have been carried out in unbuffered
1 M NaOH solution with 1.7 pM c o P ~ ( S 0 ~ N as
a ) cata~
lyst. The initial sulfide concentration was varied from 1.5
to 97.5 pM (Tab. 3). The sample circuit was dismounted
to prevent any damage to the HPLC system by the

Table 3. Initial rates "0 and effective rates V O , ~ for
~ . sulfide oxidation
on catalyst CoPc(SO,Na), (1.7 pM) at pH 14 and different initial
sulfide concentrations co derived from oxygen consumption.

16
17
18
19
20

1.5

4.5

4.4

8.4
9.5
10.8
8.1

15.1
44.2
97.5

4.3
7.9
8.1
7.3
1.3

strongly basic solution. Thus, only oxygen consumption
data could be retrieved from this set of experiments. The
resulting plots of total O2 consumption versus time are
shown in Fig. 5. The reaction order in time is obviously
zero, and vo values were directly calculated by a linear
least squares fit. They are listed in Tab. 3, together with
corresponding vo.O.eff,values, calculated from the database
of the pure autoxidation [ 141.
A remarkable result is that the oxygen consumption rate
increases at low co, then stays nearly constant, and finally
strongly decreases at high co values. This effect is
.,
the catalytic
strongly enlarged by calculating v ~ , ~ f f i.e.,
activity drops nearly down to zero (Tab. 3, no. 20). A
~ ~ . In co (Fig. 6)
double logarithmic plot In v ~ , versus
shows also a saturation effect as observed for the catalyzed reaction at pH 9 (cf. Fig. 3). A diffusion limit for
oxygen can be excluded, because higher consumption
rates were reached at lower initial concentrations, and the
graph for experiment no. 20 (Tab. 3) with co,Na,s=97 mM
shows a lower initial rate than the experiments with lower
co, but the rate increases during the reaction run.

3.2 Immobilized Catalyst
380 mg of the immobilized catalyst ( S ~ ~ I ~ - C O P C ( N H ~ ) ~ ,
containing 1 pmole phthalocyanine ( = 1.7 pM) were suspended in the sulfide oxidation solutions; the results are
summarized in Tab. 4. A blank experiment using 380 mg
support without catalyst exhibited an induction period and
resulted in vo values comparable to those for the uncatalyzed autoxidation of sulfide [ 141.

Figure 5. Temporal increase of the 0 2 consumption on catalyst
CoPc(S03Na)4at pH 14 and initial sulfide concentrations of co= 1.497.5 mM.

Kinetics of the catalyzed reaction are presented exemplarily
for two experiments (22 and 26, Tab. 4) in Fig. 7. Due to
linear progress of the initial conversions the evaluation
was based on zero-order kinetics. Double logarithmic plots
of In v ~ , versus
~ ~ , In c ~ , ~ ~resulted
, S
in graphs of a slope
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Table 4. Initial rates '0 and effective rates Vg,ew. for sulfide oxidation
on catalyst SilIm-CoPc(NHz)4 (1.7 pM) and different initial sulfide
concentrations cg derived from sulfide A and oxygen B consumption.
Exp. no.

21
22
23
24
25
26
27

co

[mM]

1.6
13.3
13.9
15.8
33.3
54.3
12.9

B [pMs-I]

A [pM S-I]
VO

''0, eft

1.9
4.3

1.8
3.3

2.8
3.5
5.3
1.1

1.7
1.5
2.3
0.13

VO

vo. cff.

4.5
4.2
3.0
5.0
6.1
1.3

2.7
2.4
1.o
1.6
1.2
-0.4

The catalyzed oxidation exhibits initial reaction orders or
reaction orders in concentration (nc),respectively, close to
unity and reaction orders in time (at)of ca. 2.5 for moderate initial sulfide concentrations. This behavior resembles
that of the pure autoxidation and justifies the power-rate
law modeling for the reaction start. The saturation effects
appearing at moderate catalyst concentrations and high
initial sulfide concentrations (Figs. 3, 6 ) or at high catalyst concentrations and moderate initial sulfide concentrations (Fig. 4) cannot be modeled by a power-rate law and
will be treated in the following section.

2
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Figure 7. Temporal increase of the oxygen consumption and decrease of the sulfide concentration on catalyst SilIm-CoPc(NH2)4for
initial sulfide concentrations of 13.3 mM (a) or 54.3 mM (b). The
slope graphs representing the initial reaction rates are included. A
blank experiment on surface-modifiedsilica is inserted in (a).
.
sulfide oxidation
Table 5. Initial rates 1'0 and effective rates I ' O . ~ ~for
on catalyst SilIm-CoPc(NHz)4 at different catalyst concentrations
(ccat,) derived from sulfide A and oxygen B consumption.

22
28
29
30

4.I Kinetics

The most striking effect of the catalyst is the elimination
of the induction period which always appears in the uncatalyzed autoxidation of sulfide. Obviously, the catalyst
can accelerate the formation of disulfide, which has been
considered to be the slowest step in the autoxidation reaction for thermodynamical reasons [ 141.

4

3

4 Discussion

4.1.1 Power Rate Law Modeling

a) Blank experiment on 380 mg support.

I

n,=0.57?0.06 and In k=-10.0420.15 (r=0.939). The
molar ratio sulfate/thiosulfateis 0.54. The study of the reaction order in catalyst concentration was only possible
with catalyst amounts smaller than the standard value
1.7 pM (Tab. 5). As for the soluble catalyst, reaction orders
in catalyst concentration < 1 were found in a double
: neat. = 0.62 & 0.02,
logarithmic plot In VO,eff. versus In ccat.
In k=4.40+0.07 and r=0.998.

1.7
0.44
0.22
0.05

13.3
12.9
12.8
13.1

4.3
2.2
1.9
1.3

3.2
1.3
0.9
0.3

4.5
3.3
2.5
2.1

2.7
1.6
0.8
0.4

4.1.2 Michaelis-Menten Formalism
The kinetics of the catalysis by phthalocyanines have
been treated by a Michaelis-Menten equation in the case
of thiol [20, 211 as well as sulfide oxidation [6] and can
be represented as
(4)
V is the product of the catalyst concentration cca,and the
rate constant k , KM= (k2+k3)/kl contains the rate constants
for the formation of the adsorption complex, ie., forth ( k , )
and back (k2), and of the product (k3).A Hanes plot of a
Michaelis-Menten equation, which is known to be more insensitive to deviations of single data points [22, 231, gives

*

close to zero (a, = 0.02 0.14) indicating a saturation effect
of the catalyst in all experiments and over the total range of
c ~ , ~ values.
~ , S
A linear least squares fit of the double logarithmic plot of vl versus c,, taken from the sulfide consumption graph in Fig. 7(a), resulted in the coefficients

A plot of c ~ , ~ ~ ~ ~ versus
/ v o c, ~~ ~, .~is~used
, s for the evaluation of the Michaelis-Menten coefficients K M , and k3
by a linear least squares fit. The results are listed in
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Table 6. Constant K M . maximum rate r! rate constant of product
formation k,, and reliability r derived from the Michaelis-Menten
formalism.
Catalyst

K M [s-'1

V [pM S-']

k3

0.00587
0.00175
0.001 1

4.56
2.11
8.77

2.68
1.26
5.03

[s-']

r

principle, also H20 and OH-. The concentration of OHis held constant by the buffer, and the changes in H20
concentration during an experiment are so small that they
can be neglected. The resulting rate law is then

~

CoPc(S03Na),
SilIm-CoPc(NHz)4
CoPc(S03Na)4"'

0.923
0.931
0.994 b,

a) Catalysis at pH 14, data from 0 2 consumption.
b) Calculated from the first 4 data points.

vi =k

(1

+

KHS-Ko2XHS- XO,
KHS-X H S - + KO,XO,)

2

(9)

A linearized form of Eq. (9) gives

Tab. 6. The fits are not satisfying, especially for the results at pH 14 (Fig. 6).
A better fit is achieved by a modified Michaelis-Menten
formalism, where the active chelate-substrate complex
[Pc-HS-] adds a second substrate molecule to become an
inactive complex [Pc-(HS-)21 [231.

If xHS-is varied in a set of experiments, the parameters a
and b can be calculated by a linear least squares fit of a
plot
versus xHS-,Now can k and K H S -easily be
calculated from a and b

k=

KHSb2 KO2 xoz

An iterative fitting, i.e., estimation of the coefficient K ~ s ,
results in a better matching of the experimental data, but The following considerations demonstrate that the second
was only performed by trial and error.
term in Eq. (11) can be neglected. Firstly, ;yo, can be estimated using Henry's law
The simple Michaelis-Menten formalism represented by
Eqs. (4) and ( 5 ) is not able to consider reaction orders for PA = XA ConstA
(13)
the catalyst concentration # 1, which are found. Moreover, the evaluation of the adsorption coefficient Kss, From the value of Henry's constant for O2 in water, i.e.,
which is needed for a better fit, requires a high number of ConstA=4.40-lo7 mbar [24], and the experimental partial
very precise measurements over a broad range of concen- oxygen pressure PO? = 1000 mbar follows zo, ~ 2 . 2 7 .
trations.
This is 1.26 mM, i.e., ca. 100 times more than the maximum O2 consumption per second measured here. So coz
can be considered as constant 1.26 mM (cf. [ 141).
4.1.3 Langmuir-Hinshelwood Formalism
Secondly, the low yo* value could only be counterbalIn the following a kinetic formalism is developed based anced by a KO*> 10I , i.e., AG values of the oxygen cheon the standard Langmuir-Hinshelwood statement where misorption at phthalocyanines >20 kJ mol-', or even largthe reaction rate is proportional to the surface coverage 6 er values for the enthalpy of adsorption since the entropy
of the educts on the catalyst surface [24]
change for the adsorption process is positive. Thermal desorption experiments report activation energies for the desorption of chemisorbed oxygen from CuPc and FePc
(7)
EA=31-41kJ mol-' [25], from CoPc EA=2-.15 kJ mol-'
[26], and ESR studies reported a binding energy of
It is assumed that the adsorption equilibrium follows < 2 kJ mol-' [27] for 0 2 at CoPc. Assuming that the oxyLangmuir's isotherm. The most important feature of this gen desorption reaction is accompanied by an adsorption
approach is, that it allows more than one adsorbate mole- reaction, a resulting AG must be smaller than the EA valcule, i.e., HS- or 0 2 , to be adsorbed at a phthalocyanine ues. Thus, AGz-3 kJ mol-' will be used as representaentity. The reaction rate is expressed as change of the tive average value in all further calculations. This gives
mole fraction of sulfide per time
Ko2=3.36 via AG=-RT In K. The value of KO? z0, is
then only 7.6confirming the neglection in Eq. (fl).

The developed rate law has to consider all substances interacting with the phthalocyanine. This is HS-, O2 and, in

AG values derived by Eq. (11) and the relation AG=-RT
In K , as well as rate constants which are subsequently derived by Eq. (12) are summarized in Tab. 7. The stronger
adsorption for HS- at SilIm-CoPc(NH2)4as compared to
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Table 7. Rate constant k, adsorption constant KHS-,free enthalpy of
adsorption AG, and reliability T derived from the Langmuir-Hinshelwood formalism.
Catalyst

k [s-']

KRs-

AG

r

[Hmole-']

CoPc(S03Na)4
0.0042
Sil1m-C0Pc(NHz)~ 0.0024
c o P ~ ( S 0 ~ Na)a ) ~ 0.0082

1214
3 177
6360

-17.6
-20.0

-2 1.7

0.915
0.919
0.999 b,

a) Experiments at pH 14.
b) Calculated from the first 3 data points.

c o P ~ ( S 0 ~ N at
a )p~H 9 is in agreement with the zero-order kinetics (Fig. 7), pointing to a more strongly covered
catalyst.

A weak driving force for the reduction of dioxygen exists,
if Co(1)Pc is assumed as intermediate, since E0=o.05 V
for Co(II)Pc/Co(I)Pc is reported [291. Co(1)Pc has been
found after H2S adsorption by UV/vis spectroscopy [30]
and EPR measurements [31]. A reduction of Co(I1)Pc to
Co(1)Pc cannot be achieved by direct oxidation of one or
two HS- ions. Both possible reactions do not provide the
required low Eo value 1321
HS'fe-

H2S;'

It can be summarized that the application of a simple
Langmuir-Hinshelwood formalism for the modeling of the
kinetics of the catalyzed sulfide oxidation gives a better
fit of the experimental data and readily explains values
for the reaction order n # I. The reaction order # 1 in catalyst concentration can here be explained as a change of
the ratio xcat.: zHS-, influencing the kinetics. In addition,
it enables an easy access to thermodynamical data of the
educt adsorption equilibria.

Eo= 1.15V

(14)

+ 2HS-

EO= 0.90V

(15)

Only the additional assumption of a deprotonation, which
is reasonable in a basic solution, provides redox potentials
being able to reduce Co(II)Pc, calculated from Eqs. (14)
and (15) by Nernst's equation

S-'
At pH 14 the enlarged reaction rate at low educt concentrations as well as strong inhibition of the rate of oxidation at high educt concentrations might be caused by participation of more strongly adsorbed S2- ions instead of
HS- ions. As previously discussed in part I 1141, S2- ions
should be present at this pH in remarkable concentrations.

+ e-

+HS-

+ H+ + e-

HSi-'

+ H+ + e-

S:-'+2H++e-

i=

HS-

&pH9

Eo, p H 9 = 0.369 V

e2HS-

E ~ ~ 9 = - 0 . 1 6 2 V (18)

The most thorough mechanistic considerations on the sulfide oxidation catalyzed by Co(1I)Pc have been published
by Kotronarou and Hoffmann [6]. The authors postulate
an electron transfer from an adsorption complex
[(HS-)Co(II)Pc] to an additionally adsorbed 02, i.e.,
[(HS-)Co(III)Pc (0;-)].The assumed valency change of
Co(1I)Pc to Co(1II)Pc is, however, improbable since the
corresponding redox potential is E0=0.65 V 1291, and
cannot reduce the dioxygen to the most probable intermediate H202, with Eo = 0.07 V (02+H20/0H-+HO;) at
pH 9 [141.

(17)

The overall potential for the oxidation of two HS- to disulfide is EO,pH9=-0.233 V at pH 9 [I41

Si-

+ 2Hf + 2 e-

+ 2HS-

(19)

The considerations are summarized in the following reaction sequence for the sulfide oxidation catalyzed by
Co(I1)Pc
Co(1I)Pc

+ HS-

+ Co(II)Pc(HS-)

+ HS- + Co(II)Pc(HS-),
Co(II)Pc(HS-), + 2 0 H [Co(I)Pc(Si-*)]- + 2H20
[CO(I)PC(S~-')]-+ 0 2 + [(O~)CO(I)PC(S:-')][(O~)CO(I)PC(S~-')]+ H2O
[(HO;)Co( I)Pc($-)I+ OHHO; + CO(II)PC(S:-)
[(HO;)Co(I)Pc(S,)]CO(II)PC(S:-) + CO(II)PC+ si-

(20)
(21)

(22)
(23)

--t

-+

4.2 Catalyzed Elementary Steps

(16)

+ 2HS-

Co(II)Pc(HS-)

The underlying assumption that more than one adsorption
site exists at a phthalocyanine unit, which can be considered as a heterogeneous catalyst rather than a homogeneous one, is repeatedly put forward by other scientists
[18, 26, 281. Especially, in the case of the immobilized
phthalocyanine systems, e.g., SilIm-CoPc(NH2)4, where
only one axial site of the Co center is accessible for the
reaction partners HS- and 02, their simultaneous adsorption requires additional sites, presumably located at the nitrogen atoms of the chelate complex.

= 0.61 V

(24)
(25)

(26)

The resulting reaction scheme is presented in Fig. 8. It
considers spectroscopic results demonstrating the ready
formation of Co(1)Pc in presence of HS-, and, for the first
time, reaction probabilities due to driving forces provided
by published redox potentials for each of the individual
steps of the reaction sequence.
The smallest driving force, i.e., AEo=0.02 V exists for the
electron transfer from Co(1)Pc to 02, which means that
this reaction step might be the rate determining one. Indeed, electron transfer from Zn(1I)Pc to adsorbed oxygen
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HS-

3+20H-

-7Co(II)Pc(HS-)

Co(11)Pc

t

-2 HzO

co(I)Pc(s:-')
I

Figure 8. Reaction scheme of the catalyzed disulfide formation in
the sulfide oxidation at pH 9.

was found to be the rate limiting step in the electrochemical reduction of oxygen on Zn(I1)Pc thin films [33].
Since the coordinatively immobilized Co(1I)Pc is as active
as the dissolved one, although only one axial position is
free for the coordination of the reaction partners, and since
the adsorption of several partners is required during the oxidation sequence, the proposal of a Langmuir-Hinshelwood
kinetics for this reaction seems to be adequate. So the main
role of the phthalocyanine catalyst is to provide a transition
complex with several educt molecules adsorbed simultaneously, not only at the Co center, but additionally at the
extended x-electron system.
Presumably, the formation of zero valent sulfur is not a
decisive intermediate, since it appeared in only one of the
experiments using the highest catalyst concentration. In
this case also the selectivity is changed drastically, resulting in the ratio sulfatehhiosulfate= 0.17. The catalytic sulfide oxidation experiments, carried out under conditions
where sulfur precipitation is avoided, do not alter the selectivity. This indicates that the catalyst affects only the
bottle-neck of the oxidation reaction, i.e., the formation of
disulfides [ 141.
It can be expected that the formation of the disulfides is
catalyzed by Co(II)Pc, since this catalyst is well-known to
produce disulfides from mercaptans [ I , 28, 341. As previously discussed in part I [ 141, the intermediate disulfide
could not be detected, presumably, due to the high rates
for the subsequent formation of polysulfides and oxidation to sulfate and thiosulfate.

5 Conclusions
Presumably, the mediation of the electron transfer in the
Co(I1)Pc-catalyzed sulfide oxidation proceeds via the redox
change Co(II)Pc/Co(I)Pc and not via Co(III)Pc/Co(II)Pc as
proposed previously [6], since a driving force exists for the
former couple only.
The two-electron transfer to the dioxygen, i.e., the slowest
step, requires a transition complex comprising several
molecules, which could be provided with a higher probability by a catalyst, enabling the simultaneous adsorption
of the reaction partners and being described more adequately by a simple Langmuir-Hinshelwood kinetics than
by a Michaelis-Menten kinetics.

Thermodynamical data about the adsorption equilibria of
the educts at the catalyst are obtained by this method and
can be used in other systems.
The product ratio sulfate/thiosulfate=0.86, which is obtained for the uncatalyzed as well as the catalyzed process, indicates that the catalyst affects the rate determining step of the overall reaction only. The selectivity is obviously depending on the subsequent process.
Presumably, the intermediate disulfide is formed in the
catalyzed rate determining step, since Co(1I)Pc is known
to promote the formation of disulfides.
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