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Chapter l The reduction of dioxygen and its application in fuel cells. 

The reduction of dioxygen is an important reaction occurring in fuel cells, 

devices in which the chemica! energy of a fuel (hydrogen or hydrogen-rich gas) 
1-3 

is directly converted into electrical energy . The principle of the fuel 

cell was already described by Grove in 1839 and is most easily explained as 

reversed water electrolysis. According to reactions (1) and (2), hydrogen and 

dioxygen are combined to water. At the anode the fuel, in this case H2, is 

oxidized: 

2H2 ~ 4H+ + 4e 

At the cathode, dioxygen is reduced: 
+ o2 + 4H + 4e ~ 2H2o 

(1) 

(2) 

Due to these spontaneously proceeding reactions a potential difference is 

developed over the electrodes, i.e. electricity is produced. Similar toa 

battery, this electricity is produced by means of electrochemical reactions; 

the difference is that a fuel cell can be operated as a continuous process; a 

battery - by definition - operates batchwise. 

Contrary to the oxidation of hydrogen, o2 reduction is a slow process. 

High current densities can only be obtained if suitable electrocatalysts and a 

special electrode configuration are used 3 Therefore, fuel cells were not 

developed until the beginning of space travel. For this special purpose, prize 

is relatively unimportant. Both for the oxidation and reduction reactions 
3 

platinum was used as the catalyst . In principle also batteries can be used 

as a current supply but this is unattractive due to their high weight and the 

occurrence of self discharge. Since the energy crisis of the early seventies, 

fuel cells are also considered for the large scale production of electricity. 

Fuel cells for terrestrial applications can be divided into three classes: 

low temperature fuel cells. The electrolyte consists of an aqueous solution 

of for instance phosphoric acid, sulphuric acid or potassium hydroxide. At 

h . ' d f i . 4 t e moment phosphor1c ac1 uel cells are commerc ally ava1lable 

molten carbonate fuel cells. The electrolyte is a mixture of lithium and 

potassium carbonate at ca. 650°C. This type of fuel cell is developed upto 
. 4 

pilot plant scale 

high temperature fuel cells. The electrolyte consists of a mixture of 

yttrium and zirconium oxide at ca. 1000°C. This solid oxide is an excellent 

ionic conductor at these temperatures. This fuel cell is still in the labo-

ratory phase 
4 
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The major advantage of fuel cells, compared to conventional systems for produ­

cing electricity, is their high efficiency with which they convert chemical 

energy into electricity. In conventional devices like turbines, the chemica! 

energy is first converted into heat and then into electricity. Under practical 
4 

conditions, the efficiency of such a Carnot cycle is only about 403 Fuel 

cellsavoid the Carnot cycle and much higher efficiencies (upto 653 for the 
5 

molten carbonate cells) can be obtained . Other advantages are: 

The conversion process 1s clean . Of course, if fossil fuels are used, impu­

rities like sulfur also have to be removed because they poison the electro­

catalyst, but since fuel cells have a higher efficiency, as a whole less 

pollution is released. 

The system is modular. Via series connections of separate fuel cell ele­

ments, so-called stacks with the desired voltage can be manufactured; the 

desired power can simply be realized by increasing the nwnber of stacks. 

The system has a low noise production, allowing the in situ generation of 

electricity. The part of the chemica! energy that is converted into heat 

can be used efficiently, because the heat is generated at the same location 

where it is needed . 

The systém bas a short response time. Horeover, the energy efficiency is 

virtually independent of the delivered power output. These properties make 

fuel cells very suitable for peak shaving and load levelling . 

Whether fuel cells will be used for the large scale production of electricity, 

is largely a matter of prize. As a consequence only cheap fuels can be used 

like coal, fossil fuels, methanol or natura! gas. In most cases the fuel will 

have to be processed first to a mixture of carbon oxides (CO, co2> and 

hydrogen, before i t is supplied to the anode. In molten- carbonate and solid 

oxide fuel cells the temperature is so high that the electrochemical reactions 

proceed with sufficient rates. The cells are more a problem of materials 

science than of electrocatalysis. From an electrocatalytic point of view, 

low-temperature fuel cells are the most interesting. If carbon-containing 

fuels are used only acid electrolytes come into consideration . Cleaning the 

fuel from carbon oxides is technologically very difficult and even traces of 

these impurities will lead to carbonization of alkaline electrolytes with loss 

of activity. In acid media, the best studied electrocatalyst for the o2 
reduction and the only one which bas been used in practical systems is plati­

nwn . Due to its high prize and low availability, an alternative for this cata­

lyst bas to be found if this type of fuel cell is to be applied for utility 
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4 purposes An alternative was developed by looking at the way nature redu-

ces dioxygen. Both the active centres of o2-transportlng enzymes (like 

haemoglobin) and o2-reducing enzymes (like cytochrome c oxidase), contain 

porphyrin groups, a transltion metal ion surrounded by four nitrogen atoms 

which are part of an aromatic organic skeleton. In 1965, Jasinski reported 
6 

o2 reduction on cobalt phthalocyanine , a molecule that closely resembles 

the porphyrin structure. Indeed this molecule appeared to be a good catalyst 

for the reduction of dioxygen, although not as efficient as the enzymes nature 

uses. The source of the activity is the high interaction of o2 with these 

molecules. The 0-0 bond is weakened and therefore more easily split. After 

this publication, a lot of work bas been performed on transition metal macro­

cycles; a short review is given in chapter 2. The N4 chelates of Fe and Co 

were found to be the most promising ones; therefore the work, described in 

this thesis is focussed on such species. A critical examination of the 

published data shows that the obtained results are to a large extent influen­

ced by the electrode-preparation method. Most of the work bas been performed 

using porous gas-diffusion electrodes. This method, however, bas a drawback of 

rather ill-defined mass-transport properties. Electrocatalytic properties like 

activity, selectivity and stability are to a large extent influenced by the 

morphology of the electrode system, rather than the properties of the electro­

catalyst itself. Well-deflned mass-transport properties can be attained using 

the rotating ring-disc electrode technique (chapter 3). Moreover, contrary to 

gas-diffusion electrodes, this technique allows the determination of the 

selectivity: The reduction of o2 not always proceeds to water as the final 

product; in some cases only hydrogen peroxide is formed. 

The first approach therefore was to develop a well- defined electrode system, 

using the rotating ring-disc electrode technique, in order to find a system 

which enables a good characterization of the electrocatalyst, bath in a quali­

tatlve and quantitative sense (chapters 4 and 5). In the case of irreversibly 

adsorbed monolayers, the activlty of iron phthalocyanine (FePc), cobalt phtha­

locyanine (CoPc) and cobalt tetraazaannulene (CoTAA) was investigated as a 

function of the electrolyte pH. Since also the redox potentials of these che­

lates (i.e . the potential at which the central metal ion changes its valency) 

are a function of the solution pH, the relation between these redox potentials 

and the potentlal where o2 reduction is occurring, was investigated (chapter 6) . 

One of the most interesting recent developments is the dicofacial dicobalt 
7 

porphyrin of Collman and Anson : two amide bridged cobalt porphyrins, with 
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the two Co centres at a distance of ca. 4 Î. While the corresponding monomers 

only yield hydrogen peroxide as reduction product, this dicobalt porphyrin 

reduces dioxygen directly to water in acid media. This unique selectivity is 

obtained because the o2 molecule is able to adsorb on two Co atoms simulta­

neously. The 0-0 bond is even more weakened than in the case of monomeric 

adsorption. Chapter 7 shows that this condition can also be fulfilled by a 

planar dicobalt chelate, with two Co centres in the plane of the molecule. 

A theoretical explanation for the behaviour of these dicobalt complexes 

with the aid of the ''increased valence theory" is presented in chapter 8. 

The chapters 9- 11 have amore technological importance. In practical fuel 

cells, the electrocatalyst is dispersed on a porous carbon support and pro­

cessed to gas-diffusion electrodes. Early work had already shown that pyroly­

sis (heating in an inert atmosphere) improves both the stability and the acti­

vity of carbon-supported transition metal chelates. Nevertheless, there is 

still disagreement in the literature about the origin of this improvement. 

This disagreement appears to be related to ill-defined mass - transport proper­

ties, associated with use of gas-diffusion electrodes. Therefore, a method was 

developed to study carbon-supported catalysts with the rotating ring-disc 

technique. With this technique the effect of pyrolysis was investigated on 

Norit BRX supported FePc, CoPc, CoTAA and their metal-free analogues. Finally, 

in chapler 11 a number of concluding remarks and soma outlines for future 

research are presented . 
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Chapter 2 Short review of previous work on the reduction of dioxygen on 

transition metal chelates. 

2 . 1 . Introduction 

An extensive review of the work on the reduction of dioxygen on transitioo 
1 

metal chelates up to 1981 bas been published by van den Brink et al. . In 

this chapter a survey of the most important conclusions of that work will be 

given, updated with more recent developments. 

2.2. Activity 

The most extensively studied chelates as o2-reduction catalysts are transi ­

tion metal phthalocyanines (MePc), tetrasubstituted porphyrins (MeTRPl and 

dihydrodibenzotetraazaannulenes (MeTAA): s, 
' ""' - --t1e---N~ 
:'~ 

N~N 
v 
Me Pc MeTRP MeTAA 

Fig . 2.1: Molecular structure of the most extensively studied chelates. 

For the determination of the activity of the various complexes, different 

electrode-preparation techniques were used. Initially these studies were per-
2-4 

formed using porous electrodes : the chelates are dispersed on a porous 

carbon support. Thereafter either slurry electrodes or gas-diffusion elec­

trodes are manufactured. In the first case a stirred suspension is prepared 

from the carbon powder. Electrons are supplied via a feeder electrode: the 

o2 is dissolved in the electrolyte and is transported to the catalyst via 

the liquid phase. In the latter case, the modified carbon is mixed with teflon 

as a binder and pressed onto a metal screen. The o2 is supplied from the gas 

phase. The disadvantages of these electrode systems is that the transport of 

o2 is ill-defined. This problem can be solved using more sophisticated 

hydrodynamic methods such as the rotating disc electrode (see chapter 3). In 
5,6 

some cases the catalyst is applied to the disc as a paste , but the 

obtained results are to a large extent influenced by the wetting behaviour. of 

the electrode 
7 

Alternatives are spraying of catalyst 
8 

disc , electrophoretic deposition of carbon particles 

particles onto the 
9 

, precipitation of 
10,11 

the catalyst onto the disc through evaporation of a suitable solvent 
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12,13 14,15 
vacuum deposition or irreversible adsorption Recently, even more 

. 16 17,18 
methods have been reported: incorporation into a (conduct1ng ) polymer 

. . 19 h . 1 d. fi . 20 d . . t th . l electrodepos1t1on c em1ca mo i cat1on an in s1 u syn es1s on a meta 
21 22-24 

substrate . Also chelates, dissolved in the electrolyte have been studied 

Unfortunately, the various electrode-preparation techniques give rise to 

different results with respect to the activity: a good example is the com-

pari son of cobalt phthalocyanine (its water-soluble sulphonate derivative) 
14 . i . adsorbed on pyrolytic graphite , w1th cobalt phthalocyan ne, depos1ted in 

high loadings on active carbon 3 . In the first case, in acid media no cur­

rent is observed at potentials higher than 300 mV vs. a reversible hydrogen 

electrode (RHE); in the second case the reduction starts at 900 mV vs. RHE. 

Allhough in a quantitative sense different results are obtained with the 

various electrode systems, some general conclusions with respect to the acti­

vity can be drawn: 

From the 3d transition metals, the N chelates of Fe and Co exhibit the 
3 4 

highest activity . Chelates with other hetero atoms like 0 and S were 

shown to be less active. 

With respect to the macrocyclic structure, TAA shows the ~ighest activity 
3 . . 

followed by Pc and TRP . Exper1ments w1th porous electrodes however, 

show that the effect of the ring structure is much less than that of the 

centra! metal ion and ligands. 

The activity is higher in alkaline than in acid solution. 

These observations clearly show that the central metal ion is the catalyti­

cally active site. 

For the description of the catalytic activity, different concepts have been 

developed. According to the KO theory, the origin of the activity is the 

strong interaction of o2 with the centra! metal ion, decreasing the 0-0 bond 

streng~h 4 . In a free transition metal ion, the five d-orbitals are degene­

rate, i.e. they have the same energy. Due to the presence of four nitrogen 

ligands and Cpossibly) the electrode surface supplying a fifth ligand, the 

levels will split. The position of the levels will depend on the ligand field 

strength and symmetry. The adsorption of o2 is explained with the formation 

of a ~-bond between a lone pair of the 0 molecule and the empty 3d 2 orbital, 
2 z 

and back-bonding due to overlap of an empty n* antibonding orbital of o2 with a 

filled 3d 
xz 

or 3d orbital . According to this description, a good catalyst 
yz 

should have an empty 3d 2 orbital and filled 3d 
z xz 

and 3d 
yz 

orbitals. The 

strongest interaction of 0 will therefore be obtained 
2 

witb Fe(II), which 

fulfills both preconditions. In the case of Co(II) the interaction will be 

weaker since Co(II) bas one electron in its 3d 2 orbital 4 Different ligands z 
6 



change the location of the energy levels of the 3d orbitals: with TAA the 

highest overlap between the 3d orbitals of the central metal ion and the mole-

cular orbitals of o2 is obtained. A different model was developed by Ulstrup 

In this model, the transition of electrons from the electrode towards the o2 

25 

is improbable because the corresponding energy levels lie too far apart. The 

catalyst acts as a mediator, supplying intermediate leveis, increasing the 

probability of electron transfer. A third description is that of ·redox cataly-
26 . d 1 d . . h sis, developed by Beek . In th1s mo e , ur1ng o2 adsorpt1on t e centra! 

metal ion is oxidized, thereby reducing the o2 molecule. At the end of the 

catalytic cycle, the oxidized central metal ion is reduced to its initial 

state. Therefore, the observed o2 reduction is closely related to the redox 

potential of the central metal ion. Just like in gas-phase catalysis, this 

relation can be expressed as so-called volcano plots 27 •28 The activity 

will exhibit a maximum as a function of the redox potential of the central 

metal atom. 

With respect to the mechanism of the o2 reduction, most authors assume 

that the rate determining step (ROS) is the formation of superoxide 29 •30 . 
-

o 2 • e ~ o2 . The standard electrode potential of this redox couple is -0.33 V 

vs. normal hydrogen electrode (NHE). Since this redox process is pH indepen­

dent, the reduction is likely more reversible in alkaline than in acid solu­

tion. Although this conclusion has been reported in the literature, in our 

view its importance bas not been fully recognized. 

2.3. Selectivity 

The study of o2 reduction is complicated by the fact that o2 can be either 

directly reduced to H2o, or to H2o2 , which is the stable end product or 

is subsequently reduced to H2o. Studies of the o2 reduction on noble 

metals like Au and Pt have shown that the selectivity is determined by the way 
31 

the o2 is adsorbed on the catalyst If the o2 molecule interacts with 

only one metal atom (end-on or side-on adsorption), then (at least initially) 

H2o2 is produced (Au); if the o2 molecule is adsorbed at two metal atoms 

(bridge adsorption), direct 4e reduction to H2o becomes -possible (Pt). 

This model is corroborated by recent observations, viz. the effect of inter-
. . 32 . . 33 34 

atomie spac1ng , underpotent1al depos1ted layers (UPD) of Pb , Tl or 
35 . . 36,37 

Bi on Au, and o2 reductlon at dlcofac1al dicobalt porphyr1ns . A 

decrease of the interatomic Pt-Pt dlstance lowers the activation energy. This 

indicates that the optimum distance for bridge adsorption is not yet reached; 

7 



with pure Pt, this distance is too high 32 In the presence of adsorbed Bi 
. 35 d . f atoms on an Au single crystal , o2 was re uced to H2o 1nstead o H2o2 

at pure Au or a surface, completely covered with Bi. This change in selectivi­

ty is explained with a bimetal bridge adsorption, i.e. the formation of 

Bi-0-0-Au adducts. The importance of bridge adsorption on transition metal 
36,37 h . i . complexes was shown by Collman and Anson . They synt es1zed d cofac1al 

dicobalt porphyrins, two Co porphyrin units linked sa that the planar macro­

cycles are held in a face to face orientation. Complexes with different inter­

planar distances were synthesized showing that reduction to water only occur­

red if the two Co centres were located at a distance of ca. 4 K, apparently . to 
38 

enable bridge adsorption of dioxygen 

2.4. Stability 

For the application of transition metal chelates in fuel-cell electrodes, a 

good stability is of prime importance. Unfortunately, the most active Fe com­

plexes are less stable than their Co analogues. The deterioration of the elec­

trode performance can have various causes: 

degradation of the carbon support, or oxidation of the macrocyclic struc-

ture by H2o2 or intermediately formed radicals; 
39,40 dissolution of the centra! metal ion due to hydrolysis 

The most promising way of improving the stability of carbon-supported tran-

si tion metal chelates is pyrolysis, i.e. heat treatment in an inert gas atmos-
3 . 

phere . W1th respect to the increase in stability there is agreement in the 

literature: during pyrolysis the most reactive parts of the chelates react 

with the carbon support and are no langer liable to irreversible oxidation. A 

more interesting phenomenon is that the pyrolysis not only increases the sta­

bi li ty, but also the activity and selectivity. For the explanation of this 
. 41-43 

phenomenon, conflicting opinions have been reported in the 11terature 

The increased selectivity results in a lower H2o2 concentration in the 

pores of the catalyst and this also bas a beneficia! effect on the stability. 

Pyrolyzed cobalt tetramethoxyphenyl porphyrin bas been shown to maintain lts 
44 

activity upto 10000 hours 
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Chapter 3 Hethodology of the measurement of dioxygen reduction on transition 

metal chelates. 

3.1. Activity 

In catalysis, the normal procedure for studying a new catalyst is measurement 

of its activity, selectivity and stability, in combination with a characteri­

zation of the catalyst under similar conditions. The activity can be expressed 

as the increase in rate of a reaction in the presence of the catalyst. The 

catalyst does not change the thermodynamics of a reaction: it increases the 

reaction rate by lowering the activation energy. In catalysis , the parameter 

that is varied is the temperature. The temperature influences the thermodyna­

mics of the reaction by changing the Gibbs free energy 6G = 6H - TÖS. For a 

reac t ion A -• B wi tb pos i ti ve 6H and 6s, the temperature determines whether the 

reaction can proceed to the right or to the left . In electrocatalysfs, the 

potential is the equivalent of the temperature in catalysis. For a redox 

system ox + ne~ red, the potential determines whether the occurring reac­

tion will be a reduction or an oxidation. For the rate (= current) of electro­

chemical reactions the following equation bas been derived: 

ca ca 
. [ red ( 1-a) Fll ox -a Fll J 
i --- exp - -- exp ---
o es RT es RT 

red ox 

with i the current density, i 0 the exchange current 

the overpotential and E the equilibrium potential eq 

(1) 

density, 'Il= E-E eq 
according to the Nernst 

equation, C the concentration (superscripts a and s mean surface or bulk 

respectively), a the transfer coefficient Clowering of the activation energy 

divided by the lowering of the Gibbs free energy due to application of the 

electric field), F the Faraday, R the gas constant and T the temperature. In 

the case of an irreversible reduction, no anodic reaction is taking place and 

(1) is simplified to 

co 
. ox -a Fll 

-1 --exp---
o es RT 

ox 

( 2) 

In general the surface concentration deviates from the bulk concentration if a 

current is flowing and tberefore the obtained current density is determined 

both by mass transport and the kinetics. The kinetic parameters a and i 0 
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therefore cannot be determined with equatlon (2) since the actual surface con­

centration is unknown. This problem can be solved using hydrodynamic methods 

such as the rotating ring-disc electrode technique 2 (RRDE) . This electrode 

consists of a disc equipped with a concentric (platinum) ring (Fig. 3.1). The 

ring is only used if selectivity measurements have to be performed 

Cp-OISC CLAHPING .RING INSULATING CASING 

Pt-R INli HOLOER TIGHTENltffi NUT 

INSULATING CASINu INSULATING CASIN(i 

Cp-OISC HOLDER ELECTRODE HOLDER 

Fig. 3.1: Cross section of a rotating ring-disc electrode 

(see section 3.2) . Rotation of this electrode in the solution (face-down) 

causes a radial flow to the disc surface. In fact the whole system acts as a 

pump, sucking fluid towards it, spinning it around and flinging it out side-
3 

Next to the electrode surface, a stagnant layer is formed. At the ways 

oulside of this diffusion layer the solution is well-stirred and no deviations 

from the bulk concentration of the reactant occurs. If the electrode is so 

active that every ox molecule that reaches the disc is directly reduced, a 

mass - transport l i mited current density iL will be reached: 

02/3 -1/6 ~ % 
iL =-0.61 nF ox \) cox (J =-nFkd 

with D0 x the diffusion coefficient, u the kinematic viscosity, e.> the 

angular velocity and kd the rate consta~t of diffusion. The advantage of 

this method is that mass transport is well def ined. It can be shown that 
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crJ iL - i ox (4) = 
iL es 

ox 

i.e. the surface concentration is known as a function of the current density 

and therefore a and i can be determined if i is measured as a function of 
0 4 

potential. This i-E curve is recorded using the three electrode principle 

The cell in which the measurements were performed is given in figure 3.2. 

RE RADE CE 

Î THERMOSTAT 

Fig. 3.2. The electrochemical cell. 

The working electrode (RRDE) is attached to a bolder (figure 3.3) which is 

connected with an electromotor (Motomatic, Electrocraft Corporation). The 

bolder perfectly fits in the glass cell so that the disc electrode is immersed 

in the electrolyte. 

With a control unit (Electrocraft Corporation) the rotation frequency can be 

varied from 0 - 64 s-1 . Both the bolder and RRDE's were machined in our own 

workshop. As the reference electrode (RE) a reversible hydrogen electrode 

(RHE) was used; the counter electrode (CE) was a platinum foil. All three 

electrodes are connected with a potentiostat (Tacussel, type Bipad). This 
\ 

apparatus maintains a fixed potential difference between the WE and the RE, by 

passing a current through the circuit of the WE and the CE. If a scan gene­

rator (Wenking VSG 72) is connected to the input of the potentiostat, any 

desired voltage program can be run. In this work only triangular sweep voltam­

metry was used: starting at a value where o2 _reduction does not proceed, the 

potential is linearly decreased in cathodic direction until the set minimum 

value is reached. Then the sweep is reversed and the potential is increased up 

to the initial value. During such a scan, Q is held constant. The experiment 

can be repeated at different rotation frequencies. Both i and E were recorded 

on a XY recorder (Hewlett Packard 7046 A). In the case of an irreversible 

reduction, at constant Q this i-E curve has the form of a wave (Fig. 3.4). 
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Fig. 3.3. Cross- section of a rotating ring-disc electrode assembly. 

--E 

c 

Fig. 3.4. i - E curve for an irreversible reduction at a rotating disc 

elect rode 
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At low overpotential (region a) the surface concentration does not deviate 

from the bulk concentration and i is purely kinetically limited. At high over­

potential (region c) the diffusion-limited current is reached; the kinetic 

information is lost . In region b mixed kinetics is occurring : the current den­

sity is determined both by mass transport and the kinetics. The wave can be 

characterized by the half-wave potential K%, the potential where i = % iL. 

For a slow electrochemical reaction 3 

with k0 being the heterogeneous rate constant (= i 0 /nF) . Note that, in 

that case E% is a kinetic parameter. 

3.2 . Selectivity 

(5) 

The selectivity for the o2 reduction can be defined as the fraction of the 

supplied oxygen that is reduced to hydrogen peroxide. The magnitude of iL 

already contains some information about the selectivity since this quantity is 

proport ion al to n, the number of transfer red electrons per oxygen mol.ecule 

(n = 2 Cor the o2 production; 4 for reduction to H2o> . Amore sophisti -

cated method is the rotating ring-disc technique. The potential of the ring is 

set at a value where every H2o2 molecule that diffuses to the ring is 

quantitatively oxidized to o2 and H2o. Only a fraction N (the collection 

efficiency) of the amount of H2o2 that is produced at the disc, will be 

able to reach the ring ; the rest will be swept into the solution. If the rota­

tion frequency increases, two opposing effects regarding N will occur. The 

formed H2o2 is more easily swept into the solution. At the same time, the 

thickness of the diffusion laye~ decreases, thereby increasing the rate of 

diffusion of H2o2 to the ring. Mathematica! analysis has shown that these 

effects exactly compensate eachother, so N is independent of ~. Therefore 

the measured ring current, divided by N, yields the amount of H2o2 that is 

produced at the disc. For rotating ring-disc experiments a bipotentiostat has 

to be used in combination with a XYY' recorder. 

3.3 . Stability 

The stability has only been checked on the time scale of a rotating disc expe­

riment . For this purpose the stability was found to be sufficient. For the 

study of the long term stability , rotating di sc el~ctr.odes are not suitable 
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and gas-diffusion electrodes have to be prepared. Therefo.re, the long term 

stability bas nol been studied extensively in this thesis. 

3.4. Characterization 

The purpose of the characterization is to obtain both quantitative and quali­

tative information of the catalyst that is applied onto the disc. Since all 

experiments are performed in the solution phase, only in situ techniques can 

be used for a reliable characterization. Unfortunately, this severely limits 

the number of applicable techniques. From the arsenal of spectroscopie tech­

niques only UV- VIS Creflectance) spectroscopy and ellipsometry can be used in 

combination with rotating disc electrodes. For high vacuum techniques the 

electrode bas to be removed from the solution; it is questionable whether the 

obtained results are representative for the condition of the electrode in the 

solution phase . An alternative is electrochemical characterization via cyclic 

voltammetry in oxygen-free solution. Transition metal chelates contain a metal 

ion, which valency can change at a cerlain potential, the so-called redox 

potential. If the potential is swept lhrough the potential region where this 

redox potential is situated, a peak in the measured current ~ill arise. In the 

reverse sweep, the metal centers will be restored in lheir initial condition, 

so a similar peak will be observed . The result is a cyclic voltammogram, 

depicted in figure 3.5 . 

' 'c 

Fig. 3.5. Cyclic voltammogram in o2- free solution, in order to detect 

redox peaks of the applied catalyst. 

The background current (dashed line) is caused by the electric double layer : 

if an electrode is charged, a charge of opposite sign is induced in the elec­

trolyte system. The system can be regarded as a capacitor. If the potential is 

varied the capacitor is charged or discharged, depending on the direction of 

the sweep. In triangular sweep voltammetry the potential varies linearly and 
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thi s "double laye,r cul"rent" should have a constant value. The contl"i but ion of 

the CUl"l"ent due to the metal centers is supel"imposed on the double layer Cul"­

l"ent. The peak potential E is equal to the l"edox potential. This E is 
p p 

the same in anodic and cathodic dil"ection if the species al"e il"l"eversibly 

adsol"bed on the surface; in that case no mass-tl"ansport problems will occur. 

From the sul"face al"ea under the peak the amount of catalyst molecules pl"esent 

can be calculated. 
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Chapler 4 The cathodic reduction of dioxygen at cobalt phthalocyanine: 

Influence of electrode preparation on electrocatalysis. 

4;1 Introduction 

In recent years a considerable number .of papers have been published on 

dioxygen reduction. In many of these investigations a metal chelate is used as 

a catalyst. These catalysts are attached to the electrode with the aid of 

different methods, such as irreversible adsorption 1 ; vacuum deposition 2 

incorporation into a conducting polymer, as polypyrrole 3 ; impregnation of 

porous carbon 4 ; evaporation of the solvent 5 All these preparation 

techniques result in electrodes with different activity even if the same 

catalyst and the same amount of catalyst is used. One of the most strik.ing 

examples is the di f ference in acti v i ty between an electrode prepared by vacuum 

deposition of cobalt phthalocyanine (CoPc) and by incorporation of water­

soluble tetra(sulfonate)phthalocyanato cobalt(II), abbreviated as CoTSPc, in 
3 

polypyrrole Especially in acid media, the catalyst incorporated in 

polypyrrole is much more active than the vacuum-deposited one, while in ·both 

cases a thick layer contain~ng the catalyst is present. To explain the 

difference in activity, we have to take into account the conductivity of the 

catalyst layer and the possibility of the diffusion of o2 through this 

layer. Both the conductivity of, and the dioxygen diffusion velocity in, the 

catalyst/polypyrrole layer is so high, that all attached catalyst molecules 

can take part in the electrocatalysis, which is not the case for the vacuum­

deposited film, as will be shown later in this chapter. A comprehensive theo-
6 

retical description of this phenomenon is given in a paper by Saveant et al. 

The purpose of the present chapter is to demonstrate how preparation 

conditions affect the activity. This will be illustrated for the reduction of 

o2 on CoPc or, in some cases, the water-soluble modification CoTSPc. The 

following preparation methods were investigated: a. Irreversible adsorption; 

b. Vacuum deposition; c. Incorporation in polypyrrole; d. Impregnation of 

porous carbon; e. Evaporation of the solvent. For a precise description see 

the section 'experimental'. 
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4.2 Theoretical aspects 

CoPc (or CoTSPc) gives under all circumstances a first reduction wave of 

dioxygen to hydrogen peroxide . The kinetics for the reaction is in general 

much faster in alkaline solutons than in acid solutions. The main reason is 

that the probable intermediate o;. or an o;-like species, is re la-

tively more stable in alkaline solutions than in acid solutions, as was 

stressed by Yeager 
7 

With this in mind, we expect the effect of the 

preparation method on the activity to be more dramatic in acid than in 

alkaline solutions, therefore, for comparison, measurements were carried out 

in both electrolytes. 

Clearly, the number of active sites is an important parameter determining 

the i-E relationship, characterized by the half-wave potential E%, as deter­

mined with the rotating disc electrode technlque . It can be shown that this 

half-wave potential shifts when the number of active sites at an electrode is 

increased . Suppose, we have an irreversible electrochemical reaction with a 

rate-determining electron transfer as the first step. For the current density 

measured wilh a rotating disc electrode the following relation bas been 
8 

derived by Albery for a first-order reaction: 

(1) 

current density (mA/cm2> 

iL transport-limited current density (mA/cm2> 

kd heterogeneous rate constant describing mass transport (cm/s) 

k observed heterogeneous rate constant of the electron transfer (cm/s) 

' 
At the half-wave potential (i % iL), kd =k. Rate constant k corresponds 

with a surface with a certain amount of active sites. If this amount of active 

sites on the surface increases with a factor p, then also the rate constant k 

increases with this factor , because k is based on the geometrie surface area. 

Increasing the number of active sites neither affects the . size of this geo­

metrie area nor the diffusion to this surface. Therefore, for the original and 

the new surface (1 and 2,- respectively), we have, in the case of a cathodic 

reaction, the following relations : 

19 



surface 1: kd 

surface 2: kd 

wi th k 
0 

E eq 

111. 112 = 

(2) 

(3) 

the value of k at E ~ E eq 
the equilibr i um electrode potential 

(E~)l - Eeq' (E~> 2 - Eeq : overpotent i al for surface 1 

and 2, respectively. 

half-wave potential of surface 1 and 2, respectively . 

The difference between the two half-wave potentials is: 

For a = ~ the lowering of the half-wave overpotential is 118 mV for a ten-fold 

increase of the number of active sites . Generally, the shift of the half-wave 

potential for a ten-fold increase of the number of active sites is equa1 to 

the Tafel slope. 

4 . 3 Experimental 

CoPc was obtained from Eastman Kodak. The sodium salt of CoTSPc was syn­

thes ized according to the method described by Weber and Busch 9 . All other 

chemicals were commercially available and used without further purification, 

except the pyrrole which was destilled before use. As will be exp.lained below, 

five di f ferent e lectrode systems (a-e) were prepared. For electrode system b 

and d, a gold disc with a surface area of 0.50 cm2 and for system a, c and 

e , a pyrolytic graphite (C ) disc with a surface area of 0 . 52 cm2 was 
p 

used. Before the preparation of the electrode systems the electrodes were 

polished wi th 0 . 3 µm alumina, rinsed with doubly destilled water and cleaned 

in an ultrasonic water bath for one minute . 

a. Irreversible adsorption. A pyrolytic graphite electrode (C ) is dipped 
p 

into a solution of CoPc or CoTSPc, resulting in the irreversible adsorption of 
1 the complex on the electrode . A (sub)monolayer of catalyst is .obtained. 

Character i zation by cyclic voltammetry is possible with these electrodes, so 

the exact number of active sites can be determined . It is also possible to 
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produce electrodes with different surface coverages by dipping the C 
p 

electrode in solutions of CoPc i~ pyridine (or CoTSPc in water) with concen-
-3 -5 

trations ranging from 10 to 10 mol/l. The time of exposure (dipping 

time) appeared to be unimportant. 

b. Vacuum deposition. This technique bas already been previously employed 
2 in our laboratory . In this way, it is possible to produce an electrode, 

whicb is covered with a high amount of catalyst. The thickness of the layer 

was determined spectroscopically, as described in the same paper. 

c. Incorporation in polypyrrole. The sodium salt of CoTSPc is soluble in 

water. The electrooxidation of pyrrole gives a polymer with positive charges, 

which must be compensated by negatively charged ions 8 . When the polymeri­

zation is carried out in the presence of the CoTSPc4- anion, incorporation 

of this ion in the film is obtained. For the preparation of this type of 

electrode systems, a 10-3 K CoTSPc solution in water, containing 1 vol 3 

pyrrole, was used. The electrooxidation was carried out galvanostatically with 

a current of 0.2 mA. By varying the time, layers of different thickness can be 

produced. 

d. Impregnation of porous carbon. The impregnation of the carbon support 

(Norit BRX) was realized by dissolving 10 mg of CoPc in 20 ml THF, adding 

40 mg of the carbon, then refluxing and stirring for 30 minutes. The carbon 

particles were attached to the Au disc of the electrode via incorporation in a 
11 polypyrrole film, according to a previously described procedure The 

carbÓn support bas a high conductivity, and a high specific surface area, so 

many catalyst molecules can be adsorbed on the surface. 

e. Evaporation of the solvent. A drop Cseveral microliters) of a CoPc 

solution in pyridine is placed on a C electrode; thereafter, the solvent is 
p 

allowed to evaporate, yielding electrodes with relatively thick layers of 

catalyst. By changing the concentration of the solution from 10-3 to 10-5 

mol/l, the thickness of the layer can be regulated. 

The electrochemical experiments were carried out in a standard three­

compartment electrochemical cell, filled with 100 ml electrolyte. As elec­

trolyte bath acid (0.5 K H2so4 or 0.05 K H2so4 > and alkaline (1 K KOH or 0.1 K 

KOH) solutions were used. The polypyrrole electrodes were not tested in 0.1 K 

KOH and in 1 K KOH, because of the lack of stability of polypyrrole in 

alkaline solutions 12 . For characterization of the electrode, cyclic 

voltammelry was conducted in dioxygen-free solutions. The o2 reduction was 

measured in dioxygen- saturated solutions, with the rotating disc-electrode 
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technique. The electrochemical measurements were carried out using a Tacussel 

bipotentiostat (Bipad). As reference electrode a reversible hydrogen electrode 

(RHE) was used. All potentials in this paper are given versus the RHE. The 

réduction curves of electrode systems in which polypyrrole was used, are 

corrected for the high capacitive current of the polypyrrole itself. 

4.4 Results and discussion 

a. Acid media 

Figure 4.1 gives the result for the dioxygen reduction on the electrode 

systems (a-e). In table 4.1 the amounts of attached catalyst for the different 

[mA] 
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-1.5 

Fig. 4.1: 
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CoTSPc/PP 
Co Pc/ BRX 
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Effect of electrode preparation on the 0 reduction. For 
2 

notation see table l. Electrolyte: 0.5 M H SO , o 
2 4 2 

saturated; scan rate: 50 mV/s; rotation frequency: 16/s. 

electrode systems are given. It is obvious that each electrode system cata­

lyses the reduction of o2 , however, to a different extent, indicating that 

the arnount of active sites is not automatlcally the same as the total number 

of catalyst molecules present; an electrode prepared vla irreversible 

adsorption is even more active than a thick vacuum-deposited film. 

To illustrate the shift in half-wave potential due to a change in actlve 

sites, as derived in eguation (4), the o2 reduction was investigated as a 
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Table 4.1: The amounts of attached catalyst for the electrode systems 

of figure 4.1. 

2 
Electrode type Descript ion Amount of catalyst (mol/cm ) 

-3 -10 
a irreversible adsorption (10 H CoPc) 2.6 10 

b vacuum deposition (1800 Îl 6 . 3 10 
-8 

incorporation in polypyrrole 
-8 

c (30 mC) 1. 7 10 

d impregnation of porous carbon (203) 1.8 10 
-7 

evaporation of the solvent 
-8. 

e 4.0 10 

function of the CoTSPc/polypyrrole layer thickness (type c). Since the polymer 

layer is very thin compared to the thickness of the diffusion layer, kd will 

remain unchanged for all layer thicknesses. In figure 4.2 the o2 reduction 

on CoTSPc adsorbed on C Cll, and on various CoTSPc/polypyrrole layers (2- 6) 
p 

in 0.05 H n2so4 is shown. In this figure, the thickness of the layer is 

expressed in the charge passed during the electropolymerization of pyrrole. In 

order to determine the amount of catalyst in a film, a cyclic voltammogram in 

an o2-free solution was measured for a 30 me thick layer; see figure 4.3. Io 

0.0 0.5 

Io/mA 

-1.0 

-2.0 

-3.0 

Cp 
CoTSPc 

1.0 

Eo/V 

2.1 mC CoTSPc I PP 

6.2 " 

12.2" 
6 30.0" 

Il 

" 
" " 

Fig. 4.2: o2 reduction as a function of the CoTSPc/polypyrrole layer 

.thickness. Electrolyte: 0.05 H H2so~, o2 saturated; 

scan rate: 50 mV/s; rotation frequency: 64/s. For comparison 

the o2 reduction on an irreversibly adsorbed layer of 

CoTSPc on C is also included (curve 2). 
p 
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Fig . 4.3 : Cyclic voltammograms of CoTSPc adsorbed on C (a) and of a 
p 

30 mC CoTSPc/polypyrrole layer (b) . Electrolyte: 0.05 M 

H2so4 , o2-free; scan rate: 100 mV/s. 

this f igure also the cyclic voltammogram of CoTSPc adsorbed on C is given 
p 

(a). The charac terization of the electrodes is somewhat hampered by the insta-

bility of CoTSPc in acid solutions. Moreover, at potentials above 1 volt 

versus RHE, the polypyrrole degradates rapidly. In spite of these difficul­

ties, for an electrode obtained from irreversible adsorption, a surface 
-10 2 coverage of 1.4 10 mol/cm can be determined from the area under the 

reduction peak at 1 . 1 v. The 30 me CoTSPc/ polypyrrole layer (b) gives a 

coverage of 7.8 10-9 mol/cm2 . I f it is assumed that for the oxidation of 

pyrrole to neutra! polypyrrole 2 electrons per molecule are involved, and that 
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in the oxidized form of polypyrrole, every four pyrrole units carry one 

positive charge 10 , a coverage of 1 . 67 10-B mol/cm2 can be calculated 

for a 30 me CoTSPc/polypyrrole layer. In this chapter this theoretica! value 

will be used . 

A limiting current of 2.5 mA is reached below 0 V versus RHE in curve 2, 

tigure 4.2 . (The plateau is not shown in the figure). This value equals the 

theoretical diffusion limiting current for the reaction of oxygen to hydrogen 

peroxide. Curve 6, in the same figure, shows, although not very clearly, a 

first wave and the start of a second wave . In our view the first wave corres­

ponds to the reaction of dioxygen to hydrogen peroxide; the second wave is 

attributed to the further reduction of hydrogen peroxide to water. With this 

in mind, the half-wave potentials for the curves 2 and 6, can be determined 

with reasonable accuracy, if only the reaction of o2 to hydrogen peroxide is 

considered. The results are respectively 70 mV and 395 mv. With the use of 

these values, and the surface coverage in the two cases, the shift in halfwave 

potential as a function of the number of active sites can be calculated. The 

result is 155 mV/decade of active sites . 

For the Tafel slope of the first wave of curve 6 (figure 4.2) a value of 

-155 mV bas been determined . Notwithstanding the difficulty of the deter-
7 mination, this i s the same value as reported by Zagal-Hoya , for the o2 

reduction on CoTSPc adsorbed on C . The value of the Tafel slope corresponds 
p 

very well with the observed shift in the half-wave potential . This agreement 

may be somewhat flattered because of two compensating effects. First, the 

amount of catalyst in the film is probably taken too high, if we compare this 

with the results of the cyclic voltammetric measurements; secondly, it is 

probable not correct to neglect the dioxygen reduction on the polypyrrole 

matrix completely . 

Returning to the results for the five different electrode systems as 

presented in figure 4.1, we note that a vacuum-deposited layer (b) bas a lower 

activity than an irreversibly adsorbed layer (a), notwithstanding its thick­

ness . Since the film bas a relative low conductivity, the reaction must take 

place mainly at the interface between the substrate and the phthalocyanine 

film . o2 must diffuse through the inactive outer parts of the film to reach 

the active sites at the interface. The electrode obtained by evaporation of 

the solvent (e)_ bas a comparable physical structure, but probably a somewhat 

higher porosity and/or conductivity, r e sulting in a slightly increased 

activity for this electrode system as compared with system b. 

The two other electrode systems consist of a catalyst dispersed on a matrix 
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with high porosity and high conductivity, so that the whole layer, or at least 

a major part of it, is involved in the electrocatalysis. The direct incorpo­

ration in polypyrrole results in the most efficient utili~ation of the 

catalyst. 

b. Alkaline media 

Electrode systems a, b and e all show about the same activity in 1 M KOH, 

as can be concluded from the figures 4.4 and 4.5. Due to the greater stability 

of CoPc (or CoTSPc) in alkaline as compared with acid solutions, amore pre-
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Fig. 4.4: a) Cyclic voltammogram of CoPc adsorbed on C • The con­
P 

centrationsof the dip solutions are given in the figure. 
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Electrolyte: 1 M KOH, o2-free; scan rate: 100 mV/s. 

b) o2 reduction on the electrodes of f igure 4a, compared 

with a vacuum-deposited layer of CoPc. Electrolyte: 1 M KOH, 

o2 saturated; scan rate 50 mV/s; rotation frequency: 16/s. 
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Fig. 4.5 a) Cyclic voltammogram of electrode system e (evaporation of 

the solvent). The amounts of deposited catalyst are given in 

the figure. Electrolyte: 1 M KOH, o2-free; scan rate: 100 mV/s. 

b) o2 reduction on the same electrodes as in figure Sa. 

Electrolyte: 1 M KOH, O saturated; scan rate: 50 mV/s; 
2 

rotation frequency: 16/s. 

cise characte~ lzation of the alectrode is now possible. In figure 4.4a, the 

results are give~ for an irr ev0rs i bly adsorbed layer prepared by usin~ solu­

tions of different concentrat ions . The surface coverage increases from 

6.4 l0-11 mol/cm2 (for a concentration of 10~5 M CoPc) to 2.6 10-lO mol/cm2 

(fora concentration of 10-3 M CoPc). Figure 4.4b demonst~ates that the 

increased coverage is accompanied only by a slight increase in activity. The 

vacuum-deposited film (1100 !> also drawn in figure 4.4b bas the same activity 
-3 as the above mentioned a-type electrode prepared from a 10 M solution. 

An electrode with a vacuum-deposi ted film gives non-reproducible and 

featureless cyclic voltammograms in o2-free solutions. From the measured 
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activily, it can be concluded that the conductivity and porosity of the layer 

are such, thal about the same activity as that obtained for a monolayer is 

realized. On comparing figures 4.1 and 4.4b, it appears that the vacuum­

deposited films show a relative higher activity in alkaline than in acid 

solution. In our view, this difference is not caused by the electrolytes 

themselves, but due to the used preparation method. It is difficult to obtain 

films with identical physical properties.'Different films have a somewhat 

different conductivity and/or porosity, depending on the exact preparation 

conditions; these conditions cannot be kept constant with the applied method. 

Nevertheless, in both electrolytes only one monolayer or even less, is 

electrochemically active. 

With electrode system e (deposition of CoPc by evaporation of the solvent), 

the characterization also results in a featureless cyclic voltammogram as can 

be observed in figure 4.5a. The amount of catalyst has almost no effect on the 

activity as is demonstrated in figure 4.5b. 

The o2 reduction on electrode system c (CoTSPc incorporated in poly­

pyr~ole) has been examined in 0.1 H KOH solutions. The result is shown in 

figure 4.6. For comparison, the dioxygen reduction curve measured on a layer, 
-10 2 prepared from irreversible ausorption of CoTSPc (coverage 1.4 10 mol/cm ) 

has been drawn in the same figure. As can be seen from these curves, there is 

almost no difference in activity, in spite of the high catalyst loading in the 
-8 2 case of the 30 mC CoTSPc/polypyrrole film (1.67 10 mol/cm). With the 

CoTSPc/polypyrrole layer again a second wave appears. 

This wave can be ascribed, as also done for acid electrolytes, to the further 

reduction of hydrogen peroxide to water. The appearance of the second wave is 

due to the great number of active catalyst molecules. For the vacuum-deposited 

layer, there is no second wave, again suggesting that only part of the vacuum­

deposited layer is active. At high overpotential, the current decreases due to 

the change of polypyrrole to a reduced, non-conducting, form. 

Il is difficult to determine one unique Tafel slope for the first wave of 

the o2 reduction on a 30 me CoTSPc/polypyrrole layer in 0.1 H KOH: results 

vary from -60 mV at low overpotentials to -130 mV at higher overpotentials. 

Tafel slopes of -120 mV have been reported by Zagal-Hoya for an irreversibly 
7 

adsorbed layer of CoTSPc . Figure 4 . 6 shows that the shift of the halfwave 

potential as a function of the amount of catalyst, is not equal to the 

observed Tafel slope. The reason for this is that an adsorbed monolayer 

already accomplishes a reversible (or quasi-reversible) reduction of dioxygen 

to hydrogen peroxide in 0.1 H KOH. Any further increase of the number of 
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Fig. 4.6: o2 reduction on CoTSPc, adsorbed on CP, compared with a 

30 mC CoTSPc/polypyrrole layer. Electrolyte : O.l K KOH, 

o2-saturated; scan rate: 50 mV/s; rotation frequency: 64/s. 

active sites does not bring about an enhanced activity, as is characteristic 

for reversible reactions. 

4. 5 CGilclusions 

T~e investigations of five electrode systems demonstrate that the number of 

aclive sites is an important factor determining the activity of an electrode. 

This number is by no means the same as the total amount of catalyst present on 

lhe surface. A layer prepared by irreversible adsorption on an inert electrode 

material is recommended to study electrocatalysis, because of the possibility 

of determining the exact number of active sites and, moreover, the diffusion 

to the surface is well defined. The use of this electrode system enables the 

deterrnination of the "intrinsic catalytic activity" of a catalyst. With 

"intrinsic catalytic activity" is meant the (catalytic) activity of a surface 

expressed by an exchange current dens i ty and. corrected for the number of the 

active sites on this surface. The obtained quantity can be called turnove r 

number. 

The use of this turnover number instead of the exchange current densi ty 

will not give very different results for metal electrodes, since they all have 

about the same number of surface atoms per unit surface area. However, this is 

not the case with large organic molecules as catalyst, containing only one 



aclive site per molecule. For instance, when the catalytic activity of a 

surface, covered with CoTSPc, is compared with the activity of platinum, the 

use of exchange current densities gives a false picture. If the same geometrie 

surface area is taken into account, an adsorbed monolayer of CoTSPc contains 

5.1013 molecules/cm2 , assuming an area of 200 K2 per molecule with the 

molecules lying parallel to the surface. For platinum, however, a number of 
15 2 3 1 . 35 10 atoms/cm can be calculated using a density of 21.45 g/cm 

Thus, a platinum electrode has 27 times more active sites than an adsorbed 

monolayer of CoTSPc . An Cimaginary) CoTSPc electrode that would contain the 

same number of active sites as platinum per unit surface area (and which, 

therefore, allows a fair comparison), would show in acid electrolytes a half­

wave potential, that is shifted 220 mV in anodic direction, compared with the 

electrode, described by curve 2 in figure 4.2. 
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Chapter 5 Dioxygen reduction on vacuwn-deposited and adsorbed transition 

metal phthalocyanine films. 

5 . 1 Introduclion 

The transition metal phthalocyanines of iron and cobalt (abbreviated as FePc 

and CoPc, respectively) have been studied for almost two decades as electro­

catalysts for the cathodic reduction of dioxygen 1 . A lot of work bas been 

performed using gas-diffusion electrodes 2 , however, more detailed infor­

mation about the catalysis can only be obtained with more sophisticated 

methods, such as the rotating ring-disc electrode (RRDE). The chelates can be 

applied to the disc via irreversible adsorption 3 , evaporation of the 
4 5 . . 6 

solvent , vacuum deposition or incorporat1on into a conducting polymer 

In previous publications the results of vacuwn-deposited iron- and cobalt 

phthalocyanine films in alkaline solution were reported 7 . This chapter 

describes the behaviour of these electrodes in acid solution, and compares the 

results with electrodes onto which a monolayer is irreversibly adsorbed. 

Because of the significant differences, it was also investigated how the 

physical properties of the films affect the electrochemical behaviour, both in 

acid and àlkaline solution. 

5. 2 Experiment al 

The vacuwn-deposited phthalocyanine films were prepared according to the 
7a 

described procedure The films were deposited onto gold, platinwn, and 

pyrolytic graphite (Cp) disc electrodes, all equipped with a platinum ring. 
2 

The electrodes have a surface area of 0.5 cm and a collection efficiency N 

of 0.27 (Au and Cp) or 0.24 (Pt). The film thicknesses varied from 700-3000 R, 
since it was not possible with this technique to produce films with a repro­

ducible thickness. The film thickness was measured using an indirect spectro-
. 7a 

photometr1c method 

Irreversibly adsorbed monolayers of FePc and CoPc were prepared by dipping a 

dry, freshly polished Cup to 0.3 µm Al2o3 , Buehler) Cp electrode in a 

10-J M solution of the corresponding phthalocyanine in pyridine for one 

minute, and flushing it with doubly destilled water. 

Jl 



The following measuring procedure was applied to the electrodes: 

Heasurement of the o2 reduction as a function of potential and rotation 

frequency. At the disc o2 is reduced; at the ring the amount of formed 

hydrogen peroxide is monitored. 

Cyclic voltammetry of the electrodes in o2-free electrolyte. The 

objective is to detect redox peaks corresponding to the centra! metal ion 

and to relate these to the observed catalytic properties. 

Heasurement of the H2o2 reduction in o2-free solutions as a function 

of potential and rotation frequency. Since the o2 reduction can proceed 

along two pathways (viz . the direct 4e reduction to water, or the 2e 

reduction to H2o2 which can be either the stable end product or is 

subsequently reduced to water), alsp the reduction behaviour of H2o2 on 

these electrodes is of interest. 

All measurements were performed in a standard three-compartment electro­

chemical cell, filled with 150 ml electrolyte . A reversible hydrogen electrode 

CRHE) was used as a reference electrode; a platinwn foil as a counter elec­

trode. Both the acid (0.5 H H2so4 i and the alkaline (1 H KOHl electrolytes 

were prepared from p . a. chemicals (Herckl and doubly destilied water . The o2 
reduction was measured by scanning the disc potential from 1.0 to 0 V vs. RHE, 

- 1 and vice versa with 50 mV s , at four rotation frequencies: 4, 16, 36 and 

64 s-1 . The platinized ring Ja was maintained at a potential of 1.2 V to 

ensure quantitative H2o2 detection. Characterization of the electrodes in 

o2-free solutions was performed by also scanning the disc potential from i . O 
-1 . 

to 0 V versus RHE and back again, now with 100 mV s . The behaviour of 

peroxide was studied in o2-free 4-7 mK H2o2 solutions, by scanning the disc 

potential from 1.0 to 0 V and vice versa with 50 mV s-l at rotation 

frequencies of 4, 16, 36 and 64 s-1 . 

S .3 Results 

1. Vacuum- deposited phthalocyanine films. 

In figure 5.1 the results are given for the o2 reduction in 0.5 K H2so4 

at a 1800 R CoPc film deposited on pyrolytic graphite. The same results were 

obtained with Au as substrate. The ratio of ring and disc current shows that 

o2 is reduced to H2o2 exclusively; the reduction starts at about 200 mV 

vs. RHE i . e . at high overpotential . Since the diffusion-limited current for 
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-1 
reduction of o2 to u2o2 <n ; 2) is 2 mA at 64 s , it is clear that the 

reduction is kinetically limited in this potential region. 

In fig. 5.2 the results for a 2200 K FePc film on Au are depicted under the same 

conditions. The reduction seems to proceed in two waves. The first wave starts 

at about 700 mV vs. RHE and is kinetically limited. At 200 mV vs. RHE the cur­

rent increases rapidly and reaches values exceeding the diffusion-limited cur­

rent for the reduction of o2 tó u2o2 . This, together with the measured ring 

currents, shows that FePc yields a mixed production of H2o2 and u2o in acid 

electrolyte. In order to give a complete picture, the behaviour of the CoPc 

and FePc films in 1 M KOH under the same experimental conditions is presented 

in the figures 5.3 - 5 . 5. In this electrolyte a substrate effect occurred: a 

C"oPc film ( 1100 Îl de pos i ted on Cp (fig. 5. 3) reduces o2 in one wave, 

starting at about 870 mV vs. RHE. At high overpotential the disc current is 

proportional to the square root of the rotation freguency, so the reduction is 

pure diffusion limited at these potentials . The magnitude of the limiting 

current matches the theoretical value in 1 M KOH (1.5 mA at 64 s-1 > for 

reduction to H2o2 . The ring currents likewise indicate that u2o2 is 

the sole product. Also the behaviour of u2o2 itself at this electrode was 

studied: the dashed line in fig. 5.3 represents the disc current at 64 s-1 

in a 4 mM u2o2 solution, containing no o2 and shows that, indeed, 

tt2o2 is stable at this electrode. If CoPc is deposited on Au (1400 Î, fig. 

5.4) the behaviour is different: the reduction now proceeds in two waves. The 
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Fig . 5 . 4 o2 reduction in 1 K KOH at a 1400 R CoPc film deposited on 

Au (solid lines); scan rate 50 mV s-1 , rotation frequen­

cies 4 (1), 16 (2), 36 (3) and 64 s-l (4). Reduction of 

H2o2 in o2-free 4 mK H2o2 solution in 1 K KOH 

(dashed lines) at the same scan rate and rotation frequencies . 
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first wave is the reduction of o2 to H2o2 ; during the second wave the 

diffusion-limited current for reduction of o2 to H2o is reached. The 

results in o2-free 4 mH H2o2 solution (dashed llnes) show that the 

second wave can be attributed to the subsequent reductlon of the formed 

H2o2 to H2o. This conclusion is corroborated by the behavlour of the 

ring current. This o2 reduction in two waves is also observed on a bare Au 

electrode, except that the first wave is not so steep as with a CoPc film, 

deposited on Au. Since a second wave does not occur on a Cp substrate, and the 

u2o2 reduction starts at the same potential as on bare Au, the subsequent 

reduction of the formed H2o2 at the CoPc/Au electrode probably takes place 

at the gold substrate. 

The results for a 2100 Î FePc film on Au are given in figure 5.5. The beha­

viour in dioxygen-free 7 mH H2o2 solutions is again presented by the 

dashed lines. With Cp as substrate virtually the same results were obtained. 

Though the reduction seems to proceed in two waves, both waves correspond with 

o2 reduction to H20 since only very small ring currents are observed. 

Below 0.5 V vs. RHE the diffusion-limited currents for o2 reduction to u2o 
are reached; the first wave is somewhat kinetlcally limited. · 

The characterization of the films in o2-free electrolyte was not possible. 

In most cases featureless cyclic voltammograms were obtained. As an example 

the results of CoPc films in 1 M KOH on three different substrates are given 

in figure 5.6. For f .ilms deposited on Au or Cp, no clear peaks can be observed 

at all. This is different on a Pt substrate, but here the peaks are obviously 

characteristic for the platinum itself. Nevertheless, two conclusions can be 
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Fig. 5.6 Cyclic voltammetry in o2- free 1 M KOH at CoPc films, 

deposited on three different substrates; scan rate 100 mV s - l 
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drawn from these measurements, First, the electrolyte can penetrate into the 

film, otherwise the platinum peaks in figure 5.6 would not be visible. 

Secondly, the major part of the deposited catalyst is not detected electro­

chemically. Results obtained with irreversibly adsorbed phthalocyanines (see 

later in this section) show that both CoPc and FePc have redox peaks in the 
0 -8 

studied potential region. A Pc film of 2000 A thick corresponds to 5.10 

mol, assuming that the volume of a Pc molecule is about 360 Î 3 . This equals 

a charge of 5.10-3 C (n = 1), a quantity that is clearly not seen in figure 

5.6. This indicates that the major part of the molecules present is not in 

electrical contact with the substrate. 

2. Irreversibly adsorbed phthalocyanines. 

In figure 5.7 the results in o2-free 1 H KOH are depicted. The Cp electrode 
-5 -4 -3 was dipped for one minute in 10 , 10 or 10 H solutions of CoPc in 

pyridine. Though the obtained cyclic voltammograms were independent of the 

dipping time, with fresh dipping solutions the highest surface coverages are 

obtained. As compared lo the Cp background a clear redox peak is present at 
· II III 

0.5 V vs. RHE. The peak is probably not related to the Co /Co but to the 
I II II III 

Co /Co redox couple, or to the ligand itself, because the Co /Co 
3 

redox peak is situated at 1.2 V vs. RHE at pH ~ 0. In 1 H KOH this 

potential with respect to RHE shifts to even higher values, if the redox 

process is pH-independent, because the potential of the reference electrode 

shifts 60 mV in cathodic direction compared to a pH-independent reference 

electrode. The peak surface i . e. the catalyst loading depends on the concen­

tration of the dipping solution, so the adsorption seems to represent a fast 

equilibrium process. From the surface area under the peaks a catalyst loading 
-11 -10 -10 -2 

of 6.0.10 , 1.6.10 and 2.6.10 mol cm can be calculated for the 

10-5 , 10-4 and 10-3 H dipping solutions respectively. One monolayer of adsorbed 
-10 -2 

CoPc corresponds to 1.4.10 mol cm geometrie surface area, assuming 

that the molecules lie flat on the surface and occupy an area of 120 K2 . 

Since even a polished Cp electrode will exhibit considerable surface rough­

ness, the surface coverage ranges from about monolayer adsorption in the case 

of the 10-3 H dipping solution, to submonolayer coverage with more dilute 

solutions. The measured o2 reduction on these electrodes (figure 5.7b) and 

the obtained ring currents (not displayed) show that all electrodes reduce 

o2 to H2o2. The E% depends on the catalyst loading so the reaction is 

not yet reversible 8 For comparison the results at 16 s-l of a vacuum-
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Fig. 5.7 Cyclic voltammetry in o2-free 1 H KOH at CoPc, irrever­

sibly adsorbed on Cp from pyridine solutions of different 
-1 

concentrations; scan rate 100 mV s (5 . 7a); 

o2 reduction at the same electrodes in 1 H KOH; scan rate 
-1 -1 

50 mV s , rotation frequency 16 s ; for comparison the 

results for a 1100 Î CoPc film under the same conditions are 

also presented (5.7b). 

deposited CoPc film on Cp (1100 Î> are also given in figure 5.7b: it bas the 

same activity as an adsorbed monolayer of CoPc. 

The same experiments were performed using FePc (figure 5.8). The characteri­

zation yields two redox peaks. The peak at 850 mV is probably due to the reac­

tion: Fe111ou- + e - .... Fe11 +OH-. To which process the peak at 450 mV has to 

be ascribed is yet uncertain. The peak area strongly depends on the concen~ 

tration of the dipping solutions: no peaks are detected using a 10-5 H FePc 
-3 -10 - 2 solution. The electrode prepared out of a 10 H FePc solution (l.6.10 mol cm ) 
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is very active for the o2 reduction in 1 M KOH Cfigure 5.8b) . Dioxygen is 

reduced to water in virtually one wave, starting at 950 mV vs. RHE . With a 

lower catalyst loading (10-4 M FePc, 2.lo-11 mol cm-2 ) two waves are 

visible. The first one is kinetically limited; at higher overpotential the 

diffusion limited current for the reduction to H2o is reached . The reason 

that the current drops again at still higher overpotential is probably the 

incomplete coverage with FePc. At such a high overpotential, o2 is also 
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Fig. 5. 8 Characterization in o2-free 1 M KOH of FePc , irreversib~y 

adsorbed on Cp from pyridine solutions of different 
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concentrations; scan rate 100 mV s (5 . 8a) ; 

o2 reduction on these electrodes in 1 M KOH; scan rate 
-1 - 1 50 mV s , rotation frequency 16 s (5.8b). 
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easily reduced on the uncovered substrate, leading, however, to the production 

of peroxide. Although no FePc can be detected on the surface in the case of a 

10-5 H dipping solution, it is clear from figure 5.8b that FePc is present: 

the disc current reaches values exceeding the diffusion-limited current for 

o2 to H2o2. 

The electrodes prepared with the 10-3 H CoPc or FePc solutions were also 

tested in o2-saturated 0.5 H H2so4 . Results of an irreversibly adsorbed 
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monolayer CoPc are presented in figure 5 . 9. Comparison with figure 5.1 shows 

that the same result is obtained as with a vacuum-deposited CoPc film; the 

~ in the case of an adsorbed monolayer is, however, somewhat shifted. in 
8 anodic direction indicating the presence of a higher number of active sites 

An irreversibly adsorbed monolayer of FePc (figure 5.10) is more active than 

CoPc, but produces virtually only H2o2 in this electrolyte. The stability 

was poor, but good enough to perform reliable RRDE-experiments. 

5 . 4 Discussion 

The first question that arlses from this work is in what part of the vacuum-
9 

deposited film the reaction takes place. As pointed out by Albery and Hillman 

the reaction can take place in six different locations: at the electrode/film 

interface, at the electrolyte/film interface, throughout the whole film, or a 

reaction layer at the electrode surface, at the electrolyte interface or in 

the middle of the film. Which of the six possibilities represents the actual 

situation is to a large extent determined by physical properties of the film, 

such as permeability and electron conductivity. For instance, at a film with a 

low permeability and high conductivity the reaction proceeds at the electro­

lyte/film interface; in the case of a film with high permeability and low 

conductivity at the electrode/film interface. The figures 5.3, 5.4 and 5.6 

show that the substrate is accessible for the electrolyte and the dissolved 

reactant. From the figures 5.1 and 5.9 one can conclude that only a small part 

(in the order of a monolayer) of the vacuum-deposited film is electrochemi­

cally active. If the whole film was active, a considerable shift of the ~ 

in anodic direction should have been observed in acid solution, as compared to 

an adsorbed monolayer, since the reaction is irreversible in this electrolyte. 

Such a shift bas indeed been observed with cobalt chelates, directly lncorpo­

rated into a porous conducting polymer 8 . The fact that the E% of a vacuum 

deposited film has somewhat shifted in cathodic directlon, indicates that even 

less than a monolayer is active. Since the electrolyte can penetrate into the 

film, this behaviour must be attributed to a .very low conductivity of the 

film. Therefore, the o2 reduction on vacuum-deposited film takes place at 

the electrode/film interface. The layers on top are not in electrical contact 

with the substrate and therefore not active . Moreover, they hinder the dif­

fusion of o2 to the electrode interface, resulting in somewhat inferior 

catalytic properties of the vacuum-deposited films. This conclusion was 

verified by a study of electrodes in o2- saturated 1 M KOH, consisting of 
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both a CoPc and a FePc film of about 1000 Î, deposited on Au (figure 5.11) . If 

the FePc film is situated directly on the Au substrate and the CoPc film on 

top of it (solid line), the electrode should exhibit FePc behaviour i.e. 

reduction to water, if the above described model is correct. In the reverse 
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Fig.5 . 11 o2 reduction in 1 K KOH at a Au electrode covered with 
-1 

both a CoPc and a FePc film; scan rate 50 mV s , rotation 
-1 

frequency 16 s Dashed line: the CoPc film directly on 

the gold and the FePc film on top. Solid line: the FePc film 

directly on the Au and the CoPc film on top. 

case (CoPc directly on the Au, FePc on top, dashed line) the o2 should at 

least initially be reduced to H2o2 which can subsequently be reduced at 

the Au substrate at higher overpotential. Figure 5.11 shows that indeed this 

is found experimentally. Only the second wave of the dashed curve bas somewhat 

shifted in anodic direction as compared to figure 5 . 5, perhaps caused by 

chemica! decomposition (but not electrochemical reduction) of the formed 

H2o2 at the FePc film on top. The latter phenomenon is probably also 

responsible for the increased production of water at the vacuum-deposited FePc 

film as compared to irreversibly adsorbed FePc (figures 5 . 2 and 5.10 respec­

tively). If the FePc is present as a monolayer, the formed H2o2 can easily 

diffuse into the solution; if the electrode is covered with a FePc film, -a 

relatively high peroxide concentration can be build up inside the film, 

resulting in an increased chemical decomposition of this peroxide. The formed 
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o2 can again be reduced at the electrode/film interface. 

What remains to be explained is the difference between Fe and Co as the 

central metal atom. Cobalt phthalocyanine reduces o2 to H2o2 only, both 

in acid and alkaline electrolyte. The dependence of the E% of the o2 
reduction versus RHE, as a function of the pH, shows that this reduction is pH 

independent: the potential of the RHE itself namely shifts 60 mv per pH unit 

versus a pH-independent reference electrode. The rate determining step is most 
10 likely the pH-independent formation of superoxide : o2 + e ~ o;. The 

behaviour of FePc is more complex . The o2 reduction seems to proceed in two 

waves. The second wave coincides with the potential where H2o2 is reduced 

to H2o quantitatively. Therefore, in this potential region reduction of o2 
to H2o2 and subsequent reduction of the formed H2o2 is possible. The 

first wave, however, is more interesting, since this wave also virtually cor 

responds with reduction of o2 to H20, while H2o2 is quite stable on the 

electrode at these low overpotentials. In the beginning of this wave oxygen is 

even reduced to water without the production of tt2o2 as an intermediate, 

i.e. the so-called direct 4e reduction . A survey of the literature shows 
11 

that direct reduction of o2 occurs on noble metals as platinum and silver 

electrodes prepared by under potential deposition (UPD) of metals 12 , and 

dicofacial dicobalt porphyrins 13 .In all cases the unique selectivity is 

explained by assuming bridging adsorption. In our view the first wave at FePc 

is also due to bridging adsorption: the formation of dimeric µ-peroxo oxygen 

adducts on iron containing chelates bas been well documented 14 . 

Since it is most likely that the adsorbed molecules lie parallel to the 

surface, these dimerlc species will be very few in number: probably they can 

only be formed at places on the surf ace where the surface roughness enables 

lhe adsorption of two adjacent molecules with the iron centres properly spaced 

(ca. 4 Îl for the formation of dimeric o2 adducts. Their relative low number 

explains the observation that the first wave is kinetically limited. 

So in fact a monolayer of adsorbed FePc contains two different active species: 

monomeric and dimeric o2 adducts. At very low overpotential only the dimers 

are able to reduce dioxygen, so no H2o2 is formed . At higher overpotential 

also the monomers start to reduce o2 with H2o2 as the intermediate 

product: the ring current increases. The lower activity of the monomeric 

species is compensated by a much higher concentration of these sites at the 

surface. At even higher overpotential the reduction of the peroxide proceeds 

quanlitalively: the ring current drops to zero and the limiting current for 

the reduction of o2 to H2o is reached. 
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It is interesting to compare the results of FePc, irreversible adsorbed on 

ordinary pyrolytic graphite, with the results of Zagal with tetrasulfonated 

iron phthalocyanine (FeTSPcl, adsorbed on the basal plane of "stress annealed" 

pyrolytic graphite 3 . The latter substrate approximates a perfectly smootb 

surface. If the adsorbed molecules lie flat on the surface, the formation of 

dimeric o2 adducts is very unlikely due to the absence of surface roughness. 

Indeed the first wave of the o2 reduction on FeTSPc has almost vanished 

completely if the basal plane is used as a substrate. 
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Chapter 6 Redox potential and electrocatalysis of dioxygen reduction on 

transition metal chelates 

6.1 Introduction 

Since the introduction of cobalt phthalocyanine (CoPc) as electrocatalyst for 

cathodic o2 reduction by Jasinski 1 in 1965, transition metal chelates 

have been studied for this purpose 2 . In figure 2.1, the molecular struc­

tures of the most extensively investigated chelates are given. For the quali ­

tative explanation of their activity, different concepts were developed. 
2 Application of the KO theory to these systems has shown that the highest 

interaction of o2 with the central metal ion will be obtained with Fe(II) 

and Co(II). The higher this interaction, the more the 0-0 bond is weakened, 

the more easily the molecule is reduced. Another approach has been given by 

Ulstrup 3 If the electronic levels of electrode and reactant lie too far 

apart, the transition of electrons is improbable. The catalyst then should act 

as a mediator, supplying intermediate levels, increasing the probability of 

electron transport. A third concept is that of redox catalysis, developed by 

Beek 4 . In this concept the redox potential of the central metal ion is 

crucial. During the adsorption of o2 , the metal ion is oxidized, thereby 

reducing the o2 molecule. The simpliest representation is as follows: 

+ -H ,e products + Me3+ 

In order to account for supplementary experimental evidence, a somewhat modi ­

fied model was developed 4 in which the central metal ion could also be 

partly oxidized. 

From this scheme it is clear that the potential where o2 is reduced should 
II lil be closely related to the Me /Me redox potential of the central metal 

ion. Nevertheless, in relatively few cases these redox potentials have actu­

ally been measured in the same electrolyte in which the o2 reduction is 

studied. In most cases, if measured at all, these redox potentials were deter­

mined in water-free media, since this results in sharp peaks. The effect of 
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the pH on the redox potential in such water free media is rather difficult to 

translate to that of the pH in water as a solvent . Koreover, it is question­

able whether or not it is allowed to identify values for the redox potential 

found in solution to that adsorbed on the electrode substrate. Recently, Ni 

and Ansen 5 have shown a 340 mV dif ference between a dissolved and an adsor­

bed cobalt _porphyrin. A meaningful correlation between o2 reduction and 

redox potential, however, is only possible if both processes are studied in 
6 the same electrolyte. A good example of such an approach is the work of Zagal 

who investigated both redox potentials and o2 reduction of the water soluble 

cobalt and iron tetrasulphonated phthalocyanines (TSPc), adsorbed on pyrolytic 
7 8 graphite, as a function of pH. From previous work in our laboratory ' 

(chapters 4 and 5), it bas become clear that irreversibly adsorbed monolayers 

of FePc, CoPc and CoTAA can be prepared by dipping a pyrolytic graphite (Cp) 

disc into pyridine solutions of the corresponding chelates. These phenomena 

gave rise to a more detailed study of pH effects on the adsorbed macrocycles . 

The objective of this research is to measure the redox potentials of the dif­

ferent chelates as a function of the solution pH, and to establish the corre­

lation between these values and the observed E%'s for o2 reduction in the 

same electrolytes . 

6.2 pH and thermodvnamics of o2 reduction 

The study of o2 reduction is complicated by the fact that different products 

can be formed: o2 can be either reduced directly to water, or to H2o2 which 

can be the stable endproduct or is subsequently reduced to H2o. The first step in 
. 10 11 the reduction mechanism is most likely the formation of the superoxide ' : 

o2 + e ~ o 2 . The equilibrium potential of this couple is -0.33 V vs . 

NHE and is independent of the solution pH. The equilibrium potentials of both 

the o21H2o couple and the o21H2o2 couple decrease 60 mV per increase in pH 

unit (figure 6.1) . The driving force for superoxide formation increases rapid­

ly with increasing pH . In fact, at Hg, the reduction of o2 to H2o2 at 

high pH is a reversible reaction 12 . Therefore, if the reduction of o2 on 

transition metal chelates is investigated as a function of pH, two simultane­

ously occurring effects have to be accounted for: 

the stability of superoxide changes as a function of pH; 

the redox potential of the central metal ion can change, and thus influence 

the kinetics of the reaction. 
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Fig. 6.1: Pourbaix diagram for o2 reduction. 

6.3 Experimental 

In order to eliminate mass-transport problems, the rotating disc electrode 

technique was used 13 . The chelates were applied onto a polished (0.3 µm Al2o3 , 

Buehler) Cp disc (A = O.S cm2> via irreversible adsorption during one minute 
-3 out of 10 M pyridine solutions. Three c.helates were studied: CoPc and FePc 

(Eastman Kodak), and CoTAA, kindly provided by Professor K. Wiesener (Tech­

nische Universität, Dresden, DDR) . The electrodes were studied in the following 

buffer solutions: pH = 0: HCl04 , pH = 2: KCl/HCl, pH 

HCl, pH : 6: KH2Po4/NaOH, pH = 8: HCl/H3so3/NaOH, pH 

4: KH Phthalate/ 

10,12: NaOH/glycine/ 

NaCl, pH = 14: NaOH·. All electrochemical experiments were performed in a 

standard three-compartment electrochemical cell. A Pt feil is used as a 

counter electrode; a reversible hydrogen electrode (RHE) as a reference . All 

measured potentials are given with respect to .RHE. Redox potentials were 

determined by scanning the disc potential in o2-free solution <N2 > from 

1.0 V to 0.0 V and back again with 100 mV s-1 . In some cases (pH= 0-4), the 

upper scan limit was 1.2 V, since there is a CoPc redox peak present in that 

reg ion. 

The o2 reduction was measured by scanning the disc potential with SO mV 
-1 

s in o2-saturated solutions from 1.0 V to 0 . 0 V and vice versa, at a 
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Fig. 6.2: Deterrnination of the redox potentials of FePc (a), CoTAA 

(b) and CoPc (c), irreversibly adsorbed on Cp. The dashed 

curves represent the Cp background. Electrolyte: O -free 
-1 2 

1 H NaOH; scan rate 100 mV s 

rotation frequency of 16 s-1 . Since the conductivity of the solutions of 

pH • 2- 6 was insufficient, during o2 reduction experiments one mol KN03 
per litre electrolyte was added . This addition had no effect on the rneasured 

redox potentials. 
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6.4 Results 

An example of the cyclic voltanunograms of the different adsorbed chelates in 

1 M NaOH is given in figure 6.2. Compared to the Cp background (dashed curves), 

the adsorbed molecules give rise to one or more redox peaks. In the case of a 

reversible electron transfer to adsorbed species, the redox potential is equal 

to the peak potential and the peak area proportional to the catalyst loading. 
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Fig. 6.3: The same as figure 6.2, but now at pH 2. 
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Although a difference in the number of active sites affects the location of 

the o2-reduction wave 7 , this difference is only small (1.6 10-lO mol cm-2 for 
-10 -2 10 -2 FePc; 2.3 10 mol cm for CoTAA and 2.6 10- mol cm for CoPc) and will 

therefore only have a small effect. The peaks in the cyclovoltammograms in 

acid media were somewhat less resolved (figure 6.3) . The peak potential of 

CoTAA at these pH's was difficult to determine due to peak broadening. The 

reason for this peak broadening is unclear but was not further investigated . 

At pH • 0, no accurate determinatioo of the CoTAA redox potential was 

possible. The redox potentials as a function of the pH are summarized in 

figure 6.lt . 
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Fig. 6.4: Redox potentials of FePc, CoTAA and CoPc as a function of 

the solution pH. 

The results of the 0:2reduction experiments are depicted in the figures 

6.5- 6 . 7 . Since the diffusion-limited currents depend on the electrolyte under 

consideration, mainly due to differences in o2 solubility, the disc current 
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To compensate for different o2 solubilities in the 

various buffer solutions, the disc current I is divided by 

the diffusion limited current for o2 reduction to 

H2o2 in the corresponding electrolyte, IL. 
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Fig. 6.6: o2 reduction on CoPc, irreversibly adsorbed on Cp, as a 

function of the solution pH. 
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Fig. 6.7 : o2 reduction on FePc, irreversibly adsorbed on Cp, as a 
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is plotted as 10 divided by IL (H2o2), the latter being the diffusion-limited 

current for o2 reduction to H2o2 (n = 2). Since CoTAA reduces o2 to H2o2 
9 exclusively , the obtained limiting current at CoTAA in the corresponding 

electrolyte was taken as IL CH2o2>. 

6.5 Discussion 

The assignment of the different redox peaks is not completely straightforward. 

Bath CoPc and FePc behave similarly to the water-soluble CoTSPc and FeTSPc, 

only the values of the different redox potentials are somewhat shifted 7 •14 . 

The high potential of CoPc at low pH is related to the co111co111 redox 

couple. As already established by Zagal 6 , this redox process is pH indepen­

dent; its peak, measured vs. RHE therefore shifts ca. 60 mV in a positive 

direction per increase in pH unit. The CoPc peak, observed at high pH 

{fiiure 6.2c) is probably related to the co1/co11 redox couple 14 Below pH 7, 

this redox process becomes pH dependent: the potential vs. the pH dependent 

RHE reaches a constant value. The most anodic peak of FePc (figure 6.2a) is 

related to the Fe111Fe111 redox process 6 . This redox couple is pH dependent 

for 6 < pH < 14 . The ether FePc peak is probably related to the Fe1/Fe11 redox 

couple. This peak is pH dependent from pH = 0-8; at higher pH this process 

becomes pH independent . This redox process will not be discussed any further 

since for the first wave of the o2 reduction, the Fe111Fe111 peak is involved. 
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The only available information about the redox behaviour of CoTAA is obtained 

with a slurry electrode 4 in 4.5 N H2so4 . A redox process was observed at ca. 

0.5 v vs. RHE, which was attributed. to either the two-electron oxidation of the 
II III . ring system, or to the Co /Co redox couple. In our view, however, the 

I II 
CoTAA redox process more likely represents the Co /Co redox couple; for a 

II III Co /Co system, the potential would be very low. Compared to CoPc, the 

c0 1tco11 peak of CoTAA shows the same pH dependence, however, the values of 

the CoTAA redox potentials are several hundreds of millivolts higher. 

Before entering into the relation between the redox potentials and the ob­

served o2 reduction, some general features of the figures 6.5-6.7 will be 

discussed. As stated before, with CoTAA only H2o2 is produced Cfigure 6.5). 

With CoPc (figure 6.6) initially H2o2 is formed which is to some extent 

further reduced to H2o at pH ~ 6-12. At pH = 14 only H2o2 is formed. In the 

case of FePc (figure 6.7), the main product is H2o at high pH . This difference 

in selectivity of FePc compared to the cobalt-containing chelates bas been 

discussed elsewhere 8 •15 . Even at pH 14, the reduction to water is occurring 

at potentials which are far away from the theoretically obtainable 1.23 V. 

Contrary to the reduction of o2 to H2o2 , the reduction to H2o is still 

slow at this pH. 

For the comparison of CoTAA with CoPc, for both complexes both the redox 

potentials EP and half-wave potentials ~ for o2 reduction to H2o2 are presen­

ted in figure 6.8. The CoTAA redox potential decreases 60 mV per pH unit going 

from pH • 14 to pH = 10. The same applies to the E% for the o2 reduction 

at CoTAA. Below pH : 10, the redox potential remains constant. Figure 6.8 

shows that the same is true for ~· With CoPc similar behaviour is obtained, 

only the values are deviating. 

Kspecially in acid media, the difference in redox potential between CoPc 

and CoTAA is also reflected in the E%'s. At pH~ 0, E% of CoTAA is 400 mV 

more anodic than ~of CoPc. At higher pH, this difference becomes less; at 

pH• 14 it is 70 mV, despite a 300 mV difference in redox potential. Similar 

values for E% at pH = 14 have been found on other peroxide-producing sub­

strates like Au and Hg 8 •12 . This shows that - at this pH, the reduction to 

H2o2 has become so reversible that the actual redox state of the catalyst 

is less important. An interesting observation is that despite the inferior 

results in acid as compared to alkaline solution, from the fuel cell point of 

view, the o2 reduction to H2o2 as such is more catalyzed in acid than in alka­

line media. At pH = 14, ~ for o2 reduction is shifted ca. 300 mV in anodic 
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direction, compared to the standard potential of superoxide formation; at pH 0 

this shift is ca. 900 mV with CoTAA. 

In the case of FePc, the Fe11tFe111 redox peak is constant from pH= 6 to 

pH 14. In general this is also true for the measured o2 reduction, only at 

high pH there is some deviation . A measurement at pH 13 (not displayed) 

resulted in a wave that virtually coincided with the wave of pH = 14. Whether 

this behaviour is due to a drastic increase in conductivity, going from 

pH = 12 to pH = 13, or that Fe chelates are more influenced by complexing 

anions of the buffer solutions, is unclear. 

6.6 Concludin~ remarks 

Summarizing, this work has shown that in the case of an irreversible o2 
reduction, there is a clear correlation between the redox potential of the 

central metal ion and the observed o2-reduction behaviour. With increasing 

reversibility of the reaction, the actual redox state of the catalyst becomes 

less important. 

A comparison between CoPc and CoTAA in acid media shows that differences in 

redox potential severely influence the activity. In our view this influence is 
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underestimated sofar, probably because most of the work published bas been 

performed with gas-diffusion electrodes. The presence of a vast amount of 

catalyst molecules and the nature of this electrode (wetting propertiesl over­

shadow the performance of the individual molecules . With gas-diffusion elec-
2 

trodes only small differences in activity are found , contrary to the 

results of rotating disc experiments. This work demonstrates that changes in 

the macrocyclic ring structures have a profound effect on the catalytic acti­

vi ty (400 mV increase in E% going from Pc to TAAl, due to differences in 

ligand strength. Especially the size and form of the conjugated n - system and 

the N4 cage (square in the case of CoPc, rectangular for CoTAAl deserve more 

attent ion. 
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Chapter 7 The four-electron reduction of dioxygen to water on a planar 

dicobalt chelate 

For almost two decades, 3d transition metal chelates have been studied as 

electrocatalysts for the cathodic reduction of dioxygen. The best activities 

were obtained with the N4 chelates of Fe and Co 1 . It was also shown that 

mononuclear Co chelates reduce dioxygen to hydrogen peroxide; only with Fe as 

a central metal ion was reductlon of dioxygen to water observed. In 1979 

Collman, Anson, and collaborators 2 , however, reported the reduction of 

dioxygen to water on the cofacial dicobaltporphyrin (fig . 7.la). The two por-

a b 

4+ 

( d 

Fig. 7.1 Kolecular structure of some dinuclear cobalt chelates: 

(a) amide bridged dicofacial dicobalt porphyrine co2FTF4 
(ref. 2) 
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(b) planar dicobalt chelate co2TAPH4+ (ref. 3) 

(c) anthracene linked dicofacial dicobalt porphyrin (ref. 4) 

(d) idem, containing only one Co atom (ref . 5) 



phyrin rings are so spaced that bridging coordination of o2 becomes pos­

sible. Clearly, this bridging coordination, requiring the presence of two Co 

centres at the appropriate distance, is a crucial condition for the occurrence 

of 4e reductlon . In principle, this condition can also be fulfilled by 

planar chelates, containing two Co ions. Indeed, 4e reduction of dioxygen 

on the planar cobalt complex, depicted in fig. 7.lb, was reported recently by 
. 3 Yeager and Sarangapan1 

We now report our results with a different planar dinuclear Co complex, 

namely di aqua-dichloro-bi s ( 3, 5-di-2-pyridyl-l, 2, 4-tri azolato)dicobalt (II) 

2+ 

Fig. 7.2 Holecular structure of Co2dpt2Cl2 

(Co2 <dpt) 2c12 , fig. 7.2), kindly provided by Hr. R. Prins, State University of 

Leiden. The electrochemical measurements were performed with a rotating ring 
2 (Pt)-pyrolytic graphite disc electrode (S = 0.5 cm; N = 0.27), in a stan-

dard three-compartment electrochemical cell. All potentials are given with 

respect to the reversible hydrogen electrode (RHE). The ring was slightly pla­

tinized to ensure quantitative H2o2 detection; the ring potential was set 

at 1 . 2 V vs . RHE. Before each experiment, the ring was activated by periodic 

evolution of hydrogen and oxygen for 1 min. The catalyst was applied to the 

disc (previously polished with 0.3 µm Al2o3 , Buehler) via irreversible 

adsorption from a 5 x 10-3 H solution of co2(dpt> 2c12 in warm (~ 40°C) dimethyl 

sulfoxide. Since the adsorption process appeared to be slow, an adsorption 

time of 2 h was used. The reduction of o2 was measured both in alkaline and 

acidic o2-saturated solutions Cl K KOH and 0.5 K H2so4 , respectively), by 

scanning the disc potential from 1.0 to 0 . 2 V vs. RHE at 50 mV s-1 Horeover, 

an attempt was made to characterize the disc electrode in o2-free 1 K KOH. 

The results for the o2 reduction in alkaline solution are given in fig. 7.3, 
-1 the curves for which were taken after ca. 5 scans at 64 s . During the 

first scans, qualitatively the same results were obtained; however, somewhat 
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Fig. 7.3 o2 reduction in 1 M KOH at co2dpt2c12 , adsorbed on pyrolytic 
-1 

graphite. Rotation freq. 4 (1), 16 (2), 36 (3) and 64 s (4). 

less tt2o2 was produced . Since the diffusion- limited current for o2 into tt2o 
conversion at 64 s-l is 3 mA in this electrolyte, it is clear from both disc 

current and ring current that o2 is reduced to water in two waves; in the 

first wave, the main product is tt2o2 . During the second wave, the limiting 

current for the 4e reduction of water is virtually reached. 

The results in acid solution are presented in ~ig. 7.4. Since the complex 
. . -1 . is unstable in acid solution, only the first scans at 16 s are g1ven. The 

diffusion- limited current for the reduc tion of o2 to H2o at 16 s-l is 2 mA 

under these conditions, it is therefore clear that virtually only H2o2 is 

formed. Owing to the lack of stability in acid solution the characterization 

of the disc electrode was only performed in o2-free 1 H KOH. In this case 

the disc potential was varied from 1 to 0 V vs. RHE at 100 mV s-1 , and vice 

versa. The results (fig. 7.5) show that although the cyclic voltammogram of 

the modified disc electrode significantly differs from that of the unmodified 

electrode background, no distinct redox couples can be detected, as was also 

d b . 3 f 1 h d . reporte y Sarangapan1 . I neverthe ess t e observe hwnps are cons1dered 

to correspond to one-electron redox processes, one can conclude from fig. 7.5 

that the complex is adsorbed on a monolayer level. Swnmarizing, the con.clusion 

of this study is that Co2Cdpt) 2c12 is able to reduce o2 to H2o in alkaline 

solution. 
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Fig. 7.5 Characterization in o2-free 1 K KOH of Co dpt Cl , adsorbed 
1 . . . -Î 2 2 

on pyro yt1c graph1te. Scanrate 100 mV s . . 

If we now compare the properties of the dinuclear cobalt chelates reported 

so far, two groups can be distinguished: planar complexes, reducing o2 to 

H2o in alkaline solution, and 'sandwich' complexes, either ~ide 2 (fig. 

7.la), or anthracene 4 bridged (fig. 7 . lc,d), giving reduction to H2o in 

59 



acid solution. Both groups allow the formation of µ-peroxo adducts so this 

cannot explain the reversed selectivity. In our view this phenomenon is rela­

ted to the formal redox potentials of the Co centres; 4e reduction seems 

only to occur if these potentials have values in the range 0 . 6-0.7 V vs. RHE . 

The sandwich complexes fulfill this condition in acid solution. If it is 
II !II assumed that the Co -Co redox processes are pH-independent, the poten-

tials with respect to RHE in the same solution can shift 60 mV in the anodic 

direction per unit increase in pH. As a consequence,- the potentials of the 

sandwich complexes will be too high in alkaline solution, leading to H2o2 
3 production . Unfortunately, neither we nor Sarangapani and Yeager were able 

to detect distinct redox peaks at the planar complexes in alkaline solution, 

but the experimental results indicate that these potentials have the appro­

priate values in this electrolyte. Likewise, these potentials will be too low 

in acid solution, leading, again, to H2o2 as end product. If this model is 

correct, it also implies that it is impossible to develop cobalt-containing 

catalysts that give 4e reduction both in acid and in alkaline solution 

since the reduction of o2 and H2o can only occur in a limited pH range. 

The observation that the sandwich complexes produce virtu-ally no H2o2 , 

while the planar complexes yield considerable amounts, can be explained by the 

fact that the activity of the corresponding monomeric adducts differ in acid 

and alkaline solution . If o2 is attached to one Co atom, the most probable 

rate -determining step is the formation of superoxide: o2 + e ~ o;, leading 

to H2o2 as end product. This reduction to H2o2 is more reversible in alkaline 

solution because its rate-determining step is pH-independent. At high pH the 

monomeric and dimeric pathways proceed at comparable rates, leading to mixed 

production of H2o and H2o2 . The dimeric pathway, however, seems to be 

pH-dependent. The E% of this pathway with respect to RHE remains therefore 

unchanged at different pH values. The E% of the monomeric pathway is 

pH-independent and this E% vs. RHE shifts 60 mV in the anodic direction per 

unit increase in pH. In acid solution, the dimeric pathway is therefore much 

more favourable, so at low overpotential, there will be no competition between 

the two pathways, and only H2o is formed. At potentials where the monomers 

also start to reduce dioxygen, H2o2 can be formed. This indeed is observed 
2b experimentally 

5 Finally, we discuss a striking result of Liu et al. , namely the fact 

that an anthracene- linked diporphyrin, containing only one cobalt atom (fig. 

7.ld), was also able to reduce o2 to H2o, but at lower rates than the 

corresponding dicobalt complex. Although the second porphyrin ring does not 
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contain a Co ion, the potential of the remaining Co bas shifted to 0.6 V vs. 

RHK 5 . Nevertheless, the formation of an intramolecular adduct seems unlike­

ly since the molecule contains only one catalytic centre. Perhaps in this case 

intermolecular µ-peroxo adducts have been formed. The lower activity of the 

monocobalt diporphyrin is easily explained by a lower number of active sites, 

since only relatively few dimeric species will be present on the surface. Such 

a decrease in the number of active sites shifts E~ in the cathodic direc­

tion, but does not prevent the attainment of the limiting current 6 . This 

hypothesis could be checked by repeating the experiment on 'stress annealed' 

pyrolytic graphite 7 . This approximates toa perfectly smooth surface. 

Assuming that the porphyrin rings of adsorbed molecules lie parallel to the 

surtace, intermolecular Co-0-0-Co binding will be absent on this substrate, 

and consequently no 4e reduction should occur. 
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Chapler 8 Increased valence theory and the four electron reduction of 

dioxygen to water 

8.1. Introduction 

The electrochemical reduction of o2 on transition metal N4 chelates bas 

been extensively studied 1 •2, not only fora better understanding of the way 

nature reduces o2 , but also for application in oxygen electrodes for fuel 

cells and metal-air batteries. These studies have shown that o2 can be reduced 

in two ways: 

4e reduction of o2 to H2o without hydrogen peroxide as an inter­

mediate, the so-called direct reduction . 

2e reductioo of o2 to H2o2 which can be the stable end product or can be 

subsequently reduced to H2o. 
In biologica! systems the formation of H2o2 is usually avoided; o2 is 

exclusively reduced to H2o. Model substances for these systems like the por­

phyrins and phthalocyanines of Fe and Co do not display such a high selecti­

vily . In monomeric form, o2 is reduced via the intermediate production of H2o2 
which is the stable product with Co as the central metal atom, or is partly 

reduced to H2o in the case of Fe. 

In 1979 Collman and Anson reported the 4e reduction of o2 on a dicofa-

c ial dicobalt porphyrin 3 •4 (fig. 7 . la). As long as the two porphyrin rings 

are properly spaced (ca. 4 Î> to allow intramolecular bridglng coordination of 

lhe o2 , reduction to H2o was observed in acid solution. In alkaline solu­

tion, however, only H O was formed. Based on the same principle, other 
2 2 . 

dicofacial dicobalt porphyrins were synthesized like the anthracene-bridged 

dicobalt diporhyrin of Liu et al. 5 (fig . 7 . lc), giving, identical results as 

the Collman complexes. 

This bridge adsorption should also be possible on two CoN4 centres lying in 
. 6 

the plane of the molecule. Indeed Yeager and Sarangapani reported the 

reduction of o2 to H2o on co2TAPH(N03>4 (fig . 7.2b) in alkaline solution . Our 

own results with co2(dpt2>cl2 (fig. 7.2d) 7 showed that in acid solution o2 is 

reduced to H2o2; in alkaline solution a mixed production of H2o and H2o2 was 

achieved. That the cofacial complexes yield virtually no H O while the 
2 2 

planar chelates give considerable amounts, is caused by the fact that the 

activity of the corresponding monomeric o2 adducts differ in acid and alka­

line solulion 7. If o2 is only attached to one Co centre, the reductioo to 
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H2o2 probably proceeds via o; as an intermediate: This pathway is 

thermodynamically much more unfavourable in acid than in alkaline solution. In 

olher words, in alkaline solution the direct pathway and the reduction to H2o2 
proceed at comparable rates with low overpotential; in acid solution 

only the direct reduction can proceed at low overpotential. For the reduction 

to H2o2 a much higher overpotential is necessary. Summarizing, one can 

conclude that dicofacial dicobalt porphyrins reduce o2 to H2o in acid 

solution and to H2o2 in alkaline solution. Planar dicobalt porphyrins are 

able to reduce o2 to n2o in alkaline solution and to H2o2 in acid 

solution. This reversed behaviour with respect to the solution pH has not been 
8 

recognized sofar. The increased valence theory developed by Harcourt has 

been successful in explaining a number of solution phase properties of these 
. 9 i complexes in the presence of dioxygen . In th s chapter we want to apply this 

increased valence theory to the reduction behaviour of the different dicobalt 

chelates. 

8.2. Increased-valence theory 

For the description of the chemical binding between two atoms, often the 

concept introduced by Lewis in 1916 is used. The binding occurs via spin 

pairing into a so-called "shared pair of electrons". The increased electron 

densily in the region between two nuclei reduces the kinetic energy of the 

system. The Lewis concept does not mean that only electron-pair binding can 
+ occur; studies of the H2 ion show that its dissociation energy is of the 

same order of magnitude as of H2 10 . Also in H; the kinetic energy 

and hence the total energy of the system is lowered when electron density 

accumulates in the internuclear region; in fact the introduction of a second 

electron into the region between the nuclei further decreases this kinetic 

energy with only about 10~ as compared to the introduction of the first elec­

tron. Nevertheless, the energy bas decreased and therefore the electron-pair 

bond is in most 

resting species 

orbi tals on the 

cases more important than the one-electron bond. Another inte-
• + 1s the He2 ion . Two electrons with parallel spins occupy lS 

two atoms; the third electron can be sharêd between these 

orbitals and thus a bond is formed. This type of bond was first described by 

Pauling as 

He·"He 
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He called it a "three-electron bond". As was pointed out by Linnett~0 this 
description is misleading since it suggests that three electrons take part in 

the binding. In fact it is a one electron bond. Linnett suggested a different 

representation: 

• • 
He· He or 

x x 
HeoHe 

(x is an electron of one spin; o an electron of the other spin, • means that 
11 

the spin is not specified). This representation shows much more clearly 

that two electrons are associated with each He atom. The Pauli principle pro­

hibits the participation of the two electrons with parallel spins to take part 

in the binding: they are essentially located on the separate atoms. 

There are circumstances in which two one-electron honds are energetically 

more favourable than one electron pair bond. A nice example is the o2 mole­

cule 10 . According to the Lewis concept the ground state can be depicted as 

or (A) 

The gt·ound state of o2 however has a magnetic moment, indicating that it 

contains more electrons of one spin than of the other and this observation is 

not compatible with structure (A). A different arrangement can be constructed 

with seven electrons of one spin and five of the other: 

x 0 x 
oxQxoQxo 

x 0 x 
(8) 

The seven x electrons are favourably oriented on the corners of two tetrahedra 

with a common apex; the five o electrons on the corners of two tetrahedra with 

a common face. Every oxygen atom has an octet of electrons consisting of four 

electrons of one spin and four of the other. The advantage of structure (8) 

compared to (A) is that the electrons are not associated in close pairs: The 

interelectronic repulsion energy is reduced. Structure (8) therefore repre­

sents the ground state; (A) is an excited stat.e. In molecular orbital theory 

this can be represented as follows: 

-, 
/, t t', 
,,,- -, ' 

2p 11...L ...L( '~\11...L J_ 2p 
~, ~ 

\',,11 ", ","" -, 
' , 
',l!/ 

2s lL::--=~*~--_-::: ... lL 2s 
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This KO scheme corresponds with groundstate B; for the construction of struc­

ture A, the two unpaired electrons have to be paired, which casts energy. 

The one-electron bond is also essential for the increased valence theory. 

This theory originated from studies of N2H4 and N2o4 
12 . According to valence 

bond formulae, in both molecules the N-N bond should be single; the N-0 bond 

in N2o4 should contain an average of three bonding electrons. The N-N distance 

in N2o4 however, is much langer than in N2H4 . Moreover, the N-0 distance in 

N2o4 is even somewhat smaller than in HNO, which has four bonding electrons. 

As will be shown later in this section the increased valence theory 

successfully accounts for these experimental observations. 

The theory is most easily explained on a system consisting of three atoms 
8 

A, B and Y, containing four electrons . The valence bond formulae are 

•• 
Y-A B 

[1) 
or 

•• 
Y A-B 

(2) 

So-called increased valence formulae can be constructed by delocalizing a B 

elcctron of (1) into an AB bonding orbital or an Y electron of (2) into an AB 

anlibonding orbital: 

r •• 
Y-A B 

(3) 
Y~B 

14) 

Starting from (4), the electron distributions (5) and (6) are generated: 

x 0 0 

Y Ax B 
(5) 

0 )( x 
Y A 0 B 

(6) 

The extent of delocalization in (4) is appreciable if the formal charge of Y 

in (2) is negative, that on B positive and on A zero or positive. If the ato­

mie orbitals of Y and A show sufficient overlap, a fractlonal two electron 

bond is formed: . 
Y-A • B 

(7) 

In fact structure (7) summarizes resonance between the structures (7a) and 

( 7b): 
"""" ...... 

Y-A 
.. •' 
B-Y A B 

17al C7bl 
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The Y-A bond in (7) is weaker than in (1) and is therefore expressed as a thin 

line. Calculations have shown that in structure (7) more electrons can parti­

cipale in the binding than in structure (1). The driving force to form (7) out 

of (2) is the reduction of the formal charges on the atoms, accompanied by an 

increase in the number of bonding electrons. How large this increase will be, 

depends on the energy level of the different orbitals. More bonding electrons 

result in an increase in the valence of the atoms which explains the name of 

this theory. For N2o4 , the standard valence bond representation is (8) and 

three other resonance structures which differ in the locations of the N=O 

double honds: 

=~,., ,.,;a: 
N-N' . ,,, ' .. r-i·o. .o H •• • • •• 

(8) 

The increased valence theory yields (9): 

:~ ;·" 
• N-~,r. 

:rf ·~a· 
• • • •• 

(9) 

Structure (9) indicates quite easily that the N-N bond number in N2o4 is less 

than unity and that the N-0 bond contains four bonding electrons as in HNO. 

8.3. Increased valence theory and o2 adducts 

The increased valence theory bas already been used to explain experimental 
13 

observations regarding o2 adducts of haemoglobin , a number of dissolved Fe 

and Co porphyrins and phthalocyanines 9 , and the reduction of o2 on cytochrome 
. 13 . 2+ . • • c oxidase . In haemoglobin, each Fe is surrounded by five n1trogen atoms, 

four of the porphyrin itself and one of a histidine group which axially 

coordinates to the Fe2+. In the ground state the Fe2+ bas four unpaired 

electrons (S = 2) and therefore the molecule is paramagnetic. The o2 adduct 

however is diamagnetic (S = 0). To account for this, the Fe(II) (S = 2) is 

promoted to the intermediate spin state Fe(II) (S = 1) which 
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reacts via spin-pairing with ground state o2 to afford increased valence 

slructure (11). 
)( . 

x ~o~ • • 
•• oxo . ~o: ·o . 

00 02 00 Il ofeo Fe: Fe: 
•• • • • • 

(10) (11) 

Another interesting reaction is the formation of µ-oxo complexes of FeCII) 

porphyrins in o2 saturated solutions 9 . These µ-oxo complexes have not been 

observed with Co(II) porphyrins. Increased valence structure Cll) reacts with 

a second intermediate spin FeCII) (S ; 1) to generate struc-

ture Cl2). In (12), two 0-0 bonding electrons delocalize, together with four 

Fe and 0--0 non-bonding electrons, to afford (13), in which the 0-0 bond number 

is even less than unity . 0-0 bond breaking occurs and the formed Fe(II)O spe­

cies reacts with Fe(II) (S = 1) to µ-oxo species (14): 

.;o·: 
:o'· 

IJ Fe2+ 
Fe:---
•• 

.Q. 
--2+ 

•Fe• 
•• 

.. .. 
:fe· •Fe• 

<.. 1) + 
r•..-o:_ ', O• 

•·o'·J ·a·/·· . ' ' 
l.l 1 + 
•Fe: •Fe• 
•• •• 

(12) (13) 

Fe2+ •• 
. ~o~ 

• Fe • Fe: 
• • •• 

(141 

The corresponding MO scheme for the Fe(II)O intermediate can be represented as 

follows: 
I , 

I 

-, 
1 
1 
1 

3d 2.. r---;'~---- . 
xy ,' j_-1._'. 
3d ;' ,' '~ 
z'l\ I ~ 

\ ,' '-)i-,.L ...L 2 p 
3d Jl. .!.f_,\ , , 

xz,yz ' ' JL_~~._ ___ -1!. /" 
3d " l!. I 1Jl 

xy ~\1!. lvY· 2s 
\ I 

\!!./ 
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The similarity between the KO scheme of Fe(II)O and o2 is str:iking: the 

Fe(II)O species therefore will be relatively stable. For o2-bridged dimeric 

cobalt compounds a similar reaction scheme can be set up leading to structure 

(15). The same delocalizations as in structure (12), however, cannot take 

place. The only way of weakening the 0-0 bond is by the construction of (16): 

(15) (16) 

The formation of (16), however, involves formal charge separation; moreover, 

the number of binding electrons does not increase. Therefore the 0-0 bond will 

not split and indeed no µ-oxo Co dimers have been observed experimentally in 

solution. 

The reduction of o2 as performed in nature by cytochrome c oxidase has 

also been described 13 It has a high resemblance with the o·-o bond breáking 

at the Fe--0-0-Fe adduc t except that one Fe( II) is replaced by a Cu( I): 

.... . .. 
••• ~Cu: ·Cu._ . Y.o. c-1 ". •O • cu1+ o·1 . . 

Il rx. , o· . . . '/ . :O '-/' .. . 
Fe: çl) ·O ', 
•• ·I· •Fe: •Fe· .. .. 

(17) (18) 

After the bond breaking bath species finally react with two protons and one 

electron to produce two H2o, Fe(III) and Cu(II). The latter two species are 

regenerated with two electrons to the initia! Fe(II) and Cu(I) . 

8 . 4 . Application of the increased valence theory to o2 reduction 

on dimeric 0 adducts 

For the above described increased- valence formulae, the solution pH is not 

taken into consideration. These formulae, however, are not protonated and can 

therefore be used to explain the results, obtained in alkaline solutlon. Since 
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struclure (15) does not allow splitting of the 0-0 bond, it is not surprising 

that the dicofacial dicobalt porphyrins yield only H2o2 in alkaline solu­

tion . If we follow the mechanism of Collman et al. in acid solution 4 , the o2 
adducl (15) is protonated. The relatively increased electronegativity of the 

0-atom in (19) allows the delocalization of a cobalt non-bonding electron into 

a Co-0 bonding orbital: 

•• :co: 
1. 

H o· ''·V·· :o 
1 ') 

:Co: 
•• 

(19) 

•• :co: 
1 

H , o·· 
---- ~ï.Y·· :O 

I· 
:Co•1-1t 
•• 

(20) 

In species (20), the 0-0 bond is weakened. This bond is now able to split, 

giving reduction to water according to the following scheme: 

H, , 
:0•1+2) 

I· -­
:co·'+ •• •• < t-=î:•l~2H+ 
:Co: :Co·1+ .. .. 

The Co(III), at least initially formed as intermediate spin S = l can be rege­

nerated to the initial Co(II) (S = ~). Perhaps even diprotonation is possible, 

leading to (22). The bond number for the 0-0 a-bond will be smaller than in 

structure (20): 
•• ·c • <: O• 
1. O• 

H~·Vt•i'H •O 
• 1 

·C .) • o • 
•• 

(21) (22) 
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Although this mechanism explains the observed behaviour of the Collman com­

plexes in acid solution, a number of problems remain: 

Since protonation is unlikely in alkaline solution, the o2 adduct of the 

planar dicobalt chelates can be represented in this electrolyte, initially 

by resonance between the increased-valence structures (23a) and (23b), 

each of which has a fractional Co-0 o-bond and a fractional Co-0 rr-bond. 

There would then be a strong tendency to form two Co-0 o-bonds, as occurs 

in (24) with a strained peroxide linkage. This would proceed via the 

rr-electron shifts that are indicated in (23a) and (23b), and would be 

accompanied by orbital rehybridization for both cobalt and oxygen: 

=a· -!-o";\ . - _ f.o + 6: 
1' . ó \" - "/ •• - _ \d . 

··c -N-N-. C ••• • -:-co·: N N ·:-co·: 
,) .~'lN-NJ; · 9"-. / ·· ~N-N""" ....._ 

:ö-ö: 
· · · ca-!.-N-N·>ca-o·:· . 0: • . 
/" "-N-N~ "'-

(23a) (23b) (24l 

Based on similar arguments as for structure (15), this species should not 

be able to break the 0-0 bond in the solution phase. Nevertheless, these 

complexes reduce o2 to tt2o in alkaline solution if they are adsorbed on an 

electrode 6 • 7 . 

Consequently, if planar dicobalt chelates are able to split the 0-0 bond, 

why do the Collman complexes only give tt2o2 in alkaline solution? 

The same mechanism as for the dicofacial dicobalt chelates in acid solu-

tion can be constructed for the dicofacial diiron chelates in acid solu-

tion. In fact they should be able to split the 0-0 bond even more easily. 

Nevertheless the latter complexes do not display an enhanced activity and 
• • . • . 4 select1v1ty as compared to monomer1c iron porphyr1n 

These considerations show that the possibility of dimeric adsor:-ption is not 

the only precondition for:- the occurrence of dir:-ect reduction of o 2 . In our:­

view, a second precondition is that the redox potentials of the metal ion 

centr:-es must have appropiate values. As shown by Collman and Anson, the 
III II 

Co /Co redox poteritials of the Co centres in acid solution are closely 

related to the o2 reduction onset potential. This indicates that the redox 

potentials have the appropriate values in this case. Since FeIII/FeII por-
III II phyr:-in redox potentials in general have lower values than Co /Co , the 

redox polentials of the dicofacial diiron chelates are probably too low: no 

improved perfor:-mance is obtained as compared to the monomeric Fe porphyrin. 

70 



If we now go to alkaline solution, the potential of the reversible hydro­

gen reference electrode bas shifted 840 mV in cathodic direction (60 mV per 

unit increase in pH from 0 to 14). If the potentials of the co1111co11 redox 

couples are pH independent, as with CoPc 14 , then they will be too high (ca . 

1.5 V versus RHE at pH = 14) in alkaline solution. Of course, the same applies 
. . h !II II to the planar dicobalt chelates. S1nce t e Co /Co redox couples are 

probably not involved in alkaline solution, a possible explanation would be 
II I 

that in that case the Co /Co couples are involved, leading to the following 

model: 

{-~) .. 
:Q• 

·. I· ,-N-N- ·I " 
- :co~N N :;co':- PRODUCTS /.•• ... - " .. , 

l•tlf t<•tl (26) 

The two arrows in structure (24) indicate the injection of negative charge 

onto the cobalt atoms, increasing the relative electronegativity of the oxygen 

atoms, facilitating the delocalization of a cobalt non bonding electron into a 

Co-0 bonding orbital . That the o2 is adsorbed in a cis conflguration is 

advantageous for the splitting of the 0- 0 bond. The O valence state is 
2 .. .. :o-o: 

• • rather than •• 
(27) (28) 

In (27), the interelectronic repulsion will be higher than in (28), weakening 

the 0-0 bond. Perhaps this phenomenon also explains the results of Liu et al. 
15 

who synthesized a dicofacial dlcobalt porphyrin onto which the o2 bas to 

be adsorbed in a cis conflguration. These authors attributed the improved 

actlvity of the latter molecule to a better accessibility of protons to the 

adsorbed o2 molecule. 
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Summarizing, for the direct reduction of o2 on dicobalt chelates two 

preconditions teem to be necessary : bridge adsorption of the o2 , and appro­

priate values for the cobalt redox potentials. According to the increased 

valence formulae, 0-0 bond breaking is possible if the relativa electronegatl­

vi ty of the oxygen atoms is increased, facilitating the delocalization of a 

cobalt non-bonding electron into a Co-0 bonding orbltal, thereby weakening the 

0-0 bond. In acid solution this is realized by the protonation of either one 

or both oxygen atoms; in alkaline solution probably by injection of negative 

charge onlo the cobalt atoms. 

8.5. Concluding remarks 

Allhough dicofacial diiron porphyrins did not give improved results in 

acid solution, this could change in alkaline solutlons. In acid solution their 

redox potentials are too low: they should have appropriate values, i.e. in the 

vicinity of 0.8 V versus RHE. Our own results with FePc 14 show that this 
III II 

molecule bas a Fe /Fe redox peak at 0.85 V versus RHE at pH = 14. The 

behaviour of dicofacial diiron phthalocyanine would therefore be interesting, 

since this molecule could fulfil both preconditions for the occurrence of 

direct reduction in alkaline solution . Moreover, since this redox peak is pH 

dependent from pH = 6 upto pH = 14, the catalyst could also be active in this 

pH range. 
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Chapter 9 A new method of preparing a rotating ring-disc electrode (RRDE) for 

the study of carbon-supported catalysts. 

9;1 Introduction 

In order to produce fuel-cell electrodes with a very high surface area, 

suitable catalysts are dispersed on carbon, mixed with a binder such as 

teflon, and pressed onto a,metal screen1 to forma gas-diffusion electrode. 

The electrocatalytic properties of such electrodes are determined by recording 

their voltammetric behaviour . This method, however, bas some disadvantages . 

Firstly, the transport of the fuel and the dioxygen is very ill-defined: the 

i-E curve is determined by the electrocatalytic as well as the microgeometric 

properties determining transport of the electrode, and is therefore not a good 

measure for the catalytic properties as such. Secondly, these measurements 

do not reveal any information about the selectivity of the electrode reactions. 

Information of this kind can be obtained with more sophisticated hydrodynamic 

methods such as with the RRDE. Therefore, it would be convenient if the carbon­

supported catalyst could be applied as a very thin layer to the disc of such 

an electrode. This modified electrode has to fulfill a number of conditions: 

- the layer must be very thin so that the hydrodynamic behaviour of the RRDE 

is not disturbed 

- the layer must be accessible to electrons and reactants. The use of paste 

electrodes is less appropriate since the pasting liquid causes wetting pro-
2 blems of the catalyst 

Another way of manufacturing such an electrode, without the use of a pasting 

liquid, was by electrophoretic deposition, as described by Savy et al. 3 , but 

we were unable to reproduce their results . The adherence of the carbon to the 

disc appeared to be unsufficient. Therefore, we investigated the possibility 

to incorporate the carbon in a polymerie film. Polypyrrole was chosen since we 

had already some experience in preparing this polymer . Horeover, it satisfies 

the conditions of conductivity and high porosity. 

9.2 Preparation technigue 

Polypyrrole (PP) can be deposited at an electrode by electropolymerization of 
5 

pyrrole . The electrolyte composition for which the best results are 

obtained is the following: 0.1 H LiClo4 , 1 vol.3 pyrrole, 0.5 vol.3 u2o in 
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acetonitril; (however, also other solvents e.g. water or ethanol can be used). 

Polymerie units are formed according to: 

The polymer itself is electroactive. In the potential range of interest for 

fuel cell reactions (0- 1 V vs . RHE), the polymer is in the oxidized, conduc­

ting state. The stability is good in acidic solutions but too low to perform 

reliable experiments in alkaline solution. In order to prepare the carbon 

modified electrodes, suspensions of carbon (Norit BRX) of different concentra­

tions (250-1250 mg/liter formation solution) were made . As a carrier RRDE we 

used one with an Au disc (0.5 cm2 > and a Pt-ring CN = 0.27). At first, the 

following technique was tried. The electrode was rotated Cfaced down) in the 

carbon suspension. (Rotation was necessary since the suspensions are unstable 

due to coagulation of the carbon particles). Rotation of the RRDE not only 

causes a flow in the electrolyte which keeps the particles in solution, but 

also constantly supplies particles to the disc of the RRDE. The PP was formed 

potentiostatically at ca . 800 mV versus a saturated calomel electrode (SCE). 

The counter electrode was a platinum foil. The amount of polymer and the rate 

of its formation was monitored by recording the amount of charge that passed 

through the circuit, 24 me.cm-2 being equivalent to 0.1 µm PP 6 . After 

the formation the electrode was flushed with ethanol, dried and inspected 

microscopically. 

This method gave irreproducible results: virtually no carbon was incorporated 
-3 in the PP film. The addition of a surfactant to the electrolyte (10 H 

sodiumtoluene sulphonate) to charge the carbon particles negatively so that 

they can be· incorporated as large anions, did not give any improvement. Hence, 

the following technique was developed . On top of the RRDE (faced upwards!) a 

tight-fitting KEL F bood was placed in which a hole was drilled with exactly 

the same diameter as the disc Cfigure 9.1). This cell was filled with 500 µl 

carbon/electrolyte/monomer suspension, which had previously been agitated in 

an ultrasonic bath for 5 minutes . A cilindrical Pt electrode was placed in the 

convex meniscus at the top of the cell. In the cell, the carbon particles will 

precipitate on the disc surface . When the current is switched on, the 



COUNTER-
_./( ELECTRODE 
Pt 

ELECTROLYTE 

RRDE 

Fig. 9.1: Cross-section of the electrochemical cell. 

polymerization of the pyrrole starts both on the gold electrode and the car­

bon. The polymer chains will grow into a three-dimensional network which 

attaches the carbon to the electrode. Visual inspection after flushing with 

ethanol showed that indeed the carbon was incorporated in the polymer film. 

The adherence of the particles and the stability of the film was good enough 

to perform RRDE experiments. Although the distribution of the carbon over the 

disc surface was very fine and regular, some spots on the surface were only 

covered with PP. More concentrated suspensions resulted in irregular deposits. 

The use of acetylene black which has a smaller particle size than Norit BRX 

did not give any improvement since it formed aggregates on a very short time 

scale, also resulting in irregular deposits. The best results were obtained 

wilh a Norit BRX suspension of 500 mg/liter, and PP formation during 10 

minutes with a current of 1 mA. 

9.3 The hydrodynamic behaviour 

The introduction of carbon particles in a PP layer results in an electrode 

with a certain surface roughness, which will influence the hydrodynamic beha­

viour of the RRDE. Especially at high rotation frequencies, the thickness of 

the diffusion layer will become of the same order of magnitude as the surface 

roughness, resulting in deviations of the equations derived by Levich7 . This 
-2 

effect was verified in a 5.10 M K3Fe(CN> 6 solution in 1 M KCl. The 

disc current was measured at -200 mV vs. SCE where the reduction of the ferri 

complex is diffusion limited; the ring was held at +800 mV vs. SCE. The reduc­

tion of ferricyanide also proceeds at the PP itself. The results of the disc 
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current and the calculated collection efficiency (-IR/ID) as a function of 

the rotation frequency are presented in figure 9.2. The dashed lines represent 

the theoretica! values for ID and N according to the Levich equations. From 

figure 9.2 it follows that such behaviour is obeyed upto a rotation frequency 

of 16 s-1 . At higher frequencies the disc current deviates in the positive 

direction, as expected; the measured collection efficiency then decreases. 
-1 

Therefore, our experiments were carried out in the frequency range of 0-16 s 

50 

f 0.3 t 
40 0 

I N 
D 30 0.2 

/ 

20 
[mA] / 0.1 

10 

2 4.r 
----- v f 

Fig. 9.2: Limiting disc current (x) and measured collection efficiency (o) of 
-2 

the reduction of ferricyanide (5.10 M) at a carbon-modified 

electrode, as a function of the square root of the rotation frequen­

cy. The dashed lines represent the values according to the Levich 

equations. 

9 . 4 Results of some preliminary experiments 

In order to show the possibilities of this new method, dioxygen reduction was 

sludied in 0.5 M H2so4 at electrodes with four different types of carbon: 

Norit BRX C0.2 mg) and Norit BRX, impregnated with respectively 20 weight ~ 

metalfree, cobalt- and iron phthalocyanine CH2Pc, CoPc and FePc, 0.25 mg). 

The impregnation was realized by dissolving 10 mg of the corresponding Pc in 

20 ml THF, adding 40 mg Norit BRX, and refluxing and stirring for 30 minutes. 

Thereafter an equal volume of water was added, the carbon was filtrated CG4 
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glass filter), washed with water and ethanol, dried at 100°C and ground for 

5 minules in an agate mortar. The results with these electrodes can be com­

pared with those obtained at gas-diffusion electrodes 8 . The reduction of 

dioxygen can proceed along two pathways: the direct reduction to water, and 

the reduction to hydrogen peroxide which can subsequently be reduced to water. 

The ring electrode was slightly platinized to ensure quantltative detection of 

hydrogen peroxide. This was done before the modification of the disc to avoid 

platinum adsorption on the carbon. After the modification, the electrode was 

transferred to an o2-saturated 0 . 5 M H2so4 . After activation of the ring 

by periodical evolution of H2 and o2 for 1 minute, the net dioxygen reduc­

tion current was measured at a rotation frequency of 9 s-1 . The disc poten­

tial was varied from +1000 mV to +200 mV vs. RHE. At the ring (+1200 mV vs. 

RllE) the peroxide production was monitored . All measurements were performed at 

room temperature. 

Figure 9.3 gives a characterization of the disc electrode. The dotted curve 

represents a gold electrode in an dloxygen-free 0.5 M H2so4 solution, 

600 me pp 
3 

2 

PP+FePc/BRX,N2 
02, f = 9 s-1 

Io 
1 

[mA] 0.4_ - .... 

-1 
.. .. . . ·_· -----::;-=;-

-2 
v 

-3 

Fig. 9.3: Cyclic voltammetric characterization in 0.5 M ff so of a 600 me 
2 4 

PP film on gold( ...... ), a 20 weight ~ FePc/Norit BRX modified 

stagnant PP electrode in N2-saturated solution (~~), and in 
0 t t d . -1 -1 

2-sa ura e solut1on at f = 9 s (------). Scanrate 10 mV s ; 

disc surface o.5 cm2 . 
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covered with 600 me PP, without carbon; the solid curve denotes the incorpora­

tion of the Norit BRX carbon partlcles, impregnated with 20 weight ~ FePc. The 

dashed curve was obtained with the latter electrode after saturation of the 
-1 

electrolyte with dioxygen and at a rotation frequency of 9 s . It is clear 

that dioxygen is reduced at this electrode, starting at about 800 mV vs. RHE. 

If the electrode was not rotated in the dioxygen-saturated solutlon, about the 

same cyclic voltammogram was obtained as in the nitrogen-saturated solution. 

Therefore, the net dioxygen-reduction current at a certain rotation frequency 

was taken as the difference between the current at this rotation frequency and 

the current response of the stagnant electrode. 

A gold electrode which is only covered with 600 me PP does not reduce dioxygen 

in this potential range, neither does an electrode from which the carbon was 

removed with a tissue. This proves that the ca_talysis of the dioxygen reduc­

tion is exclusively caused by the modified carbon itself. 

The results with the four modifled Au disc electrodes are presented in figure 

9.4, together with the resulting ring currents. It must be remarked that Norit 

BRX itself is a very poor catalyst for the reduction of dioxygen; the reduc­

tion proceeds to H2o2 exclusively (N = 0.27). Impregnation with H2Pc 

shows no improvement, contrary to the use of CoPc and FePc, which bath glve a 

significant catalytic improvement. Clearly, the metal ion is the centre of the 

electrocatalytlc actlvity. The CoPc modified carbon catalyses the reduction of 

dioxygen to H2o2 . The FePc/carbon electrode shows the highest activity; 

moreover, the reduction also proceeds partly to water. 

With respect to the selectivity, this behaviour is the same as that of vacuwn-

. f'l . lk l ' 1 . 9 •10 depos1ted CoPc and FePc 1 ms 1n a a 1ne so ut1on , although the FePc/BRX 

electrode in this case produces relatively more H2o2 ; the activity in 

alkaline solution is higher . 

Comparison of our results with those of van Veen and Visser 8 for gas-diffu­

sion electrodes prepared from the same carbons, shows a similar increase in 

activity due to impregnation of the Norit BRX. 

The fact that the electrodes are not totally covered with carbon is also 

reflecled in the value of the limiting currents. In the case of CoPc, where 

the reduction proceeds entirely to H2o2 , the theoretical 
2 -5 2 -1 -2 is 750 µA (S = 0,5 cm , D ~ 2 . 1 x 10 cm s , u e 10 

-3 13 
1.03.10 K ). This means that about two thirds of the 

value of this current 
-1 12 cm s , C(o2 i : 

electrode is covered. 

It was observed that this fractlon is determined mainly by the interaction 

between the separate particles which will depend on their properties such as 

average particle size, surface charge, etc. 
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Norit BRX impregnated with 20~ H2Pc, CoPc and FePc respectively. 

9 . 5 Concluding ramarks 

The catalytlc properties of carbon-supported catalysts in acid solution can be 

measured by incorporation of carbon particles in a polypyrrole film. The 

transport of reactants to the electrode is much better defined than in the 

case of gas - diffusion electrodes. The preparation of the electrodes is ·fast 

and easy, contrary to the preparatlon of gas-diffusion electrodes. The selec­

tivity can also be determined since a RRDK can be prepared. Because the forma­

tion of the polymer is an electrochemical process, it is very easy to cover 

only the disc of the RRDK with the catalyst. With this method, all kinds of 

carbons can be investigated, impregnated with different catalysts or subjected 

to other treatments, such as pyrolysis . 
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Chapter 10 Dioxygen reduction on pyrolyzed carbon supported transition metal 

chelates 

10 . l Introduction 

Transition metal chelates have been studied for o2 reduction, both in alka­

line and acid solution. Usually, the chelate is dispersed onto a carbon sup­

port and applied as a gas--diffusion electrode. It was already established by 
l 

Jahnke et al. in 1973 that heat treatment in an inert atmosphere (pyroly-

sis) favourably effects the activity and stability towards o2 reduction. A 

survey of the literature, published sofar2- 19 shows that the obtained 

results hardly can be compared with each other, due to great differences in 

experimental conditions, of which the most important are: 

the chelate under consideration, 

the pyrolysis temperature, 

the carbon support and the method of chelate dispersion on this carbon, 

the electrolyte in which the o2 reduction bas been measured. 

Host of the work has been performed on the tetraphenylporphyrins (TPP), 

tetramethoxyphenylporphyrins (THPP), dibenzotetraazaannulenes (TAA) and 

phthalocyanines (Pc) of Fe and Co; also the metal-free compounds have been 

used to study the effect of the central metal atom. In addition, the pyrolysis 

conditions widely differ. Most authors carry out the pyrolysis in an inert 

atmosphere (Ar, N2> at different temperatures. An overview of the investi­

gated chelates and correspondlng pyrolysls temperatures can be found in table 

10.1. It is striking that in most cases no temperature program is given, 

though this program can influence the ultimate results. 

Another important parameter is the carbon support and the applied impregnation 

method~ Properties such as the chemical nature of the carbon, pare size and 

pore-size distribution, specific surface area etc. determine, together with 

the catalyst loading, whether the catalyst is present as (sub)monolayer 

coverage or in the form of aggregates. This is also influenced by the 

preparation method , and properties of the chelate itself: mechanical mixing 

for instance9 will give aggregates; precipitation from a solution gives a 

more uniform coverage . A number of different carbons and some of their proper­

ties are presented in table 10 . 2 . 

Finally the results are influenced by the electrolyte in which the o2 reduc­

tion bas been studied. Host authors use H SO at room temperature, 
2,10 16 9 2 41s 

however, also H3Po4 , NaCl , NaOH and KOH are used. In our view, 
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Table 10.1: Overview of the investigated chelates and corresponding pyrolysis 

temperatures. 

chela~e T ("C) ref erence 
p 

H2 , CoTKPP 800 2 

Fe, CoTPP/Fe, Co Pc 600-800 3 

. CoTPP 500-700 4 

CoTPP/CoTKPP/CoTBP 800-900 5 

CoTKPP 300-1200 6 

H2 , CoTKPP 830 7 

CoTPP 700 8 

CoTKPP 800-900 9 

CoTAA 950 10 

H2, CoTAA 300-1200 11 

H2, CoTHPP 830 12 

H2, CoTAA 650 13 

CoTKPP 300-1200 14 

Co, FeTHPP 700, 800 15 

H2, CoPc/FeTPP 950 16 

FeTPP.Cl 200-1000 17 

CoTAA/CoTAA.Br2 500 18 

CoTAA 700 19 

results obtained in alkaline solution are not so revealing since the reduction 

of o2 to H2o2 in this electroly~e is quasi-reversible; only slight dif­

ferences in activity between the different chelates exist and even carbon 

itself has a high activity towards dioxygen reduction. Therefore, the results 

are more determined by physical texture of the catalyst/carbon support than by 

chemical composition of the catalyst itself. 

Virtually all electrochemical measurements have been performed on gas - diffu­

sion electrodes. With this type of electrode only i-E curves can be measured, 

as a function of time. Major drawbacks are that no information about the 

selectlvlty can be obtained and that the transport of o2 is ill-defined. The 

fraction of the electrode surface which is active for the o2 reduction is 

mainly determined by th.e wetting of the carbon. In general, impregnatlon of 
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Table 10.2. Same properties of frequently used carbon supports. 

carbon chemica! nature 

Norit BRX active carbon 

P 33 active carbon 

Vulcan XC72 acetylene blac~ 

2 -1 
8BKT (m g ) 

1800 

1020 

250 

catalyst 

loading 
(weight to) 

20 

10-20 

5 

authors 

van Veen et al. 3 

Wiesener et a1. 6 •7 • ll-l4 

9 
Yeager et al. 

the support with a catalyst and the pyrolysis will change the wetting degree 

and thus also the electrochemical behaviour. 

Also some results with rotating ring-pasted disc electrodes (RRDK) have been 
. 5,9,17 . . 5 9 

publ1shed Bagotsk11 et al. and Scherson et al. used teflon to 
17 

attach the carbon to the disc, retaining the wetting problem; Ikeda et al. 

applied FeTPP.Cl onto glassy carbon, but in the absence of a poreus carbon 

support. For the chemica! and physical characterization of the carbon-suppor­

ted chelates before, and after pyrolysis, a spectrum of diff.erent techniques 

was used such as DTA/TG, chémical analysis, conductivity, magnetic susceptibi­

lity, BET surface determination, and spectroscopy such as X-ray, IR, TEM, KS, 

ESR, XPS, KSCA and EXAFS. 

Summarizing, it must be concluded that each chelate has its characteristlc 

pyrolysis behaviour which depends on the carbon support, the temperature 

~rogram and the pyrolysls temperature. ffowever, there is no unambiguous 

opinion why pyrolysis has a beneficia! effect on the activity. 

10.2 Develop_ed theories for activity enhancement 

It is generally agreed that the improved stability is caused by the reaction 

of the chelate with the carbon support. The most reactive parts of the mole­

cule are then no langer susceptible for irreversible oxidation due to the for­

mation of hydrogen peroxide . Koreover, the pyrolyzed catalysts are better 

H2o2 decomposers, resulting in a lower H2o2 concentration in the pores 

of the catalyst. 

With regard lo the improvement in activity, different opinions are presented. 

An important factor here is the role of the central metal atom. With unpyro­

lyzed catalysts the centra! metal ion is the active site. The question is 

whether this is also the case after pyrolysis. According to Wiesener et al. 
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6 •7 •11- 14 the cobalt is no longer the active site after pyrolysis. During 

pyrolysis a new catalyst is forrned consisting of nitrogen and carbon. The 

cobalt acts as a promotor for these pyrolysis reactions. The most convincing 

evidence for this theory should be the measured activity of H2TAA and CoTAA 

as a function of pyrolysis ternperature. In both cases the same bell-shaped 
11 

curve was obtained , only shifted with respect to the temperature. Measure-

rnenls of the H2o2 decomposition and the BET surface showed the same 

behaviour, indicating that both with H TAA and CoTAA the same catalyst is 
2 

formed, only at different temperatures. The presence of cobalt accelerates the 

pyrolysis reactlons so that the maximum is already obtained at lower ternpera­

tures. The authors reported the same behaviour with catalysts in which Co and 

H2TAA were added separately: after pyrolysis the same activity was obtained 

as with pyrolyzed CoTAA . 
9 

This theory is contradicted by Yeager et al .. They also conclude that 

cobalt accelerates the pyrolysis reactions, but in their view the increased 

activity is not caused by the pyrolysis product of the organic skeleton, i.e. 

a nitrogen carbon compound. Their conclusion is based on the result that 

pyrolyzed H2TMPP (800°C) did not show an improved activity. Unfortunately 

these authors did not measure the activity at different pyrolysis ternpera­

tures; it could be that for the improvement of H2TMPP a higher temperature 

is necessary. Hössbauer spectroscopy of pyrolyzed CoTMPP showed the presence 

of cobalt oxide. In their opinion some sort of cobalt species is responsible 

for the improved activity, but their explanation remains a bit vague. In their 

view, the resulls of Wiesener et al. with H2TAA are a consequence of the 

f ' ' t' ' th P33 b H d' · 20 presence o 1mpur1 1es 1n e car on. owever, accor 1ng to Gruen1g 

extensive purification of the carbon had no effect. 
3 

A third explanation was offered èY van Veen et al. , based on the concept of 

redox catalysis. Their results should prove that the chelate indeed reacts 

with the carbon support; however, the HeN4 units remain intact (T ~ 800°C) 

according to EXAFS rneasurements. In their view two kinds of catalysts can be 

discerned: metal chelates for which the redox potential is too positive (Co) 

or too negative (Fe). With Co complexes, saturation of the organic skeleton 

due to pyrolysis leads to an increased electron density on the metal ion, 

resulting in amore cathodic redox potential. With Fe complexes also a bond is 

forrned between the Fe and the substrate, lowering the electron density on the 

melal ion; the net effect of these processes shifts the redox potential in 

anodic direction. Therefore, the activity of both Co and Fe cornplexes 

increases after pyrolysis, irrespective whether the redox potential at room 
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temperature is too positive or toa negative. This explanation seems very 

unlikely, since the n-system of the organic skeleton will become larger due 

to polymerization with the support. Electrons that took part in the Co-N bond 

will become more delocalized, resulting in a weakened ligand field. The Co 

complex will change from a low into a high-spin complex with a higher electron 

density on the 3dz2 orbital, facilitating o2 adsorption4 

Summarizing, it can be stated that the different opinions regarding the 

increased catalytic activity after pyrolysis are not necessarily caused by 

conflicting experimental results. A meaningful comparison between different 

chelates can only be made if the cheiates are compared over the whole 

temperature range 300-1200°C. Comparison at only one temperature bas no 

meaning; some chelates will not have reacted at all while others are already 

totally decomposed. Another requirement is a good discrimination between 

physical and chemical effects . With gas-diffusion electrodes this is impos­

sible since modification of the carbon support influences both catalytic, 

transport and wetting properties. It is therefore risky to draw conclusions 

about what happens with the transition metal macrocycles themselves. In this 

paper the activity and selectivity of some chelates will be èompared as a 

funclion of pyrolysis temper·ature. Furthermore, the effect of the carbon 

supporl will be investigated. 

As stated above, the transport of o2 in gas-diffusion electrodes is ill­

defined. Horeover, the actual surface area where the electrochemical processes 

are taking place is not exactly known and depends on the wetting properties of 

the catalyst system. Therefore, a different type of electrode was used21 , 

described in chapter 9 . 

10.3 Experimental 

The (modified) carbon particles are attached to the disc of a RROE via incor­

poration in a conducting polypyrrole film. With this more sophisticated 

hydrodynamic technique, the transport of o2 to the electrode is well 

defined; at the ring electrode the H O production can be monitored and 2 2 • 
so the selectivity be determined. Moreover, since the whole pare system can be 

filled with electrolyte, and the O is transported to the catalys~ via the 
2 

liquid phase, the wetting problem does not occur. This enables a better 

dislinction between physical and chemica! parameters . 

Experiments were conducted with 20 weight ~. H2Pc, CoPc, and FePc (Eastman 

Kodak), and H2TAA and CoTAA, kindly provided by Professor Wiesener (Technische 
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Univet"sität, Dl"esden). Two suppol"ts were used: Norit BRX and P33, the lattei: 

also pt"ovided by Professor Wiesener. The impregnation of the carbon was reali ·­

zed by dissolving 10 mg of the corresponding chelate in 20 ml tetrahydrofuran 

(TffF), adding 40 mg of carbon support, followed by refluxing and stirring for 

30 minutes. Thet"eafter, the catalysts were pyrolyzed in N2 at temperatures 

ranging fl"om 400-1200°C. In genel"al, the catalysts were heated to the desit"ed 

pyl"olysis temperature in one hour, maintained at this temperature for four 

hours and slowly cooled to room temperature . In a few cases, the pyrolysis was 

done in Ar. The pyrolyzed catalysts were ground in an agate mortar and 0.25 mg 
. 2 f was attached to the gold disc (0.5 cm ) o a RRDE (Au disc, Pt ring, N 

0.23) via incorporation in a polypyrrole film according to the described 

procedure. The electrochemical experiments were conducted in a standard 

three-compartment electrochemical cell, filled with 150 ml o2 saturated 

0.5 H HSO . The O reduction was measured at 20°C by scanning the 
2 4 2 

-1 potential from 1000 to 200 mV versus RHE with 10 mV s , at a rotation 
-1 

frequency of 9 s The disc current was corrected for the high capacitive 

polypyrrole background current 
21 

Since the number of active sites is perhaps the most important parameter 

detennining the reduction capability, Norit BRX electrodes were prepared 

containing 1-50 weight 3 CoPc. Finally, to allow a reasonable comparison, the 

"intrinsic catalytic activity" (turnover number) was measured of both CoPc and 
2 

CoTAA, adsorbed on a pyrolytic graphite (Cp) disc (S.,. 0.5 cm , N ~ 0.27) at 

monolayer coverage. 

10.4 Results 

In the figures 10.1 and 10 . 2 reS!llts in 0.5 K H2so4 for 203 CoPc, FePc and tt2Pc 

supporled on Nol"it BRX are depicted as a function of pyrolysis temperature. As 

. 1 21 . . i i prev1ous y reporled , the pure d1ffus1on-l m ted currents (750 ").LA at 
-1 

9 s for o2 ~ H2o2> are not reached since a fraction of the electrode is not 

covered with carbon particles. The activity of CoPc increases up to a treating 

temperature of 600°C; at higher temperatures ., however, degradation of the 

catalyst occurs with loss of performance. This activity increase is accom­

panied by a decrease in the amount of peroxide formed, caused by electro­

chemical reduction or chemica! decomposition of the H o . The activity of 
2 2 

FePc inct"eases slightly up to 600°C; at higher temperatures a very rapid 

degradation occurs, so FePc seems to be less resistant against heat treatment 
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-1 Fig. 10.1. o2 reduction in 0.5 H H2so4 at f = 9 s on 20'1. 

CoPc/BRX, a~ a function of pyrolysis temperature. 

Fig. 10 . 2. o2 reduction in 0.5 H H2so4 at f = 9 s-l on 20'1. 

FePc/BRX and 20'1. H2Pc/BRX as a function of pyrolysis 

temperature. 
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than CoPc. Another conclusion that can be drawn from Fig. 10.2 is that the 

activily of H2Pc does not increase after pyrolysis, not even at high 

temperature. This is in contrast with results of Wiesener et al., who claim 

that with H2TAA, pyrolyzed al 950°C the same catalyst is formed as with 

CoTAA at 650°C. To investigate this discrepancy, catalysts were prepared (20 

weight 3) of CoTAA, CoPc, H2TAA and H2Pc, both on P33 carbon and Norlt 

BRX. The cobalt-containing catalysts were pyrolyzed at 650°C, the metal-free 

ones at 950°C. The pyrolysis was carried out both in N2 and Ar, but no 

differences were observed within the error of the measurement. The results for 

CoTAA are presented in figure 10.3. It is clear that unpyrolyzed CoTAA is 

already very active; contrary to CoPc the reduction also proceeds to water in 

the studied potential range. Both activity and selectivity are influenced by 

the carbon support: especially the peroxide elimination is improved with Norit 

BRX as compared to P33 . It is surprising that the disc current decreases after 

pyrolysis, probably caused by a decrease in the number of active sites. The 
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ring current, however, indicates that the selectivity bas increased. The 

behaviour of CoPc on these carbons is quite different (Fig. 10.4). On both 

supports disc and ring currents, respectively increase and decrease, showing 

an increased activity and selectivity after pyrolysis. 

The results with H2TAA (Fig. 10.5) show that although a slight increase in 

activily bas occurred, by no means the same catalyst is formed as with 

pyrolyzed CoTAA. 

The better performance of carbon-supported CoTAA as compared with CoPc can be 

attributed to a higher intrinsic catalytic activity of CoTAA. This is illus­

trated in Fig. 10.6. The reduction of o2 was measured in 0.5 H H2so4 at 

CoTAA and CoPc, adsorbed as monolayer on pyrolytic graphite (Cp). The elec-
-3 

trodes were prepared by dipping a freshly polished Cp electrode in a 10 H 

pyridine solution of CoTAA and CoPc, respectively. Electrochemical characteri­

zation in dioxygen-free 1 H KOH yielded redox peaks corresponding with 
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Fig. 10.6. o2 reduction in 0.5 H H2so4 at f = 16 s-l on CoPc 

and CoTAA, adso~bed at monolayer coverage on pyrolytic 

graphite Cp. 

2 . 3.10-lO and 2.6.10-lO mol cm-2 for CoTAA and CoPc , respectively21 

{chapte r 6). The E% for the o2 reduction is about 370 mV more anodic for 

CoTAA. Both at CoTAA and CoPc the reduction proceeds to tt2o2 exclusively, 

since N = 0 . 27. In this case pure diffusion-limited currents {1000 µAat 
-1 

16 s for o2 ~ H2o2 > are obtained since the whole surface is electrochemi-

cally active. Figure 10 . 6 proves again that results with different chelates, 

supported on different c arbons are diff i cult to compare with each other due to 

differences in intrinsic calalytic activities themselves. 

The effect of the total amounl of catalyst present on the disc on the obtained 

disc and ring current was investigated by varying the weight 7. CoPc on Norit 

BRX from 1-50. The results (Fig. 10.7) show that increasing the number of 

sites, shifts the E% in anodic direction . In fact this behaviour looks 

similar to the observed improvement of CoPc/BR.X due to pyrolysis, i.e. the 

increase in the d i sc current after pyrolysis can be caused by an increment in 
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the number of available active sites. Another phenomenon is the fact that at 

high loadings the peroxide elimination is accelerated. From figure 10.6 it can 

be seen that CoPc and CoTAA, adsorbed on monolayer level do not reduce or 

decompose H2o2; however, porous systems with high loadings in good 

electrical contact are indeed able to accomplish this in the studied potential 

range. 

10 . 5 Discussion 

A literature survey, and our own results indicate that the activity and the 

pyrolysis behaviour of carbon-supported transition metal chelates is deter­

mined by various factors, such as the chelate under consideration, the texture 

of the carbon support, the dispersion of the catalyst over the support, the 

kinetics of the pyrolysis reactions, etc. These factors are both of chemica! 

and physical nature. Relevant conclusions about what happens with the catalyst 

itself can only be drawn if this distinction can be made. Gas-diffusion 

electrodes are not suited for this purpose; the modified RROR electrode 

described in this paper is better in this respect, however, the distinction 

remains difficult. Nevertheless, some general conclusions can be drawn: The 

central metal atom is the active site with unpyrolyzed catalysts. This is also 

the case after pyrolysis since the activity of metal-free chelates hardly 
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increases. Our measurements do not confirm the theory of Wiesener et al.: at 

950°C, pyrolyzed H2TAA/P33 did by no means approach the activity of 

CoTAA/P33, pyrolyzed at 650°C. All pyrolyzed catalysts show an increased 

peroxide elimination; the changes in activity are more difficult to interpret. 

During the heat treatment, the following processes can take place: 
22 

migration of chelates over the carbon surface , 

reaction of the outer fringes of the organic skeleton of the chelate with 

the support, the central metal-N4 unit remaining intact, 

decomposition of the chelate giving a-co or cobalt oxides after contact 

with air. It is unlikely that these metal-only species are the new active 

sites in acid medium since the pyrolysis of carbon, impregnated with cobalt 

acetate only, does not lead to an enhanced activity. 

All these processes have their own kinetics with their own temperature depen­

dence and the condition of the pyrolyzed catalyst is determined by the rela­

tive rate of these processes at the given pyrolysis temperature. At high tem­

perature the decomposition dominates, but this decomposition also seems to 

occur at lower temperatures, where the pyrolysis still bas a beneficia! effect 

on the activity . . Based on the above described arguments, we come to the .fol­

lowing model: Starting with . the unmodifled carbon support, a large available 

surface area is present which, however, bas a very low activity towards o2 
reduction. Impregnation with chelates bas two opposing effects regarding the 

activily. The o2 reduction is enhanced due to the presence of the catalyst, 

but also the pore system is partially blocked resulting in a lower effective 

surface area. To which amount the pores are blocked depends on the catalyst 

loading, the size of the molecules themselves, and .the impregnation method, 

i.e. whether the catalyst is already dispersed or present in the form of 

aggregates. With increasing pyrolysis temperature diffusion of the chelates 

and (partial) decomposition starts to occur. These processes again have an 

opposing effect on the activity: a more random dispersion will increase the 

number of available active sites; moreover, the accessibility of the pore 

system as compared to the unmodified carbon is restored. Of course, deco~-

~os ition decreases the activity. The actual pyrolysis temperature determines 

which effect predominates. If the temperature is too high, decomposition 

overrides the improved dispersion: the number of active sites even decreases 

compared to the unpyrolyzed material. 

Another effect is the reaction of the outer fringes of the organic skeleton 

with the support. As long as the Me-N4 unit remains intact, the activity is 
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preserved: by this reaction, the improved dispersion obtained during the heat 

trealmenl is retained after cooling to room temperature. This reaction is 

probably responsible for the improved peroxide elimination, lowering the 

H O concentration in the pore system. Also, since the most reactive parts 
2 2 

of the molecule have already reacted, the catalyst is less sensitive for 

irreversible oxidation caused by (peroxide) intermediates, formed during the 

O reduction. 2 . 
With Lhis model, the observed results can be explained: pyrolysis of FePc 

virtually does not enhance the activity since the stability of FePc is 

relatively low: degradation already occurs at relatively low temperature. CoPc 

is better in this respect, leading to an increased activity . H2Pc remains 

unactive since a transition metal ion is essential for the catalysis. The high 

activity of CoTAA compared to CoPc is due to the higher intrinsic activity of 

CoTAA itself and, for a smaller part, to the fact that with the same loading 

in weight ~ more catalyst molecules are present in the case of CoTAA due to 

the difference in molecular weight (345 vs. 572). Koreover we expect CoTAA to 

yield better dispersions than CoPc since the molecule is much smaller, pene­

trating more easily in the pore system of the support. This also provides an 

explanation for . the decrease in the disc current after pyrolysis of CoTAA . 

Already at room temperature an excellent dispersion is obtained: pyrolysis 

does not improve this dispersion. Some molecules react with the support, 

increasing the peroxide elimination; other decompose and loose their activity. 

The net effect is a decrease in disc current accompanied by an increase in 

selectivity. Perhaps some molecules sublime from the carbon support due to the 

relatively high vapour pressure of CoTAA compared to CoPc. This possibility 

was checked by performing the pyrolysis in a small sealed quartz tube filled 

with N2 at atmospheric pressure. Sublimation should, if not prevented at 

all, at least be reduced. These experiments, however, gave virtually the same 

results for both CoTAA and H2TAA on P33 carbon, as when the pyrolysis was 

carried out in a flowing N stream. It should be noted that also the 2 . 
t f . 20 h . th h . f measuremen s o Gruen1g , s ow1ng e c ange in BET sur ace area as a 

function of pyrolysis temperature are inexplicable if sublimation is occur­

ring. Aftar pyrolysis, the orlginal BET surface area of the P33 carbon is 

restored. This happens at a lower temperature for CoTAA than for the more 

volatile H2TAA. If sublimation was occurring, the reverse behaviour would 

have been observed. 
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Chapter 11 Concluding remarks and outlines for future research 

The work described in this thesis bas shown that the determination of the 

activily of transition metal chelates for the reduction of o2 should be 

performed on electrode systems which allow a characterization in both 

qualitative and quantitative sense, and for which the mass-transport 

properties are well defined. In that way, the catalytic activity per site 

(turnover number) can be calculated, wh.ich is the best indication for the 

activity of an electrocatalyst. This can be done with a pyrolytic graphite 

(Cp) rotating disc electrode onto which the macrocycles are irreversibly 

adsorbed. The Cp is inert towards o2 reduction, has a low double-layer 

current which facilitates the characterization of the electrode, and very well 

resembles the carbon support which is used for the production of commercial 

gas-diffusion electrodes. The redox potentials of the chelates can be measured 

in the same solution in which the o2 reduction is studied. 

Chapter 6 bas shown that a clear relation exists between these redox 

potentials as a function of the pH, and the obtained activity. In practice, 

however, the pH of the fuel-cell electrolyte is set and the "fine-tuning" of 

the redox potential bas to be achieved in another way. A comparison between 

CoPc and CoTAA bas shown that a change in the ligand can shift the redox 

potential of the Co as much as 400 mv. An interesting study would be the 

effect of si~e and shape of the N4 cage on the redox potential. In this 

respect also the effect of electron-donating or electron-accepting side groups 

on the redox potential would be of interest . These results might lead to the 

construction of Hammett plots 1 , with which the effect of different side 

groups on the redox potential can be predicted. Work of this kind has been 

done in the early seventies using gas-diffusion electrodes. As pointed out in 

chapter 6, this electrode system is not suitable for studies of this type. 

Also with respect to the selectivity of the reaction, it is of interest to 

investigate the possibility of synthesizing dinuclear planar Co chelates with 

different Co-Co distances, allowing the optimization of this distance. Since 

also the value of the redox potential of the .Co atoms seems to be crucial in 

order to get 4e reduction of o2 to water, the effect of electron-donating 

or electron-accepting side groups is also relevant. Another interesting point 

in this connection is the rigidity of the ligand . The cobalt atoms will try to 

achieve an octahedral configuration, while the Co-0-0 bond angles should be 
2 

120° In the case of co2 Cdpt) 2c12 , where the ligands are rigld, 
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these two conditions cannot be fulfilled simultaneously. The formed o2 adduct 

will therefore be somewhat distorted. How this affects the magnitude of the 

interaction of dioxygen with the electrocatalyst is yet unclear. In principle, 

both conditions can be fulfilled on a chelate with the following structure: 

In this type of chelate the nitrogen atoms between the Co centres must have 

sp3 hybridization to allow the bending of the Co-N-N bond, leading to a high 

degree of saturation of the ligand. In the case of mononuclear chelates, 

however, saturation of the ligand results in a very low activity. 

More information about the proposed dimeric mechanism with FePc could be 

obtained by studying such Fe chelates, with which the formation of dimeric 

o 2 adducts is impossible due to steric hindrance, e.g. the picket-fence 

porphyrins of Collman 3 . With such chelates the prewave that is observed in 

the case of FePc in alkaline solution should disappear. Also the construction 

of a Pt ring/basal plane of stress annealed pyrolytic graphite disc is of 

interesl since the disc material approximates to a carbon single crystal 

surface, possibly preventing the formation of dimeric adducts on the surface. 

The question how the chelates are oriented on the graphite surface is still a 

matter of debate, despite a number of investigations with sophisticated 

spectroscopie techniques. Recently some evidence was presented that the 
. 4 

molecules 11e parallel to the surface . Perhaps the application of new 
5 

techniques such as electron tunnelling microscopy might provide an answer. 

For the application of transition metal chelates as o2 reduction catalysts, 

the dis~ersion of the catalyst over the carbon support is very important. Host 

chelates which have a strong tendency to aggregate which leads to poor 

dispersions of the catalyst and a correspondingly low number of active sites. 

Therefore solvent properties of chelates should be considered as well, and 

also properties such as the size of the catalyst molecules. The higher the 

solubility of a catalyst and the smaller the size of the molecule, the better 

is the dispersion that can be obtained. This will also depend on the texture 

of the used carbon support. Unfortunately, a reliable method for the deter­

mination of the catalyst dispersion is still lacking. 

With respect to the effect of pyrolysis on carbon-supported transition metal 

chelates, the crucial question is whether the CoN4 units are retained after 
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the pyrolysis. Although the electrochemical results, described in this thesis 

provide some evidence that this is indeed the case, the real proof should be 

spectroscopie. The ideal method to solve this question seems to be EXAFS 

which, however, is not a routine technique yet. The activity enhancement due 

to pyrolysis is also related to the formation of a better dispersion, but 

during this process also some decomposition of the catalyst occurs. Perhaps 

the optimum catalyst is a carbon support whose entire pore system is covered 

wilh a monolayer of CoN units, chemically bonded to this support. Such a 
4 

system will have a maximum number of active sites with a minimum decline in 

mass-lransport properties, as compared to the unmodified support. 

Whether transition metal chelates will be used for the production of commer­

cial electrodes is yet uncertain. Compared with the commonly applied Pt, the 

activity of transition metal chelates is high enough in alkaline solution. The 

turnover number and selectivity of FePc in alkaline solution is even superior 

to those of Pt. This changes going to acid solution, since the reduction of 

o2 on Pt is pH dependent, contrary to most chelates. This leads to poorer 

results for macrocycles in acid solution. 

An important advantage of chelates, besides their low prize and high availa­

bility, is their insensitivity to (organic) electrolyte impurities. Contrary 
b 

to Pt , the presence of these impurities does not lead to poisoning of the 

electrocatalyst in the case of transition metal chelates. 

Although in this work the stability of transition metal chelates was not 

tested under practical conditions (i.e . in a gas-diffusion electrode configu­

ration), also RRDE data provide some information about this stability. This is 

caused by the high turnover numbers that are achieved in the case of irrever-
-1 -4 -1 

sibly adsorbed monolayers Cin the order of 100 s , compared to ca. 10 s 

with gas - diffusion electrodes). The results indicate that cobalt chelates are 

much more stable than their corresponding iron analogues. The stability of 

both compounds rapidly goes down with decreasing pH. 

Based on these considerations, cobalt-containing chelates certainly have 

possibilities as electrocatalysts for the reduction of dioxygen in alkaline 

fuel cells. In this electrolyte, a performance comparable to Pt can be 

obtained. Application in acid fuel cells might be possible if organic fuels 

are considered. Compared to Pt, however, a considerable decrease in perfor­

mance bas to be taken into account . 
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Symbols 

c 
D 

E 

F 

f 

I 

k 

concentration 

diffusion coefficient 

potential 

Faraday constant 

frequency 

current 

current density 

rate constant 

N collection efficiency 

n number of electrons 

S spin quantum number 

R 

T 

gas constant 

temperature 

Q transfer coefficient 

Tl 

\) 

overvoltage (E-E ) 
eq 

kinematic viscosity 

rotation frequency 

Superscripts 

s bulk 

o surf ace 

Subscripts 

a anodic 

c cathodic 

D disc 

d diffusion 

eq equilibrium 

L diffusion limited 

ox oxidized form 

p peak. 

R ring 

red reduced form 

0 under standard conditions 

~ half- wave 

mol 1-l 
2 -1 

cm s 

v 
-1 

C mol 
-1 

s 

A 
-2 

A cm 
-1 

cm s 

-1 -1 
J K mol 

K 

v 
2 -1 

cm s 

rad s -l 



Abbrevialions 

BET Brunauer Enwett Teller 

CE counter electrode 

C pyrolytic graphite 
p 

DTA/TG differential thermal/thermogravimetric analysis 

ESCA electron spectroscopy for chemica! analysis 

ESR electron spin resonance 

EXAFS extended X-ray absorption fine structure 

IR inf rared 

KS mass spectroscopy 

NHE normal hydrogen electrode 

PP polypyrrole 

re phthalocyanine 

RE reference electrode 

RHE reversible hydrogen electrode 

RRDE rotating ring-disc electrode 

SCE saturated calomel electrode 

TAA tetraazaannulene 

TBP tetrabenzoporphyrin 

TEM transmission electron microscopy 

THF tetrahydrofuran 

TKPP tetramethoxyphenylporphyrin 

TPP tetraphenylporphyrin 

TRPP tetra(p-substituent)phenylporphyrin 

TSPc tetrasulfonated phthalocyanine 

UV-VIS ultra-violet/visable 

WE working electrode 

XPS X-ray photoelectron spectroscopy 
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Summary 

The reduction of dioxygen is of interest for the development of fuel cells. 

Since this reduction is a slow reaction, its rate bas to be increased using 

suitable electrocatalysts. Transition metal chelates are efficient alterna­

tives for the commonly applied platinum. 

A study of the 1 i tera_ture ( chapter 2) showed that the reported results are to 

a large extent influenced by the applied electrode-preparation method, and 

their corresponding mass-transport behaviour. In the present work, the elec­

trocatalytic , properties such as activity, selectivity and stability of a num­

ber of chelates are investigated under well-defined mass-transport conditions. 

This can be realized with the rotating ring-disc electrode technique (chapter 

3) . A number of different electrode preparation methods such as irreversible 

adsorption, vacuum deposition, impregnation of porous carbon, evaporation of 

the solvent and incorporation into a conducting polymer film, were compared. 

All electrode systems are characterized with cyclic voltammetry in o2-free 

solution. It is found that the number of active sites can widely differ from 

the number of catalyst molecules present. An equation was derived for the 

relation between the half~ave potential E% and the number of active sites 

(chapler 4). 

A comparison between vacuum-deposited films and irreversibly adsorbed mono­

layers of iron- and coball phthalocyanine (FePc and CoPc) indicates that with 

vacuum-deposited films only a very small fraction of the film is electrochemi­

cally active (chapter 5). For the study of the electrocatalytic properties of 

chelates, irreversibly adsorbed monolayers are recommended since their charac­

terization results in distinct redox peaks. With this system the redox 

potentials E of FePc, CoPc and CoTAA (cobalt tetraazaannulene) were p 
measuréd as a function of the solution pH, as well as E% for the reduction 

of dioxygen under the same conditions (chapter 6). In acid solution there is a 

clear correlation between EP and E%. This changes going to alkaline solution. 

In thi s electrolyte, the reduction is highly reversible so the value of E 
p 

is less important. 

The selectivity of the reaction bas been investigated by studying the reduc­

tion of o2 on a planar dicobalt chelate (chapter 7). Like dicofacial 

dicobalt porphyrins, this chelate allows the bridging coordination of o2 . 

Compared to the dicofacial dicobalt porphyrins, however, the planar chelate 

displays reversed selectivity with respect to the solution pH. In alkaline 
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solulion, o2 is reduced to water; in acid solution hydrogen peroxide is 

fo1"11led. A qualitalive explanation for this observation with the aid of the 

"increased valence theory" is presented in chapter 8. Besides bridging coord1 ·­

nation, the electronegativity of the adsorbed dioxygen molecule has to be 

increased in order to split the 0-0 bond. In acid solution this is achievad 

via prolonation of the adsorbed o2 molecule; in alkaline solution via reduc­

tion of the cobalt centres. 

The research for improving the stability bas been focussed on the effect of 

pyrolysis on carbon-supported transition metal chelates. There is no consensus 

in the literature why this treatment not only improves the stability but also 

the activity. In order to study the o2 reduction on carbon-supported tran­

sition metal chelates with the rotating ring-disc technique, a method was 

developed to attach the carbon particles to the disc of such an electrode. 

This was achieved by incorporating the carbon particles into a conductive 

polypyrrole film (chapter 9). With this method, the effect of pyrolysis was 

studied on CoPc, FePc and CoTAA and their metal-free analogues, deposited ou 

Norit BRX (chapter 10). Both activity and selectivity pass through a maximum 

as a function of pyrolysis temperature. This behaviour is explained with a 

model in which the migration of the chelate molecules over the support, reac­

tion of the outer fringes of the organic skeleton with the support, and total 

degradation of the catalyst, with loss of activity, has been taken into 

account. 

Finally, in chapter 11 some concluding remarks and suggestions for future 

research are presented . It is concluded that there is still room for improving 

the eleclrocatalytic properties of transition metal chelates. An advantage of 

these catalysts is their insensitivity to solution impurities. For stability 

reasons, as yet their application seems to be limited to cobalt chelates in 

alkaline solution. 
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Samenvatting 

De reduktie van zuurstof is een belangrijke reaktie voor de ontwikkeling van 

brandstofcellen, Aangezien deze reduktie in het algemeen traag verloopt, moet 

de snelheid van deze reaktie met behulp van elektrokatalysatoren worden ver­

hoogd. Overgangsmetaalchelaten zijn geschikte alternatieven voor het gewoon­

lijk hiervoor toegepaste platina. 

Een kritische studie van de literatuur (hoofdstuk 2) laat zien dat de gepubli­

ceerde resultaten voor een belangrijk deel worden bepaald door de gebruikte 

bereidingswijze van de elektroden, en de daarmee samenhangende massatransport­

eigenschappen. In dit proefschrift wordt een onderzoek beschreven naar de 

aktiviteit, selektiviteit en stabiliteit van een aantal chelaten, waarbij het 

massatransport goed is gedefinieerd. Dit is gerealiseerd door gebruik te maken 

van de roterende ring-schijf-elektrodetechniek (hoofdstuk 3). Een aantal ver­

schillende bereidingswijzen van de elektroden, zoals irreversibele adsorptie, 

opdampen, impregneren van poreuze kool, verdampen van het oplosmiddel en 

inbouw in een geleidend polymeer, is met elkaar vergeleken. Alle elektrode­

syslemen zijn gekarakteriseerd met behulp van cyclische voltammetrie in ·zuur­

stofvrije oplossing. Gevonden is dat het aantal aktieve sites sterk kan afwij­

ken van het aantal aanwezige katalysatormolekulen. Er is een relatie afgeleid 

tussen de halfwaarde potentiaal E% en het aantal aktieve sites (hoofdstuk 4). 

Uit een vergelijking tussen dikke opgedampte lagen van ijzer- en kobalt­

ftalocyanine (FePc en CoPc), en irreversibel geadsorbeerde monolagen van deze 

komplexen, komt naar voren dat bij de opgedampte lagen slechts een zeer gering 

gedeelte van de film elektrochemisch aktief is (hoofdstuk 5); voor de studie 

van de elektrokatalytische eigenschappen van chelaten zijn irreversibel gead­

sorbeerde monolagen het meest geschikt, omdat de karakterisering van deze 

elektroden resulteert in scherpe redoxpieken. 

Met behulp van dit systeem zijn de redoxpotentialen E van FePc, CoPc en 
p 

CoTAA (kobalttetraazaannuleen) gemeten als funktie van de pH, alsmede E% 

voor de z.uurstofreduktie onder dezelfde kondities (hoofdstuk 6). In zuur 

milieu bestaat er een duidelijk korrelatie tussen Ep en E%. Dit verandert 

bij hogere pH: onder die omstandigheden is de reduktie dermate reversibel dat 

de waarde van E er minder toe doet. 
p 

De selektiviteit van de reaktie is onderzocht aan een vlak dikobaltchelaat 

(hoofdstuk 7). Net als bij dicofaciale dikobaltporfyrines, kan aan dit mole­

kuul brugadsorptie van o2 optreden. Vergeleken met de dicofaciale dikobalt-
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chelaten vertoont het vlakke dikobaltchelaat een omgekeerde selektiviteit met 

betrekking tot de pH van het elektrolyt. In alkalisch milieu treedt reduktie 

tot water op; in zuur milieu wordt waterstofperoxyde gevormd. Een kwalitatieve 

verklaring voor deze waarnemingen met behulp van de "increased valence" theo­

rie is weergegeven in hoofdstuk 8. Naast brugadsorptie moet de elektronegati­

viteit van het geadsorbeerde zuurstofmolekuul worden verhoogd om splitsing van 

de 0-0 binding mogelijk te maken. In zuur milieu gebeurt dit door protonering 

van het geadsorbeerde zuurstofmolekuul; in alkalisch milieu via reduktie van 

de kobaltatomen. 

Het onderzoek met betrekking tot de verbetering van de stabiliteit heeft zich 

de laatste jaren toegespitst op het effekt van pyrolyse op koolgedragen over­

gangsmetaalchelaten. Tot op heden is er geen overeenstemming in de literatuur 

waarom deze behandeling niet alleen de stabiliteit, maar ook de aktiviteit 

verbetert . Om de zuurstofreduktle aan koolgedragen chelaten te kunnen bestude­

ren met de roterende rlng-schijf-elektrodetechniek, is eerst een methode ont­

wikkeld om de kooldeeltjes aan te brengen op de schijf van een dergelijke 

eleklrode. Dit is verwe~enlijkt door de kooldeeltjes in te bouwen in een 

geleidende polypyrroolfilm (hoofdstuk 9). Ket behulp van deze techniek is hef 

effekt van de pyrolyse onderzocht op FePc, CoPc, CoTAA en hun metaalvrije 

derivaten, aangebracht op Norit BRX (hoofdstuk 10). Zowel de aktiviteit als de 

selektiviteit vertoont een maximum als funktie van de pyrolysetemperatuur . Om 

dit gedrag te verklaren is een model ontwikkeld waarin rekening wordt gehouden 

met migratie van de chelaatmolekulen over de drager, reaktie van het organi­

sche skelet met deze drager, en algehele ontleding van de katalysator onder 

verlies van de aktiviteit . 

Dit proefschrift eindigt met een aantal slotopmerkingen en suggesties voor 

verder onderzoek (hoofdstuk 11). Hieruit blijkt dat er nog ruimte is voor ver­

betering van de elektrokatalytische eigenschappen van overgangsmetaalchelaten. 

Een voordeel van deze katalysatoren ten opzichte van platina is hun ongevoe­

ligheid voor verontreinigingen in het elektrolyt. Vanwege stabiliteitsredenen 

lijken de mogelijkheden voor toepassing vooralsnog beperkt tot kobaltchelaten 

in alkalisch milieu. 
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STELLINGEN 

1. Voor gemodificeerde elektroden zijn "turnover numbers" een 

betere maat voor de aktiviteit van een elektrokatalysator 

dan de uitwisselingsstroomdichtheid. 

Hoofdstuk 4 van dit proefschrift. 

2. Een belangrijk voordeel van overgangsmetaalchelaten als 

elektrokatalysatoren voor de reduktie van zuurstof is hun 

ongevoeligheid voor verontreinigingen in het elektrolyt. 

3. De informatieve waarde van Koutecky-Levich plots wordt 

overschat. 

J. Koutecky, V.G. Levich, Zh. Fiz. Khim. 32(1958)1565. 

4. De door Randin uitgewerkte korrelatie tussen de zuurstof­

reduktieaktiviteit van overgangsmetaalchelaten in waterige 

oplossing en hun redoxpotentialen, gemeten in niet-waterige 

media, is niet toegestaan. 

J,-P, Randin, Elektrochim. Acta 19(1974)83; 

Hoofdstuk 6 van dit proefschrift. 

5. De door Pound et al. berekende theoretische celspanning van 

de nikkeloxyde-zink akku is onjuist, omdat voor de aktiviteit 

van het zinkaat een veel te lage waarde is aangenomen. 

B. G. Pound, R.P. Singh, D.D. MacDonald, J.Power Sources 18(1986)1. 

6, Bij het bestuderen van de zuurstofreduktie met behulp van een 

roterende ring-schijfelektrode is kwantitatieve detektie van 

de gevormde waterstofperoxyde slechts mogelijk, wanneer van een 

geplatineerde ring gebruik wordt gemaakt. Ten onrechte wordt 

dit platineren door veel onderzoekers achterwege gelaten. 

S.-M. Park, S. Ho, S. Aruliah, M.F. Weber, C.A. Ward, R.D. Venter 

s. Srinivasan, J. Electrochem. Soc. 133(1986)1641. 



7. De opvatting van Duffield et al. dat het amalgameren van een 

zinkelektrode de reversibiliteit van dit systeem verhoogt doordat 

de aanwezigheid van kwik op het oppervlak de vorming van 

"kink sites 11 overbodig maakt, wordt niet bevestigd door hun 

experimentele resultaten. 

A. Duffield, P.J. Mitchell, N.A. Hampson, N. Kumar, D.W. Shield, 

J. Power Sources 15(1985)93. 

8. Een goede bewegwijzering voor fietsers vereist een eigen, 

duidelijk herkenbaar bordensysteem. 

9. Door de toenemende invloed van het bedrijfsleven op het universi­

taire onderzoek dreigt de wetenschappelijke vrijheid van deze 

instellingen in gevaar te komen. 

JO.Voor het opleiden tot zelfstandig onderzoeker is de studiedruk 

in de huidige eerste fase ' van het universitaire onderwijs te hoog. 

Il.In tegenstelling tot de zuurstofreduktie in een brandstofcel is 

dit proces bij het uitoefenen van duursporten meestal niet de 

limiterende faktor. 

Eindhoven, 19 december 1986 André van der Putten. 


