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Heterogeneous Redox Catalysts for Oxygen and 
Chlorine Evolution 

By Andrew Mills 
D E P A R T M E N T  O F  C H E M I S T R Y .  U N I V E R S I T Y  

C O L L E G E  O F  S W A N S E A .  S I N G L E T O N  P A R K ,  
S W A N S E A , S A Z  8 P P  

1 Introduction 
The general redox reaction 

r i 2 0 x 1  + rzlRed2 - ri2Red1 + n 1 0 x 2  

comprising the two redox couples 

Oxl + n l e p  Red l  

and 

Redz,Oxz + nze -  

is thermodynamically feasible, provided 

where El and E2 are the equilibrium reduction potentials of redox couples 1 and 
2, respectively. However, there exist many such feasible redox reactions which do 
not proceed at a measurable rate owing to their high activation energy barriers. 
An excellent example of this is provided by solutions of ceric sulphate, or 
potassium permanganate, made up in H2S04 (typically 0.5 mol dm-3), which are 
common in most laboratories and often used in redox titrations. These solutions 
are extremely stable and can last for years, however, in terms of thermodynamics 
they are unstable, since both oxidants have redox potentials greater than that of 
the 02/H20 couple and, therefore, are capable of oxidizing water to 0 2 .  For 
both Ce” and M n 0 i  ions the high kinetic stability of their solutions is due to a 
large activation energy barrier which in turn arises because the homogeneous 
oxidation of water requires four consecutive electron transfer steps involving the 
reactive and high energy species, OH’, H202, and 0; as intermediates. 

A system in which two or more redox couples are present together but are not 
in equilibrium, i.e. AE # 0 V, is often called a ‘polyelectrode’.’ A redox catalyst is 
a substance which is able to lower the activation barrier associated with a 
kinetically stable polyelectrode, such as the CeIV/H20 system and, in so doing, 
increases the rate of electron transfer to a measurable value. Although it is 

’ M. Spiro. Cl7crn. Sot,. Rw.,  1986. 15, 141. 
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n * O x  1 

Figure I 
electron conductor in mediuting the general reaction: 

Schenzutic illustrution of  the usuul role of u heterogeneous redo.\- c u t u l w  us un 

nzOxl  + nlRedz - nzRedl + n 1 0 x 2  

possible to have both homogeneous and heterogeneous redox catalysts for a 
particular reaction, i t  is examples of the latter which dominate the literature. The 
work of Spiro and his collaborators in this area of heterogeneous redox catalysis 
has advanced the subject significantly.' In particular, through an examination of 
over 70 different redox systems, they have demonstrated that the role of the 
redox catalyst is often simply that of a conductor of electrons,2 as illustrated in 
Figure 1 for the general redox reaction 1. From this electrochemical approach to 
redox catalysis, the kinetics of catalysis of reaction 1 can be predicted from the 
current-voltage curves of the two contributing couples, i.e. reactions 2 and 3, and 
the appropriate electrochemical equations, provided the two couples act independ- 
ently of one another. This assumption is often referred to as the Wagner-Traud 
additivity principle after its early exponents and has been extensively and 
positively tested for over the years, with the discovery of few exceptions. '3' 

It is appropriate at this point to introduce the concept of electrochemical 
reversibility. For a given electrode the more electrochemically reversible a couple 
is the faster the exchange of electrons between its oxidized and reduced forms 
occurs at the electrode. A measure of this electron exchange rate is provided by 
the exchange current density, io and, typically,2 for a reversible reaction io is 

A cm-2. From the 
electrochemical model and the concept of electrochemical reversibility it is 
possible to identify three different cases for the redox catalysis of reaction 1, and 
these are described in Table 1. 

A cm-2, and for an irreversible reaction io is 

M. Spiro and A. B. Ravno, J .  Clicmi. Soc., 1965, 78. 
C. Wagner and W. Truud. Z. Elckiroc~licwi.. 1938, 44, 391 
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Mcirkrd 
Cusc O s I  / Red, 0 . ~ 2 1  Red2 Caialj..si.s? 

( 1 )  Rev. Rev. V. likely 

(2)  ( a )  Rev. Irrev. Possible 
(b)  Irrev. Rev. Possible 

( 3 )  Irrev. Irrev. V. unlikely 

Coninirwts 

However, it is also likely that the reaction 
will proceed at a measurable rate in the 
absence of a redox catalyst and this hom- 
ogeneous reaction may obscure the redox 
catalytic effect. 
This combination will often lead to the most 
spectacular examples of catalysis, since the 
homogeneous reaction is unlikely to occur at 
a measurable rate. 
It is unlikely that either the homogeneous or 
heterogeneous reaction would occur at a 
measurable rate. 

2 Background History 
As the title suggests this review is concerned with heterogeneous redox catalysts 
which are able to mediate the oxidation of water to 0 2 ,  or chloride to Cl2, by 
oxidants with redox potentials ( E l )  which satisfy equation 4, where E2 is the the 
equilibrium potential of the 02iH2O or C12/C1- redox couple, respectively. 
Interest in such materials has primarily arisen from work into photochemical 
systems capable of efficiently collecting and storing solar energy in the form of a 
chemical fuel, which gained its greatest impetus, in terms of funding, following 
the oil crisis of the mid-~event ies .~ ,~  A major approach in this area of research is 
the development of an artificial photosystem capable of splitting water into 
hydrogen and oxygen, i.e. 

> 2 H z  + 0 2  
2H20 photochemical system 

siinlight ( 5 )  

More recently this research 
systems capable of splitting HCl into hydrogen and chlorine, i.e. 

has extended to the development of photochemical 

’ Hz + Cl2 2HC1 photochemical system 
sun 1 I g h t 

In both cases, with the absorption of a photon of light, the photochemical system 
should generate a strong oxidant, capable of oxidizing water to O2 (or C1- to 
C12) and a strong reducing agent, capable of reducing water to H2. Thus, 
essential to the efficient operation of any one of these photochemical systems is 
the incorporation of redox catalysts for water (or Cl-)  oxidation and water 

‘ A. Mills, Sci. Tech. R r r .  ( C  ~ i r .  Wdrs) .  1988, 4. 39. 
’ ‘Energy Resources Through  Photochemistry and Catalysis.’ ed. M. Griitzel, Academic Press, New York. 
1983. 
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crr tll 1J.S t 0.virIcitit 
Pt foil Ce'" ions 

( 2  mol dm-3 HCIOa) 
R u 0 2s.y H 2 0 Ce'" ions 
(powder) (0.5 rnol dm-3 H 2 S 0 4 )  
(colloid) 
R u O ~ * . Y H ~ O  Ru(bpy)33+u 
(powder) (chemically generated) 
(colloid) 

(powder) (generated photochemically) 
(colloid) 
R u 0 2e.y H 2 0 
(colloids and powders) 
R u 0 2 . s H 2 0  on various supports 
including: T i 0 2 ,  AI2O3, clay, and 
zeolite 
PtO2 Ce'" ions 
(Adams) (0.5 mol dm H2S04)  
I r 0 2  as above 
I r 0 ,sH 0 as above 
MnOz Ru(bpy): + 

Rhz03 as above 
Prussian blue Ce'" ions and Ru(bpy):+ 
[( bpy), Mn111(p-0)2 MnIV( b ~ y ) ~ ]  ( C104)3 Ce" ions 
[(phen)2Mn"'(p-0)2Mn'v(phen)2](C104)3 I, Ce" ions 
C(NH3)4Ru(NH2)Ru(NH3)4ICl4 Ce" ions 
trans-Ru( bpy),(H 20): + R 0 P Y ) 3 3 +  
a bpy = 2,2'-bipyridine. phen = 1.10-phenanthroline 

R~02.. \-H20 Ru(bPY): + 

Other oxidants including: 
Fe(bpy):+, T13+ , BrO;, Mn04 
Ce'" ions, Ru(bpy)<+. and 
other oxidants 

Rcj.  

2 

7-20 
21-23 

7,8,24,25 
26 

24,2 5,2 7--3 2 
26,28,33 
15.28,34.35 

12,20,22,25, 
29,3 1 , 3 6 4 0  

1 5,4 1 

15,25,26.40 
42 
23,25,29,43 
25,29 
4 4 4 6  
47,48 
47 
49 
50 

reduction. These catalysts should be stable, specific, and fast-acting towards their 
respective redox reactions. 

As indicated above, most of the research in this area has been concerned 
with the photosplitting of water, i.e. reaction 5. A great deal of progress has 
been made in the area of redox catalysts for water reduction, i.e. H2 catalysts, 
and there are now materials such as colloidal Pt which are able to act in the 
ps timescale.6 In contrast, progress in the area of water oxidation catalysts 
( 0 2  catalysts) has been slow, since most of the materials tested appear to be 
either inactive or themselves undergo anodic corrosion when subjected to the 
strong oxidizing conditions necessary to oxidize water to 0 2 .  Table 2 provides a 
list of the different materials which have been reported as active 0 2  catalysts and 
the oxidizing agents which have been used to test In contrast to the 

' A. Demortier, M. De. Backer, and G. Lepoute, Nour.. J .  Chin?., 1983. 7.421 and references therein. 
J.  Kiwi and M. Gritzel. Chernio, 1976, 33, 289. 
J .  Kiwi. l s r .  J .  Chcwi., 1979, 18. 369. 
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situation with O2 catalysts, there have been relatively few reports of Clz catalysts 
and in most cases Ce" ions in 0.5 mol dm-3 H 2 S 0 4  were used as the ~ x i d a n t . ~ ~ . ~ ~  

The choice of oxidizing agent for testing a new material for possible 0 2 ,  or Cl2, 
catalytic activity is important and Table 3 lists some which have been used for 
this purpose.53 In Table 3 we have calculated for each oxidant the value of AE 
for the oxidation of H 2 0  to 02, AE(Oz), and C1- to (212, AE(C12). An oxidant will 
be thermodynamically 'stable' to water (or C1-) if AE(O2) [or AE(C12)] is -ve. 
Usually, under ambient conditions and in the presence of water alone (or with 

' K. Kalymasundaram and M. Gratzel, Angew. C/iem., I n t .  Ed. Engl.. 1979, 18. 701. 
I" J.  Kiwi. M. Gratrel. and G .  Blondeel. J.  Cliem. Soc.. Dalton Trans., 1983, 2215. 
I I A. Mills and M. L. Zeeman, J .  Clicw. Soc., Cheni. Commwi., 1981. 948. 
l 2  A. Mills. J .  CIiem. Soc., Drrlton Trrrn.~, 1982. 1213. 
l 3  A. Mills. C Lawrence, and R. Enos, J .  Chrni. So(.., Cheni. Commun., 1984, 1436. 

l 5  A. Mills. S. Giddings, I. Patel. and C. Lawrence, J .  Clieni. Soc., Fnrncltrj, Truns. I .  1987, 83, 2331. 
l h  A. Mills and S. Giddings. Inor'q. Chim. Acrn. 1989. 158. 49. 
" A. Mills. S. Giddings. N. McMurray. and G.  Williams. Inorg. Chim. Actn. 1989. 159. 7. 
I' .4. Mills and N .  McMurray. J .  C h m .  Soc .. Frrratlaj, Trans. 1. accepted for publication. 
" A. Mills and N. McMurray, J .  C/icwi, Soc., F m m l q  Trcrn.~. I .  accepted for publication. 
'(' G .  Blondeel. A. Harriman. G.  Porter. D. Urwin. and J. Kiwi. J .  P h j x  Chrm.. 1983.87. 2629. 
2 1  A. Mills and N. McMurray. J .  Clirni. Soc., F i i r d q  Trcin.~. I ,  1988. 84. 379. 
'' C. Minero. E. Lorenzi. E. Pramauro. and E. Pelizzetti. Innrg. Chini. Acta. 1984.91, 301. 
" A. Harriman. M.-C. Richoux. P. A. Christensen, S. Mosseri. and P. Neta. J .  Chrm. Soc.. Fnradaj. 

" J.-P. Collin. J.-M. Lehn. and R. Zeissel. Your J .  Chini., 1982.6. 405. 
2 5  J.-M. Lehn. J.-P. Sauvage. and R. Ziessel, Nout.. J .  Chin?., 1979. 3.423. 
2 h  V. Ya. Shafirovich and V. V. Strelets. N o u r .  J .  C/iim.. 1982, 6. 183. 
- 

2 8  K. Kallanasundaram. 0. Micic. E. Pramauro. and M. Gratzel. Helr. Chini. ,4( , t ( r .  1979. 62. 2432. 
" J.-M. Lehn. J. P.  Sauvage. and R. Ziessel, Noiir. J .  Chim., 1980. 78. 339. 

j1  K. Kaljanasundaram and M. Gratzel. Angrit'. Cheni., In t .  Ed. EngI., 1979. 18, 701. 
3 2  M. Kaneko. N. Awaya, and A. Yamada. Cli~ni. Lerr.. 1982, 17. 619. 
'' M. Neumann-Spallart. J.  Chrni. Soc.. Ftrr~t la j .  Trcrns. 1 .  1985. 81. 601. 
" J .  Kiwi. J.  Clreni. SOC. .. Fmwtlcij. Trtrm. 2. 1982, 78. 339. 
-" E. Pramauro and E. Pelizzetti. Inorg. Chin?. Acra. 1980. 45, L131. 
3 h  D. Duonghong, W. Erbs. L. Shuben. and M. Griitzel, Cheni. P h j x  Let(.. 1983, 266. 

H. Nijs. M. I .  Cruz. J. J .  Fripiat, and H. Van Damme. Notii,. J.  Chin?., 1982, 6, 551. 
3' D. H. M. W. Thewissen. M. Eeuwhort-Reinten, K.  Timmer. A. H. A. Tinnemans. and A. Mackor, J .  R. 

Soc. . Y e ~ h .  Chrw. Soc., 1942. 10112. 79. 
R. Humphry-Baker. J. Lilie, and M. Gratzel, J.  Am. Clieni. Soc,., 1982. 104, 422. 
P. Baltzer, R .  S. Davidson. A. C.  Tseung, M. Gratzel, and J. Kiwi, J .  Am. Chem. Soc., 1984, 106, 1504. 
J. Kiwi and M. Gratzel, Atigru.. Chctl?.. In/. Ed. Engl., 1978, 17. 860. 
A. Harriman, J. M. Thomas. and G. R. Millward. N c w  J.  Chlw?., 1987, 11, 757. 
Y. Okuno, 0. Yonemitsu. and Y. Chiba, Chrni. Let t . ,  1983, 815. 
P. A. Christensen. A. Harriman. P. Neta, and M.-C. Richoux, J.  Chem. SOL,.. Faraday Trans. 1,  1985, 
81, 2461. 

A. Mills, S. Giddings. and I .  Patel, J .  Clien?. Soc.. Fnmdaj, Trans. 1 ,  1987. 83, 2317. I4 

T r m s .  1. 1987. 83, 3001. 

7 -  A. Harriman. G.  Porter. and P. Walters, J .  C h m .  Soc.. Furcrdlrj. Trtrm. 2, 1981. 77. 2373. 

.4. Juris and L. Moggi. I n t .  J.  Solw Ener'qj.. 1983. 1, 273. 

3' 

40 

4 3  

44 

" 41. Kaneko, N. Takabayshi, and A. Yamada, Chem. Lett., 1982. 1647. 
'' M. Kaneko, N. Takabayshi. Y. Yamaguchi, and A. Yamada. Bull. Chem. SOC. Jpn.. 1984.57, 156. 

R .  Ramaraj. A. Kira. and M. Kaneko, Angcw.  Clirm., In!. Ed. Engl., 1986, 25, 825. 
R .  Ramaraj. .4. Kira. and M. Kaneko, Chcm7. Leti.. 1987, 261. 

"' &. Ramaraj, A. Kira. and M. Kaneko, J .  Chem. Soc.. Chem. Conmun., 1986, 1707. 
' ( I  H .  Hijs. hl .  Crur. J. Fripiat, and H. \'an Damme. J.  Chem. Soc.. Clirm. Commun., 1981, 1026. 
' I  J .  Kiwi and M. Gratzel, CIILWI PAj..r. Let/..  1981, 78, 241. 
5 2  A. Mills and A. Cook. J .  Clicw. Soc.. Fmxrln,. Trans. I ,  1988. 84, 1691. 
z 3  R. C.  Weast in 'CRC Handbook of Chemistry and Physics,' CRC Press, Boca Raton. Florida, 61st 

4' 

48 

edn.. 1980. D155. 
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Ox irlunr 

S A X  

Ce’’ ions 
(2 mol dm-3 HC1O4) 
M n O i  

10, 

PbO2 

c10; 

Ce‘” ions 
(0.5 mol dm H2S04) 

2 

BrO; 

C r 2 0 4  

ROPY):  + 

TI” + 

M n 0 2  

10; 

Fe(bPY): + 

Irrev. 

Rev. 

M. rev. 

Rev. 

M. rev. 

Rev. 

Irrcv. 

Rev. 

Rev. 

- 

M. rev. 

Rev. 

Stc~tdtirt l  Rcc1o.1 
PotcviririI 5 3  

( V  r.v. NHE) 
( l t i i l i d  Firiul) 
O.~iri~i t ion Siri tc 
2.0 I 
(+7-* + 6 )  
1.70 
(+4-  +3)  
I .68 
(+7-  +4)  
1.65 
(+7-- + 5 )  
1.46 
( + 4 +  + 2 )  
1.45 
( + 5 -  - 1 )  
1.45 
( + 4 -  +3)  
1.36 
(0- - I )  
I .44 
(+5-  - 1 )  
I .33 
( + 6 - +  +3)  
1.27 
(+3-  + 2 )  
1.25 
(+3-  + I )  
1.21 
(+4----, + 2 )  
1.09 
(+5-  - 1 )  
0.98 
(+3---. + 2 )  

AE(O2) 
( V )  

0.78 

0.47 

0.45 

0.42 

0.23 

0.22 

0.22 

0.13 

0.2 1 

0.10 

0.04 

0.02 

- 0.02 

-0.14 

-0.25 

AE(C12) 
( V )  

0.65 

0.34 * 

0.32 * 

0.29 

0.10” 

0.09 

0.09 

0 

0.08 

- 0.03 

- 0.09 

-0.1 1 

-0.15” 

- 0.27 

-0.38 

reversible: * Mixtures of the oxidant and  C1- are  kinetically unstable. t O n  Pt electrodes (Rev 
Irrev. = irreversible; M.  Rev. = moderately rcversible)’ 

- - 

C1- ions) such oxidants do not generate O2  (or Clz) at a measurable rate and the 
introduction of a redox catalyst does not speed up the reaction. At  pH 0 all the 
oxidants listed in Table 3 are stable in water and in brine, although in the latter 
there are a few notable exceptions such as Pb02,  Mn02, and Ce” ions (2 mol 
dmP3 HC104). 

In order to test a new material for 0 2  or Cll catalytic activity the oxidant must 
be stable, cheap, and simple (i.c. preferably involve the transfer of only one 
electron). In addition, from Table I ,  it would appear that an appropriate oxidant 
must be electrochemically reversible at the redox catalyst. From Table 2 i t  is 
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Propcrty Gel" 
Redox potential '' I .44 

Price Cheap 

Preparation None 
required 

Operational < p H  1 
pH range 

Long-term Excellenl 
stability 

Photochemical No 
generation 

Ru(bpy)i ' 
I .27 

Expensive 

Some 

pH 1-6 

Poor 

Yes 

Con1n1en t s  

Ce" ions are able to oxidize water to 0 2  and 
C1- to Clz whereas Ru(bpy)$' ions are only 
able to oxidize water to 02. For Ru(bpy):', at 
pH 0, the overpotential for the oxidation of 
water to O2 is insufficient to drive the reaction. 
The ruthenium species is usually purchased or 
prepared in its stable 2' form. 
Analytical volumetric solutions of Ce" ions in 
H 2 S 0 4  may be readily purchased, whereas 
Ru(bpy);+ must be generated chemically or 
photochemically from its stable 2' form. 
Ce'" ions undergo hydrolysis at pHs > 1 .  In 
contrast solutions of Ru(bpy): + are relatively 
stable ( t i  > 1.5 min)30.54.s5 up to pH 6. 
In 0.5 mol dm HzSO4, solutions containing 
Ce'" ions can last years, whereas solutions 
containing Ru(bpy)i+ ions will last only 1- 
2 At higher pHs the stability of 
the Ru(bpy)$ + solutions decreases markedly. 
Ru(bpy)i + can be readily photogenerated 
using sacrificial electron acceptors such as 
C O ( N H ~ ) ~ C I ' +  or S 2 0 i - .  This coupled with 
the interest in water splitting photochemical 
systems is largely responsible for the popularity 
of Ru(bpy);+ as a test oxidant. 

" In 0.5 rnol dm-3 HzS04,  I ' S .  NHE. 

clear that the most popular oxidants for testing O2 catalytic activity are Ce" and 
Ru(bpy)i + ions. This seems appropriate since they are both electrochemically 
reversible on a Pt electrode (see Table 3) and it seems probable that they would 
behave similarly on most conducting materials. A comparison between the two 
oxidants is provided in Table 4.s4*ss From Table 4 it is clear why Ce" ions are 
the most commonly used oxidant for testing a new material for 0 2  or Clz 
activity. It is worth noting also the general finding5 that any material identified 
as a good 0 2  catalyst using Ce" ions as the 'test' oxidant, appears also to be a 
good 0 2  catalyst when used at higher pHs with, say, Ru(bpy)i'. Typically, a 
Ce" 'test' system comprises a solution of Ce" ions (3.6 x lop3 mol dm-3) in 0.5 
rnol dm-3 H2S04 and a catalyst concentration of u i .  0.1 g dm-3. 

3 Ruthenium Dioxide Hydrate 
A. Oz Catalysis.-From Table 2 it  is apparent that ruthenium dioxide hydrate is 

" C.  Creutz a n d  N. Sutin. Proc.. Ncitl. Awrl .  Sci. C'.S.A.. 1975, 72. 2858. 
'' P. K.  Ghosh .  B. S. Brunschwig, M. Chou .  C. Creutz. and N. Sutin, J.  A m .  Climr. Soc.. 1984. 106,4772. 
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one of the most popular 0 2  catalysts. However, extensive and detailed research 
has now established ' I  l 5  that there are two important and very different types 
of this hydrate: the first we shall refer to as Ru02..uHz0 and the second as 
RuO2-jsH20*. Ru02*.uH20 is highly hydrated ("() HzO content 3 24"") and may 
be purchased from suppliers such as: Johnson Matthey, Aldrich, Strem, and 
Englehard or prepared rirr the alkaline hydrolysis of an aerated aqueous solution 
of RuCl3.nH2O. This form of ruthenium dioxide hydrate is not a good O2 cata- 
lyst.' ' -14 Indeed, in the presence of an excess of Ce'" ions in 0.5 mol dm-3 H 2 S 0 4  
it is completely oxidized to R u 0 4  with the concomitant generation of 02 .  Equations 
describing these two simultaneous reactions were found to be as follows: I 4  

4Ce" + RuO2..\-H20 + 2 H 2 0  + 4Ce"' + R u 0 4  + x H 2 0  + 4H' (7a) 

and 

where z 'u 0.26. 
In our study of the anodic corrosion of RuO2-.uHzO by Ce'" ions. i.0. reaction 

7, initially we believed that the source of the water oxidized in reaction 7b 
originated from the hydrate itself rather than the solvent. However, the results of 
a more recent study carried out by our group,s6 using 018-labelled water in the 
solvent and mass spectrometry for gas analysis, indicate that the 0 2  generated in 
reaction 7b originates from the solvent. In this latter work we were also able to 
confirm that the Ru04 also generated in the corrosion of RuO2-vHzO gains two 
0 atoms from the solvent, as indicated in equation 7a. 

If the RuO2-xHzO sample is annealed above ambient temperature in air for 
5 h and then tested for O2 catalytic activity, it undergoes less corrosion and 
behaves more like an 0 2  catalyst than untreated R U O ~ * \ - H ~ O . ' ~  Figure 2 
illustrates the measured corrosion and "lo 0 2  yields when samples of 
RuO2*xHzO which had been baked-out at different temperatures were injected 
into a Ce" test solution. The 7; corrosion was determined from the amount of 
Ru04 generated during the reaction and chemically trapped out as perruthenate 
using a solution of sodium hypochlorite incorporated in a flow system.'6 When 
measured in this way the highest "/, corrosion of ruthenium dioxide hydrate to 
Ru04 was found to be ca. 86:/, and not 1000/,, as might be expected. However, the 
% corrosion value of 86% represents a minimum estimate of the real value, since 
some of the R u 0 4  generated reacted with the glassware and any exposed rubber 
tubing before reaching the chemical trap, as evidenced by the blackening of both. 
Other experiments with R u 0 4  alone showed that the maximum collection 
efficiency of the hypochlorite trap flow system was 867(; indicating that a 
recorded 7; corrosion value of 86", for a ruthernium(1v) oxide powder actually 
indicates 100% corrosion of the powder. The ".:, 0 2  yield was determined using 
an O2 electrode incorporated at the end of the same flow system. I s  

5 6  A. Mills, R. Mason, and D. Milton. J .  Lps.s-C'o/11/i?o11 M r r c r l s ,  accepted for publication. 
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a 
0 

a % 

515 60 70 so 90 100 110 d o  l i 0  140 * 1fo 1 

Baking Temperature of RuO,.xH,O /'C 
Figure 2 ''{, O2 j.ield (0)  and O 0  corrosion (0): ohserced on injecting saniples (7.5 mg in 7.5 
cm of'0.5 mol dm-3 HzS04) q / 'Ru02.sHz0,  baked-out at di erent temperaturesfor 5 h, 
into I00 cm3 oJ'u HzS04 soluton (0.5 mol dm-3) conraining Ce'C!ons (3.6 x mol dm-3: 
A, A, commercial RuO2.xH20 (u.sually dried by the manujacturer at 50 O C ;  a, 0 buked- 
out .sunzples cfRu02.sH20 ( T  = 298 K) 

From the results illustrated in Figure 2 it is clear that samples of Ru02*sH20 
baked out at temperatures 2 1 4 4 ° C  are not only stable towards corrosion but 
also active as 0 2  catalysts, i.e. they catalyse quantitatively the reaction 

4Ce" t 2 H 2 0  - 4Ce"' + 4H' + 0 2  (8) 

However, although samples of Ru02-.uH20 baked out at temperatures 3 144 "C 
are stable towards corrosion, i t  also appears that their 0 2  catalytic activities 
decrease with increasing annealing temperature, as illustrated in Figure 3. 
Further work has estabished l S  that this drop in activity with increasing 
annealing temperature is primarily due to a decrease in specific surface area of 
the sample which, in turn, is due to the processes of sintering and crystallization. 
Indeed, anhydrous, highly crystalline R u 0 2  appears inactive as a catalyst,' 2 , 1  

due to its very low specific surface area, typically < 5 m2 gm-'. 
From the above work it appears that the optimum form of thermally activated 

ruthenium dioxide hydrate for 0: catalysis is a sample of RuOz*.rH20 baked out 
at uz. 144 "C for 5 h in air. Throughout this paper we shall refer to this particular 
catalyst as Ru02-~ 'H20*.  To dutr this niutesial uppeass to he the riiost active, 
stcihlc> Iietesogrneous 0 2  catcilj~st dt~rloprd.  Table 5 provides a list of oxidants 
which are able to oxidize water in the presence of RuO2-j9H20* and the observed 
0: yields. Thermal activation of RuOz..rHzO to Ru02-)9H20* appears to be 
independent of the atmosphere under which the samples are annealed, i.e. an 
annealing environment of Nz or 0 2  does appear not to effect the 0 2  catalytic 
activity or corrodibility of the final, activated sample of ruthenium dioxide 
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Time / X  lo3 s 
Figure 3 Absorbancc vs. rinic plots,  recorded using LI 1 cm cdI ( h  = 430 nm). .shi.ing (lie 
decaf qfCe" ions (ca. 3.5 x mol dm 3 ,  ufter injection (a t  t = 0 )  of90 mm3 of0.l  mol 
dm- Ce" soluton into stirred clispersions ofca. 175 pg of  Ru02.sHzO in 2.5 cm3 qf0.5 rnol 
dm-3 H2S04, baked-out cif r l i f f iwnt  tenil~cruturcs. The baking teniperatures o f  the 
RuO2.sH20 suniplrs ,i'ere: ( ( I )  140. ( h )  250. (c)  400, ( ( I )  550. ( 0 )  700, ( f )  900 "C rind (g )  no 
sample ( T  = 298 K )  

Osidizing Agont 

Ce" 
(0.5 rnol dm-3 H 2 S 0 4 )  
MnOa 
1 0 4  
BrO; 

PbOz 

lnitiul- Finril 
Orirlution S f r r t c ~  
+ 4 +  + 3  

+7- + 4  
+ 7 +  + 5  
+5- - 1  

+4- + 2  

+4- + 2  
+ 5 -  - 1  
+6- + 3  
1 3 -  + 2  
+4- + 3  

"(, O2 Yield 
97-102 

99 
104 
84 

44 

53 
3 
0 
0 

92 

conu~lcn t.s 

A rapid reaction, over in less 
than 10 min 
As for Ce" 
As for Ce" 
A much slower reaction. complete 
after U I .  I7 h 
A very slow and incomplete reac- 
tion 
As for P b 0 2  
Very little, if  any, reaction 
As for CIO; 
As for C10; 
A very slow reaction, complete 
after U I .  30 h 

hydrate. As you might expect, in contrast to Ru02-uH20,  R u 0 2 * ~ , H 2 0 *  is much 
less hydrated ('/" H I 0  content d 12";)). The relationship between the H2O 
content of a sample of ruthenium dioxide hydrate and its corrodibility, as 
measured by a Ce'" test system, is illustrated in Figure 4. 
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Figure 4 ",, Corrosion vs. y,;, HzO contcJnt .for samples qf'high/j, hydruted RuO~. .YH~O,  r i o t  
hcwt-treated und heat-treated at c l i f f iwi t  tcniperutures o i w  the range 60-400 "C. Tho 
.riunple.s C U I I  be diir.iclcci into t h r w  clistinct clus.re.v: ( A )  non-corrociihle; 2, HzO content 6 1 O'I,,,, 
( B )  on!,. purtl j-  corroiiihle, t i - i th  the :o c,orrosion incwusing rr,iili increusing H2O cmterit: 
24",, > "(, HzO c'otitrnt > 1 O",, and (C)  conipletelj' corrodible: "LHzO content 3 24';; ( T  = 
298 K )  

Interestingly, samples of ruthenium dioxide hydrate from Alfa and Fluka have 
been found not to be fully hydrated and typically possess a % H 2 0  content of cci. 
18';). These materials exhibit a much greater resistance towards corrosion (Ofc) 

corrosion 8-9"<)) and a high catalytic activity (02 yield = 92"/)). This discrepancy 
between different commercial samples of ruthenium dioxide hydrate may even 
extend to different batches from the same supplier and is almost certainly the 
cause for the marked discrepancies in 0 2  catalytic activity reported for 
ruthenium dioxide hydrate over the As might be expected, such 
anomalous samples of RuO2. Y H ~ O  are readily converted into Ru02-j .H20* by 
annealing in air for 5 h at 144 "C. 

I t  appears likely that anodic corrosion of any sample of ruthenium dioxide 
hydrate occurs at kink or other surface-defect sites and that such sites would be 
associated with a greater number of co-ordinated hydroxyl groups than at other 
surface sites. If  this were the case it  would help rationalize why the O 0  H 2 0  
content of a sample of ruthenium dioxide hydrate provides some measure of its 
corrodibility (see Figure 4). By analogy with samples of hydrated Ti02 it appears 
likely that heat treatment of RuOz.\-HzO brings about the loss of water from the 
samples riii a 'condensation' reaction between the two hydroxyl groups on 
adjacent R u  surface atoms with the formation of a Ru-0-Ru b ~ n d . ~ ~ , ~ '  This 

5 7  M. Primet. P Pichut. a n d  M.-V. Mathieu.J .  /'//I.\. C/rw/.. 1971. 75. 1261. 
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process would lead to a less defective surface which might be expected to be less 
prone to corrosion. 

B. C12 Catalysis.--A convenient test system for a possible C12 catalyst is provided 
by a H2S04 solution (0.5 mol dm-3j containing Ce" and chloride ions. As 
indicated in Table 3, this system is thermodynamically unstable, A E  > 0 V, but, 
in practice, it is found to be kinetically stable. A 'good' C12 catalyst would 
mediate the oxidation of the C1- ions to Cl2 by the Ce" ions, i.0. 

This test system was first suggested in 1981 by Kiwi and Griitzel 5 1  who also 
reported that Ru02..uH20, supplied by Alfa, was able to catalyse reaction 9 as 
well as reaction 8 when chloride ions were added. In a typical experiment, the 
concentration of Ce" ions and catalyst were mol dm and 2 x mol 
dm-3 (ca. 0.34 g dm-3), respectively. At  a C1- concentration of mol dmP3 the 
reaction appeared to be 60, efficient and this could be increased to w. 17',, by 
increasing the C1- concentration to 1 mol dm-3. The low efficiency of Clz 
evolution, observed even at high C1- concentrations was attributed to competi- 
tion between reactions 8 and 9. 

Initially, it seems unlikely that RuOz-.uH20 would be able to mediate reaction 
9 as claimed by Kiwi and Griitzel. However, with hindsight, this is not so 
unreasonable since the RuO2.sH20 sample used by these workers was supplied 
by Alfa and therefore was quite likely partially dehydrated. As noted previously, 
such anomalous forms of RuOz*.uHzO are known to exhibit some O2 catalyst 
activity and to have some stability against anodic corrosion.' Interestingly, if 
some R u 0 4  were generated ria reaction 7 it would be expected5' to react with 
the C1- ions present, particularly if the C1- concentration was high, to form a 
mixture of water soluble ruthenium(rv) oxochlorides 5 8  and, presumably, Clz. If 
highly hydrated R u 0 2 - . u H z 0  was used as the 'C12 catalyst' in his system then 
R u 0 4  may not only be generated rici reaction 7, but also cici reaction 10. 

R u O ~ * . Y H ~ O  + 2HzO + ZCll- R u O j  + 4H '  + 4C1- + .\.H20 (10) 

Indeed, the use of chlorine water to generate R u 0 4  from Ru02. . \ -H20 is a well 
established p r o c e d ~ r e . ~ ~  

Thermally activated ruthenium dioxide hydrate ( RuO2-j9H20*) is not corroded 
readily by Clz and we have established that i t  is able to mediate reaction 9 with 
987; efficiency at CI- concentrations >0.2 mol dm-3. On reducing the C1- 
concentration below this 'threshold' value the C12 and O 2  yields decrease (98 to 
0%) and increase (0 to 95y,/0), respectively, as illustrated in Figure 5 .  These trends 

5 H  E. A .  Seddon and  K.  R. Seddon. 'The Chemistry o f  Ruthenium.. Elsebier. Am\torJam. 19x4, Chapters  
3 and  5. 
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N 
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n 
c 
N 

o t  I 1 1 I f l o  
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[[I-] /162rnoi dm-3 
Figure 5 1, 0 2  und O b  Cl2 yieIdy, produced via reactions 8 and 9, determined US u f i c t i o ~ i  of 
CI concentrution. These results tilere ohtuined by injecting 5 x rnol of' Ce ions into 
100 cm3 H2S04 solution (0.5 rnol dm-3) containirzg 10 mg ofRu02.yH20* und a curietj- of' 
dijfkrent C1- ion concentrutions. An?, Cl2 generated t i a s  sti.ept out hj. u continuouslj~ ,flobt.ing 
Nz streuni and suhsequentlJ* determined using a 'tri-iodide trup' ( T = 298 K) 

R UO 2.?'H 2 0 * 
R u O ~ - . Y H ~ O  
IrOz 
P t02  (Adams) 
Pt 
AU 

TiOz 
SiOz 

97-102 
6 
0 
0 
0 
0 
0 
0 

98 
90 
81 
68 
64 
0 
0 
0 

'' Determined using 10 mg of redox catalyst in a HLSOj solution containing Ce" ions (100 ern? 
3.6 x rnol d m r )  and (for 'lo C12 yields only) Cl- ions ( I  rnol dm3) :  T 1 298 K .  

in Clz and "() O2 as a function of [Cl-] arise because reactions 8 and 9 are 
competitive and, as we shall see, the kinetics of reaction 9 are a function of the 
C1- concentration. 

Using a test system comprising Ce'" ions (100 cm3, 3.6 x lo-" mol dm-3) in 
0.5 mol dm-3 H2S04 and C1- ions ( 1  mol dm-')), 10 mg samples of a variety of 
different materials were tested for catalytic activity. The results of this work are 
summarized in Table 6 and it is interesting to note that all of the 'good' Clz 
catalysts are also recognized good conductors. Given this it may at first appear 
surprising to note that both Pt and Au did not generate stoicheiometric yields of 
Clz. However, this is most likely due to rapid oxidation of the Pt and Au, by 
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some, or all (as appears to be the case for Au), of the chlorine generated. From 
Table 6, it also appears that RuO2=.rH20 can, after all, act as an efficient Cl2 
catalyst; no evidence was found to suggest that R u 0 4  was generated uiii 
reaction 7. 

Cl2 yields for all the catalysts, 
including RuO2-.uH20, were determined by continuously sweeping out any C12 
generated in the reaction vessel using a stream of N2 and subsequently passing 
the N2 stream through a 'trap' solution containing a high concentration of 1-  
ions. The amount of Cl2 generated by the catalyst in the test system was then 
determined uia the amount of tri-iodide found in the As a consequence 
of this procedure, the Cl2 concentration in the reaction vessel was always very 
low, thus making unlikely reaction 10 or, for that matter, any slow corrosion 
reaction involving the test 'redox catalyst' and C12. 

It is worth noting at this point that the 

4 The Electrochemical Model of Redox Catalysis 1 8 + 1  

Before examining the observed kinetics for 0 2  and C12 redox catalysis mediated 
by Ru02-yH20*,  it is worth considering the likely implications of the electro- 
chemical model of heterogeneous redox catalysis to either reaction. Both reactions 
8 and 9 can be considered to be examples of a reversible couple (the reduction of 
Ce" ions to Ce"' ions) coupled to a comparatively highly irreversible reaction 
(i.e. the oxidation of water to 0 2 ,  or C1- to (212). For simplicity let us consider 
the kinetics of catalysis for this situation in terms of the general redox reaction 1 ,  
where Oxl/Redl is the reversible couple used to oxidize the irreversible couple 
Red2iOx2. 

If the reduction of Oxl is electrochemically reversible at the redox catalyst 
then the cathodic current, i,, will be related to the applied potential, Eap, by the 
equation 

where E; is the formal redox potential for the OxIiRedl couple and i l . c  and il,a 
are the limiting cathodic and anodic currents which reflect the maximum rates at 
which Oxl and Red,, respectively, can be brought to the surface. Equation 1 1  
assumes that mass transfer coefficients for Oxl and Redl are approximately the 
same and we shall refer to the value of this coefficient as k d .  The limiting cathodic 
and anodic currents can be calculated using the following equations 

and, 
= r?,FkdAca,[Red1] 

where A,,, I s  the effective catalyst surface area and   OX,]^ [Redl] the concentra- 
tions of Ox and Red ,, respectively. 

A. Mills and A .  Cook. Anuh 5 1  ( ~ ~ m h ) .  1987. 112, 1289 'Y  
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Tf the oxidation of Redz is electrochemically irreversible at the redox catalyst 
then the anodic current, i,, will be related to E,, by the equation 

i, = io.z exp ( 1  - x2)rzFq RT (14) 

provided the overpotential, q ,  is sufficiently large and positive and that the 
current-voltage curve lies in the Tafel region. Tn equation 14 i0.z is the exchange 
current, x 2  is the cathodic transfer coefficient, z2  is the number of electrons 
transferred in the rate determining step and, q is the difference between E,, and 
the equilibrium potential for the Ox2iRedz couple, Ez. 

Assuming the Wagner-Traud additivity principle applies,’ when both couples 
are present the redox catalyst particles will adopt a mixture potential (Emlx) at 
which the net current of the system is zero, i.0. 

Under these conditions equation 11 may be written as 

and equation 14 may be rewritten as 

A. Diffusion-controlled Kinetics-Diffusion-controlled kinetics will be observed 
when the mixture potential lies in the plateau region of the cathodic current- 
voltage curve for the Oxl/Redl  redox couple, as illustrated in Figure 6. The rate 
of reduction of Oxl will be proportional to imix which, in turn, will be numerically 
equal to il,c. The relationship between il .c and [Oxl] is given by equation 12, 
where k d  is Doxl /S .  Doxl  is the trace diffusion coefficient of Oxl in the supporting 
electrolyte and 6 is the diffusion layer thickness. This latter parameter is a 
function of the hydrodynamic flow conditions around the redox catalyst and will 
be constant under fixed stirring conditions. A useful indication that the kinetics 
are diffusion-controlled is if the rate of disappearance of [Ox1] is first order with 
respect to [Ox,]. 

From equations 15-1 7 diffusion-controlled kinetics will be most likely to 
occur if Emix is near to E2 and well away from E l .  This situation will be favoured 
if (a)  the equilibrium potentials of the two couples are well separated, (b) i0.2 is 
large (although reaction 3 must still be irreversible), (c) there is a low 
concentration of Oxl and a high [Oxl]’[Redl] ratio, and (d) the concentration 
Redz is high. 

B. Partly Diffusion-controlled Kinetics.--This type of kinetics will be observed 
when Emix is typically 5--75 mV less than E l ,  since under such conditions imix 
will be <0.9 x il .c. The rate of reduction of Oxl under such conditions will be 

299 



Heterogeneous Redo.\- Ccitcilj.sts for. O.\-jgcvi arid Cliloriiie Ecolution 

c: 
72 
0 
C 
OJ 

.- 

' c  

0 
D 
0 

.- 

5 
0 

I br 

I 

1 O x ,  + n,e- -+ Red,  
l i m x  

1 
l 
c 

Figure 6 
couple (cathodic reaction. curve N )  and the irreivrsihl(~ Osz/  Rrdz couple (anodic reaction. 
curix) h) .  ii,iien there is CI largr rl~ffi~renc,e in equilihriuni porcntials and, as CI re.rult, Emi, lies in 
the plateau region o f  curw N 

Schematic illu.srrurion of'the current td t r ige cww.s,fiw the rcwrsihle O.vl /Red,  

described by equations 15-17. A schematic illustration of this situation is 
given in Figure 7. A useful indication of this type of kinetics is if the rate of 
reduction of Oxl is not simply first order with respect to [Ox,] and decreases as 
[Redl] is increased. Such kinetics will often be expected if El  is close to E l .  

5 The Kinetics of O2 and C12 Catalysis 
Despite the number and variety of reported examples of 0 2  catalysts (see Table 
2) there has been little attempt to study the kinetics of O2 catalysis in any real 
detail, until the recent advent of a reproducible O2 c a t a l y ~ t , ' ~ ~ ' ~  in the form of 
Ru02-j'H20*. The same is also true for C12 catalysts. One reason for this may 
have been the notorious irreproducibility7 l S  of such catalysts before the 
introduction of Ru02 . j ,H20* .  Another unredeeming feature of such work, which 
makes it initially appear unattractive and possibly complex, is the quite unusual 
situation of attempting accurate rate measurements of, say, the disappearance of 
the oxidizing agent in a dispersion of the catalyst. In practice, however, there are 
few difficulties, although care must be taken to thoroughly degrease all glass- 
ware prior to its use and it is useful to be able to disperse the catalyst using 
ultrasound. 

We have recently carried out detailed studies of the kinetics of both reaction 8 
and reaction 9 using Ru02. j~H20" powder as the redox catalyst and Ce'" ions as 
the o ~ i d a n t . " * ~ ~ . ~ ~  A schematic diagram of the experimental arrangement used is 
illustrated in Figure 8. As indicated in Figure 8 the kinetics of either redox- 
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Figure 8 
ions vs time decay curres.fOr both O2 and Clz catalj*sis 

Schematic illustration qf the sj~stem used to rwotiitor the absorbance due to Ce” 

catalysed reaction 8 or 9 were studied by monitoring spectrophotometrically the 
decrease in the concentration of Ce” ions as a function of time. In a typical 
experiment 175 pg of Ru02-yH20* were dispersed in a solution (2.5 cm3) 
containing 0.5 mol dm-3 HzS04 (+  2 mol dm-3 NaCl for C12 catalysis) which 
was contained in a 1 cm quartz cell. This dispersion was stirred continuously at 
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1 000 r.p.m. After 30 min, 90 mm3 of a Ce" solution (usually 0.1 rnol dm-3) were 
injected into the dispersion and the subsequent disappearance of the absorbance 
due to Ce" ions (initial concentration after mixing 0.0036 mol drnp3) was 
monitored spectrophotometrically at 430 nm ( E  = 290 mol-' dm3 cm-') or, for 
low concentrations of Ce" ions, 320 nm ( E  = 5 580 mol-' d m 3  cm-I). 

A. O2 Catalysis in H2SO4."--Using R U O ~ * J ~ H ~ O *  as the redox catalyst, the 
experimental system illustrated in Figure 8, and reaction conditions similar to 
those described in the previous paragraph, the kinetics of Ce" reduction were 
found not to be simple first order and the rate appeared to decrease with 
increasing Ce'" ion concentration. This inhibitory effect exhibited by Ce"' ions on 
the kinetics of reaction 8 was observed most clearly in a series of experiments in 
which 100 mm3 of a 0.1 mol dm-3 Ce'" solution were injected into 2.8 cm3 of a 
0.5 mol dm-3 HzS04 solution containing different concentrations of Ce"' ions, 
but always a fresh catalyst dispersion; after mixing (w. 3 s) the initial Ce" ion 
concentration ([Ce"']o) was 3.45 x rnol dm-3. Figure 9a illustrates the 
variation of [Ce4+] as a function of time for a number of different initial 
CelviCell' concentration ratios. As predicted by the electrochemical model this 
inhibitory effect of Ce"' ions becomes less pronounced as the initial [Ce"'] is 
decreased. Thus for a [Ce"+lo = 3.45 x 10 ' mol dm-3 the decay curves 
recorded for a series of different [Ce"'lo,'[Ce3'lo ratios were very similar, as 
illustrated in Figure 9b. Considering the results of this initial study in the light of 
our electrochemical model of the system i t  would appear that the kinetics of 
reaction 8 are very near to diffusion-controlled at low Ce" concentrations, i.e. 
d3.45 x 10 ' mol dm ', and partly diffusion-controlled at high Ce" concentra- 
tions, i.c.. 23.45 x mol dm-3. 

(i) Kinetics at Loit. Ce" Conwntrutions. A study of the kinetics of reaction 8 was 
carried out  using an initial [Ce4+] and [Ce3+] of 3.45 x mol dm-3 and 0 
rnol dmP3, respectively." The decay of the injected Ce" ions obeyed first-order 
kinetics at least over the first half-life and provided a first-order diffusion- 
controlled rate constant, k,. As noted previously from equation 12 of the 
electrochemical model, for a diffusion-controlled reaction the rate and therefore 
k,, should be first order with respect to [Ce4+]. In addition, from the 
electrochemical model the observed first-order rate constant, k,, should depend 
directly upon the catalyst concentration, since k ,  = kdAca, and [catalyst] rx A..,. 
In order to test this, k ,  was determined as a function of [catalyst] over the range 
0.02-0.2 g dm-3. A plot of log (km/sP1) us. log([catalyst]/(g dmP3)i produced a 
good straight line (number of points ( n )  = 6; correlation coefficient ( r )  = 0.9981 1 
with a gradient (m)  = 1.14 0.08. The near unity value of the gradient appears 
to confirm the prediction made by the model. 

In another set of experiments using these dilute Ce" solutions, k ,  was 
determined as a function of temperature over the range 20--70 "C. An Arrhenius 
plot of the results gave a good straight line and an activation energy of 
17.2 Ifr 0.1 kJ mol-I. The experimentally determined value of the activation 
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und the initial Ce'v/Ce'l' concentration ratios w'ere (i) 1 : 0 (.fusresl), (ii) 1 : 1, (iii) 1 : 2, (iv) 1 : 3, 
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Ohser-ced curiution of"Ce"'] us uJunction of time in tr,hich: ( u )  the initial [Ce"'] 
mol dm-3 andthe initial CeIv/Ce"' concentration ratios t i w e  (i) 1 : 0, (ii) 1 : 1, (111 

1 :2, (iv) 1 : 3 ,  und (v)  1 : 10, respcctiueljq, and ( h )  the initial [Ce"'] = 3.45 x mol dm- "'3 
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reaction compares very well with that expected ".'' for a diffusion-controlled 
reaction, i.e. 15--19 kJ mol-'. and provides further support for the suggestion 
that at concentrations of Ce" < 3.45 x lops mol dm-3 the kinetics of reaction 8 
are diffusion-controlled. 

As noted above the first-order rate constant, km, is equal to kdAcat where k d  is 
its heterogeneous counterpart, the mass transfer coefficient. Since k ,  is a 
measurable quantity and the surface area of the redox catalyst used in this study 
is also known (87 m' g-', determined using a BET technique), i t  follows that a 
value for k d  can be calculated. From the results of our kinetic study of reaction 8 
at low Ce'" concentrations k d  was estimated as 4.4 x cm s - ' .  We shall use 
this value of kd later on in the article (see Section 5Aiii). 

(ii) Kinetics at High Ce" Conc.riztrc~tiorz.c.' The rate of reduction of Ce" ions ria 
reaction 8 observed at high initial concentration of Ce" ions (3.45 x lop3 mol 
drnp3) appeared to decrease as the initial concentration of Ce"' ions was in- 
creased, see Figure 9a. As suggested earlier, this trend is expected if the kinetics 
are partly diffusion-controlled and described by equations 15- 17 of the electro- 
chemical model. 

For any decay trace the rate of reduction of the Ce" ions, at any time t, is I . ( [ )  

(units: mol cmP3 s-I), where r ( t )  = d[Ce4+],/dt. This rate is related directly to i,,, 
by the expression 

t j t )  = i,,, F (18) 

Since we are dealing with a heterogeneous system it is more appropriate to 
discuss the kinetics in terms the rate of a chemical surface reaction {i.e. R m i X ( t ) j ,  
which has units of mol cm-2 s-'. This heterogeneous rate is related to i,,, and r(t) 
as follows: 

R m , x ( / )  = [mix! F.~L.II  = I . ( t ) i A c a t  (19) 

In our work on the kinetics of reaction 8 both the initial concentrations of Ce" 
and Ce"' ions are known. Thus, by monitoring the disappearance of the Ce" ions 
as a function of time, we can obtain both [Ce"'], and [Ce3+], at any time, t. 
From r(t) ,  the derivative of the [Ce4'] rs. time curve at time t we can also 
determine i,,,., and Rmlx ( t ) ,  cict equations 18 and 19. A knowledge of R,,,(t) then 
allows us to calculate the mixture potentisl at time t (i.~. Em,,.,) at the 
R u 0 2 - ~ ' H 2 0 *  microelectrode particles, using a modified and rearranged version 
of equation 17, i.e. 

Em,,., = Ece + RTIFln j(-Xd[Ce4+], - R,,,,,(/)) (Q  J r )  - X,[Ce"],)) (20) 

provided kd is known. 

F. Wilkinson. 'Chemical Kinetics and Reaction Mechanisms.' Van Nostrand Reinhold. London. 198 1. 
p. 140. 
J .  W. Moore and R .  G. Pearson, 'Kinetics and Mechanism. J .  Wiley. New York, 1981, p. 239. h l  
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In the example of redox catalysis we are considering the redox couple 
Oxz/Red2 is really the 0 2 / H 2 0  couple and equation 14 can be rewritten as fol- 
lows 

i, = i, exp (2.303 x q ‘h )  (21) 

where, i, is the exchange current for the 0 2 / H 2 0  couple on the RuOz-yH20* 
powder particles, h is the Tafel slope and q is the difference between Eap and the 
equilibrium potential for the 0 2 / H 2 0  couple ( E ,  is taken to be 1.23 V us. NHE). 
It  follows that a major prediction of this type of kinetics is that a plot of Em,,., 
1t.P. log fRm,,(t)) should produce a straight line of gradient b and intercept 
- h  x log ( R H ) ,  where 

R, = [ iw exp (-2.303 x E, h)] :FA, , ,  (22) 

For each of the decay curves illustrated in Figure 9a we were able to calculate 
for a variety of different times, t ,  covering the span (>  3 half-lives) of each of the 
decay curves, both Rmix(t) ,  using equation 19 and the derivative, r(r) ,  and Em,,,,, 
using equation 20 and a value for kd of 4.4 x cm s-’. As predicted by the 
electrochemical model, for each decay curve a plot of Em,,., t‘s. log { R m i x ( t ) j  
produced a straight line with a common gradient and intercept; these plots are 
illustrated in Figure 10. A least squares analysis of the data illustrated in Figure 
10, produced the following information: n = 80, r = 0.9968, b = 0.0309 k 0.0005 
V/decade, -b x log (R,,,) = 1.708 k 0.006 V. From the values for the intercept 
and gradient the exchange current density, iW,’ACa,, (units: A cm-*) for the 
oxidation of water on the surface of the RuO2=j~H20* powder particles can be 
calculated as m. (3.45 0.03) x lo-“ A cmP2, using equation 22. At mixture 
potentials < 1.36 V there was evidence to suggest that the Tafel slope h, and 
therefore possibly the mechanism, for water oxidation had changed. As a result, 
the current exchange density calculated above was only a formal quantity and 
the true value may well be considerably smaller. 

The oxidation of water to oxygen at the electrode surface may occur cia the 
‘oxide pathway’,62 i.e. 

S + H 2 0 + S - O H  + H’ + e -  (33 )  

2s-OH - S - 0  + S + H 2 0  (24) 

2-0 - 2s + 0 2  ( 2 5 )  

where S is the surface active site. It can be shown that if reaction 23, 24, or 25 is 
the rate determining step then the Tafel slope will be 120, 30 or 15 mV, 
respectively. Thus, we can interpret our observed Tafel slope of 30.9 mV/decade 
in terms of the ‘oxide pathway’, where reaction 24 is the rate determining step. 

“ J .  O’M. Rockris, J.  Clwni. /‘/i~,s., 1956. 24, 817. 
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Interestingly, a number of electrochemical studies of the oxidation of water to O2 
have been carried out using high defect hydrous ruthenium dioxide anodes,63 a 
material which is likely to have similar electrochemical characteristics to 
RuO2*j>H20*. In most cases the Tafel slope was also found to be 30 mV/decade 
and, coupled with other findings, was invariably interpreted, as we have done, in 
terms of the oxide pathway, with reaction 24 as the rate determining step.64*65 

A series of [Ce4+] decay curves were recorded for a variety of catalyst 
concentrations over the range 0.02-0.2 g dm-3. A plot of E,,,., C.P. log { r ( t )  x V,),  
where V ,  = the volume of solution in the reaction cell, was made for each of the 
decay curves and the resulting collection of straight lines is illustrated in Figure 
11. Using the data in Figure 1 1  a plot of log { ~ ( t )  x Vs)- 1's. log [redox catalyst] 
was made for three different set potentials, i.c. 1.40, 1.38, and 1.36 V cs. NHE. 
The product was three, almost parallel, straight lines with a mean value for the 
gradient of ca. 1.25 & 0.05. This finding supports the electrochemical model 
which predicts that r ( t )  will depend directly upon A,,, and, therefore, directly 
upon [redox catalyst] (see equation 19). 

The activation energy of water oxidation reaction was determined via a set of 

6 3  S. Trasatti and W. E. O'Cirady. Atlr. E k / r o c , h e r n .  E/cc trochmi .  Etzg. 198 1. 12. 180, and references 

64 G. Lodi, E. Sivieri, A. de Rattisti. and S. Trasatti. J .  AppL E/ec~troc~/icnz., 1978. 8. 135. 
" S. Trasatti and G. Lodi. 'Electrodes of Conductive Metallic Oxides,' ed. S. Trasatti. Elsevier. 

therein. 

Amsterdam, 1980, Chapter 10 and references therein. 
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different cutali~st concentrations. From k f i  to right the plots correspond to  a r d o . ~  catuli~st 
c.&c'mtrotion hf: 21.8, 32.7, 49.0, 73.6, 110.3, and 165.5 mg dm-', respectice!,.. In this n.&k 
rhcj  initial [Ce"'] ii'as 3.45 x mol dm-' and the initial Ce'"/Ce"' ratio irtzs 1 : 1 

experiments conducted over the temperature range 20--70 "C using an initial 
Ce" concentration of 3.45 x mol dm-3, a [Ce4+lo/[Ce3+]o ratio of 1 :4  and 
a redox catalyst concentration of 0.08 g dm-3. The Ce'" decay curves recorded at 
each temperature were analysed over three half-lives and used to generate a set of 
Emix.t us. log {Rmix(r ) }  data. At mixture potentials > 1.36 V us. NHE all the Tafel 
plots of this data are straight lines with an approximately common slope (ca. 30.1 
mvidecade). However, at < 1.36 V us. NHE a deviation to a lower Tafel 
slope value is apparent, indicating, possibly, a change of mechanism at these low 
overpotentials. This can be rationalized in terms of the oxide pathway mechanism, 
since, as the potential on the R u 0 2 ~ j ~ H 2 0 *  particles falls, so will the surface 
coverage of S-0 species. Eventually a point may be reached when reaction 25 
becomes rate limiting and, as a result, the Tafel slope will be expected to change 
to 15 m V / d e ~ a d e . ~ ~ * ~ ~  

Arrhenius plots were constructed by taking the rate value from each Tafel plot 
at a series of fixed potentials, 1.40, 1.38, and 1.36 V t ' s .  NHE, respectively. From 
the gradients of the three approximately parallel straight lines a mean activation 
energy for the oxidation of water to 0 2  on the surface of the R u O 2 - j ~ H 2 0 *  
particles was calculated to be 52 8 kJ mol-*. This value for the activation 
energy compares favourably with the value of 50.4 kJ mol-', determined 
previously by another in a macroelectrode study of the oxidation of 
water using a hydrous ruthenium dioxide anode. 
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( i i i )  Sirmlation of the Ce" Dwcijy CUI'GVS. ' * . '  The pertinence of the electro- 
chemical model used here, its assumptions, mathematical description, and the 
accuracy of our analysis based upon the model are best assessed by the solution 
and integration of equations 20 and 21 in conjunction with our estimated values 
for the constants involved; these constants include: R, = 2.69 x equiv. 
cmsz ss'. h = 30 mVidecade (both calculated from the data in Figure 10, for Em,,  
values > 1.36 V 1's. NHE) and kd = 4 x los4 cm s'. Using Newton's method 
and the combination of equations of 20 and 21 it  can be shown that for any 
known values of [Ce4+lo and [Ce"+lo the mixture potential on the particle can 
be determined, Em,,, which, in turn, can be used to calculate imix using equation 
21." Provided the initial concentrations of Ce" and Ce"' ions are known, this 
routine coupled to a variable step version of Euler's method may be combined to 
regenerate any of the observed [Ce4+] c's. time decay curves and used to predict 
the shapes of decay traces under very different reaction conditions. A detailed 
description of the procedure has been given in a previous paper. ' * 

Figures 12a and 12b illustrate reconstructed versions of the decay curves given 
in Figures 9a and 9b, respectively. The fit to the experimentally determined decay 
curves at [Ce4+lo = 3.45 x los3 rnol dm is very good but at [Ce4+l0 = 
3.45 x los5 mol dm-3 the experimental curves are marginally, but consistently, 

faster than the simulated curves. There is evidence to suggest that this may be 
due to the non-steady state process of catalyst charging, which occurs when the 
Ce" ions and the catalyst are first mixed. It can be shown l 7  that this process will 
only make a significant contribution to the observed decay of the Ce'" ions when 
their concentration is very low, i.e. d 3.45 x lo-' mol dm-3. 

B. 0 2  Catalysis in HC104.'6-From our interpretation of the kinetics of reaction 8 
using the electrochemical model it appears that in 0.5 rnol dm H 2 S 0 4  and high 
concentrations ofCeIv ions the current-voltage curves are not well separated and the 
rate of reduction of Ce" ions is partly diffusion-controlled. However, at low 
concentrations of Ce" ions in the same acid medium the kinetics appear close to 
diffusion-controlled and this result suggests that if the separation between the 
equilibrium potentials of the Ce'v/Celll and O z / H 2 0  couples could be increased in 
some way, by 50-100 mV say, then the kinetics at high Ce" concentrations should 
become wholly diffusion-controlled. Now, although the formal redox potential 
(which provides a measure of the equilibrium potential) of the Celv/Celll couple is 
1.44 V cs. NHE in 0.5 rnol dm-3 H2S04,  it is 1.70 V cs. NHE in 2 rnol dm-3 HC1O4. 
Thus an increased separation in equilibrium potentials can be achieved by carrying 
out the reaction in a medium containing 1 mol dm-3 HC104and little (or no) HzS04. 

In practice it was found to be easier to work with an acid medium which was 
predominantly HC1o4, i.e. 1 mol dm-3 HC1O4 + 3.5 x lop2 rnol dmP3 HzS04. 
In this medium the formal potential of the Celv/Celll couple was measured as 1.58 
V us. NHE, 140 mV more positive than that in 0.5 mol dm-3 H 2 S 0 4 .  As 
indicated by the results contained in Table 7, Ru02*yHzO* is able to mediate the 
stoicheiometric oxidation of water to O2 by Ce" ions in this predominantly 
HC104 medium and exhibits no evidence of anodic corrosion. 
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Acid Meriiuni ( )< ,  Or Yirltl ,, Corr.0 \ lo t i  

0.5 mol dm-3 H 2 S 0 4  Yl 0 

3.5 x mol dm-3 H2SO4 91 0 
1 rnol dm HCIOa + 

In one set of experiments the initial concentration of Ce'" ions was system- 
atically varied over the range 3.5 x lop3 to 3.9 x mol dm-3 and for each 
recorded decay trace case the first-order plot gave an  excellent straight line ( r  3 
0.9999)! From this work an  average value for k ,  was determined as 4.8 x 
s-'. Further kinetic studies established that k ,  was proportional to the catalyst 
concentration and independent of the initial concentration of Ce"' ions. From the 
measured variation of k, with temperature, in 1 mol dm 
mol dm-3 H2S04 ,  the activation energy for reaction 8 was determined as 22 kJ 
mol-'. All these results are as  predicted by equation 12 of the electrochemical 
model and indicate that the reduction of Ce'" ions viu reaction 8 in 1 mol dm-3 
HC1O4 + 3.5 x 

HC104 + 3.5 x 

mol dm-3 H2S04  are diffusion-controlled. 

C. Kinetics of Cl2 CataIysks2 -As  noted earlier and illustrated in Figure 5, when 
Ru02* j?H20*  is used as the redox catalyst for reaction 9, the yield of Cll 
evolved increases as the C1- ion concentration is increased. At C1- concentrations 
>0.2 rnol dm stoicheiometric amounts of C12 are generated. Thus, in order to 
ensure that in our kinetic study the reduction of Ce" ions was due to reaction 9. 
rather than reaction 8, the concentration of C1- ions used was always 2 mol 
dm-3, unless stated otherwise. 

The kinetics for the reduction of Ce" ions cici reaction 9 were studied as a 
function of initial Ce" concentration over the range 3.6 x 1OP3-3.6 x mol 
drnp3. In all cases, the observed decay curves, analysed over at least two half-lives, 
produced excellent straight lines (1. 2 0.9997) when plotted out in the form 
In ( A A )  z's. t .  These results indicate that the rate of reduction of Ce" ions in 
reaction 9 is first-order with respect to [Ce"']. 

Further work on the kinetics of Ce'" reduction established that the first-order 
rate constant, k,, was independent of the initial concentration of Ce"' ions and 
directly dependent upon the redox catalyst concentration. In addition k ,  was 
determined as a function of temperature and from the resulting Arrhenius plot of 
the data  an activation energy of 27 +_ 4 kJ mol-' was estimated for reaction 9. 
Taken as a whole the results of the kinetic study indicate that the reduction of 
Ce'" ions is diffusion-controlled, although the experimentally determined value 
for the activation energy was slightly higher than might be expected for a 
diffusion-controlled ' 

We have already noted (see section 5 A )  that for reaction 8, in 0.5 mol dm-3 
H2S04, the kinetics of Ce" reduction are diffusion-controlled only when the 
initial Ce" concentration is low (ix. < 3.45 k rnol dm '), despite the quite 
large separation between the standard redox potentials for the Ce" ICe"' and 
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021H20 redox couples, A E ( O 1 )  = 220 mV, see Table 3. As a result, it might at 
first appear unlikely that the kinetics for reaction 9 would be diffusion-controlled 
at high or low Ce" concentrations, as has been found, given that the reaction 
medium was also 0.5 mol dm-3 H I S 0 4  and therefore AE(C12) was only +90 mV, 
i.e. 130 mV less than AE(02). 

To rationalize our observations we must first consider the current-voltage 
curve for the oxidation of chloride to Clz which, like that of water (see equation 
21), will most likely be best described by a Tafel equation,66 i.e. 

where iO.a is the exchange current for the C12;Cl- couple on the Ru02-~jH20* 
powder particles, h* is the Tafel slope, and q* is the difference between Eap and 
the equilibrium potential for the C12ICI- couple (GI). In contrast with the 
electrochemical oxidation of water to 02, the oxidation of C1- to C12 is classed 
as 'facile' for most electrodes, i.e. insensitive to the fine structure of the electrodes 
surface, and usually associated with an exchange current which is much greater 
than that for water, e.g. for R u 0 2  electrodes65 i0.C) 3 
A cm '. As indicated in section 4.1 a high exchange current density will favour 
diffusion-controlled kinetics since in this situation it is likely that Em,, will be close 
to ECl and well removed from the equilibrium potential of the Ce'"/Ce"' couple, 
15,. Thus, in 0.5 rnol dm-3 H2S04, although the separation of the equilibrium 
potentials for the Ce'",/Ce"' and C12/Cl couples is much less than that for the 
Ce'v/Cel'l and Oz/HzO couples the observation of diffusion-controlled kinetics in 
the former system arises because i0.cl % i,. 

In our study of reaction 9 mediated by R u 0 2 - ~ - H 2 0 *  we examined the effect 
on the rate of Ce" reduction as a function of C1- concentration. Interestingly, for 
low concentrations of Ce" ions, k ,  was found to be independent of C1- 
concentration not only over the [Cl-] range 2-0.2 rnol dmP3, where C12 is the 
sole gaseous product, but also over the [Cl-] range 0.2-0.01 rnol dm-3 where 
the ",) Clz yield drops to O",, and the O o  0 2  yield rises to l00"(). Thus it appears 
that the rate of reduction of Ce" ions is, in the case of water and C1- oxidation, 
indepndent of the product (i.e. 0 2  and Clz) being formed. This is as predicted by 
the electrochemical model since we have established that under the reaction 
conditions employed both reactions 8 and 9 are diffusion-controlled and, 
therefore, the mixture current will be equal to z',.c (equation 12, where [Ox,] = 
[Ce"' 1) and independent of C1- concentration. As a result, the mixture current 
may be expressed as 

A cm-I and i, < 

i,,, = ic1, + io2 = constant (27) 

If 8 is the order that depends upon [Cl-1, then we can expect the "(, Clz 

h h  W. J. Albery. P. N .  Bartlett. and  A. J. McMahon  in 'Photogeneration of Hydrogen.' rd. A. Harr tman 
and  M.  A. West. Academic Press. London.  1982. p. 85. 
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yield observed for a chloride concentration, [Cl-] to be given by the expression 

where K is a proportionality constant. This expression simplifies significantly if  
we make the assumption that the two Tafel slopes, h* and h, are similar, i.e. 
h* ‘c h. This assumption is not too unlikely given that we have established h = 

30 mV, and work on R u O z  based electrodes has established6’ that h* is usually 
also 30 mV. Using this assumption we can simplify equation 28 to 

I ‘‘>cl Clz yield = 0.01 + jZexp (h[q  - q*]))/[C1-Ie (29) 

where, Z is 0.01 x iw/K.  The term [q - q*] is the difference between the 
equilibrium potentials of the two redox couples and, therefore, is a constant. A 
plot of the data illustrated in Figure 5 in the form of l,‘)/,) Clz yield PS. [Cl-l-’ 
is illustrated in Figure 13 and is a good straight line ( I ’  = 0.9988). These results 
suggest that io.cl depends upon the square of the chloride ion concentration, i.0. 
0 = 2. 

to Clz proposed 
most often are (a) the Volmer-Tafel mechanism with two steps: the Volmer 
reaction 

The two mechanisms for the electrochemical oxidation of C1 

and the Tafel reaction 
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Prcpurtitiori 
Reduction of R u 0 4  by the polybrene 
Reduction of Ru04 by HzOz 

Reduction of Ru04 riu gamma radiolysis 
Reduction of RuOi by HzOz 
Reduction of hydrated R u 0 4  by the protecting 
agent and water 
Reduction of RuOZ ~ by water and, possibly, SDS 
Reduction of RuOi- by water and, possibly, PVP 
Reduction of R u 0 4  by water onto colloidal Ti02 

Pro t cct  itig AgFcvi t 

Polybrene 
Styrene maleic 
anhydride co-polymer 
None 
None 
Styrene, maleic 
anhydride co-polymer 
SDS 
PVP 
- 

Rqf 
2 I ,22 
23 

23 
26 
28.35 

34 
34 
39 

Polybrene = 1.5-dirnethyl-1.5-diazaundecamethylene polymethobromide. hexadimethrine bromide. 
SDS = sodium dodecyl sulphate. PVP = poly(viny1 pyridine) 

and (b) the Volmer-Heyrovsky mechanism, comprising the Volmer reaction 30 
and the Heyrovsky reaction 

CI- + Clad+C12 + e -  (32) 

I t  can be calculated that in our work the current density flowing through the 
Ru02*!'H20* particles is low, typically <0.025 mA cm-2, In both the above 
reaction mechanisms the current would be expected to be second order with 
respect to the C1- concentration at low current densities if the second steps 
(reactions 31 and 32) were rata-determining. However, it should be noted that 
under such conditions the Tafel slopes for the two mechanisms would be 
different, i.e. 29.6 and 39.5 mV, respectively. As indicated previously, in most 
studies using Ru02-based macroelectrodes h* is usually found66 to be 30 mV 
and interpreted in terms of the Volmer-Tafel mechanism. The results of our 
kinetic study of reaction 9 mediated by Ru02. j -H20* appear entirely consistent 
with those predicted using an electrochemical model of redox catalysis, in which 
the oxidation of C1- to Cl2 occurs tlia a Volmer-Tafel mechanism (reactions 30 
and 31) with reaction 31 as the slowest of the two steps. 

6 Colloidal Catalysts 
I n  the search for faster-acting O2 catalysts a number of research groups have 
reported the preparation of different colloids of hydrated ruthenium(1v) oxide 
and their application as O2 catalysts (see Tables 2 and 8). To our knowledge, 
however, no colloidal C12 catalysts have been reported. In general, most of the 
colloids of hydrated ruthenium(1v) oxide have been poorly characterized with the 
consequence that little is known about the degree of hydration of the ruth- 
enium(1v) oxide. This is unfortunate given its proven relevance to corrosion 
stability and catalytic activity (see Figure 4) . l4 , I5  

Unlike powder dispersions, colloids of hydrated ruthenium(1v) oxide are 
usually optically clear. As a result, the kinetics of 0 2  catalysis by such colloids 
are more easily studied using spectrophotometric techniques than those for 
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powders. However, surprisingly few detailed kinetic studies have been carried 
out. In addition, when colloids of hydrated ruthenium(1v) oxide have been used 
as 0 2  catalysts there has often been no attempt to look for and quantify the 
degree of anodic corrosion undergone by the catalyst, despite its relevance in 
assessing catalyst stability. In  the few examples in which the Y o  corrosion was 
m e a ~ u r e d , ~ ' . ~ ~  usually using Ce" ions as the oxidant, it was found to be 
significant, i . ~ .  27---40",,. Indeed, for some colloids at least, it appears that even 
the mild oxidant Ru(bpy)$+ IS able to corrode hydrated ruthenium(1v) oxide to 

Gratzel and his co-workers 39 have carried out a study of the kinetics of water 
oxidation by photochemically generated Ru(bpy)\' mediated by hydrated ruth- 
enium(iv) oxide deposited onto colloidal particles of T i 0 2 .  The kinetics were 
monitored spectrophotometrically, ria the decrease in absorbance due to the 
photogenerated Ru(bpy)$ + species, and conductiometrically via the increase in 
solution conductance due to the generation of protons through the oxidation of 
water. The decay of the Ru(bpy)$' absorbance and the increase in conductivity 
were always found to occur concomitantly and with the correct stoicheiometry 
expected for the oxidation of water by Ru(bpy)$+. These findings have been taken 
as direct evidence of an electrochemical mechanism for the oxidation of water, 
since it is expected from this model that the transfer of positive charge Ru(bpy)$ ' 
to the ruthenium(1v) oxide particle and the release of a proton from water would 
be simultaneous events. However, it appears that in these experiments the 
workers involved did not actually monitor the evolution of oxygen either as a 
function of time or at the end of reaction and this may be a significant omission 
(ride inra). The kinetics were fitted to a first order decay for Ru(bpy)$' and were 
near to diffusion-contolled. However, the effect of pH and catalyst concentration 
on the first-order rate constant were found not to be simple or easily rationalized. 

Harriman and his co-workers 2 3  have employed both colloidal hydrated 
ruthenium(1v) oxide (prepared chemically and using gamma radiolysis) and 
manganese(1v) oxide (prepared using gamma radiolysis) as O2 catalysts. In 
testing these catalysts, both photochemically generated Ru(  bpy)$ + and Ce" ions 
were used as the oxidant. Colloidal MnO2 appeared to be a poor 0 2  catalyst. 
They found that the hydrated ruthenium(rv) oxide colloids could catalyse the 
oxidation of water by Ru(bpy)$+ or Ce" ions. However, with both oxidants, 
corrosion was observed and appeared particularly serious ( y o  corrosion = 23.4- 
40.2"/,) when Ce" ions were used. The kinetics of Ce'" reduction ( ~ i a  0 2  

catalysis, reaction 8, and corrosion, reaction 7) were briefly examined and the 
first-order rate constant appeared to depend directly upon the catalyst concentra- 
tion. 

Minero and his co-workers 2 2  have used a colloid of hydrated ruthenium(1v) 
oxide protected by polybrene and a colloid of Ti02/hydrated ruthenium(1v) 
oxide as O2 catalysts in the oxidation of water by Ce" and Ru(bpy)2' ions. The 
colloid of Ti02/hydrated ruthenium(1v) oxide is very similar to that used by 
Gratzel et al. in his flash conductiometric study. As in the latter kinetic study, 
Minero et a/. used Ru(bpy)$+ as the oxidant and found its decay to be first-order 

~ ~ 0 ~ . 2 3 , 2 6  
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over three half-lives. Not surprisingly, the observed variation of the first-order 
rate constant (k , )  with pH and catalyst concentration was similar to that 
reported by Griitzel and his c o - w o r k e r ~ . ~ ~  Interestingly, the variation of k ,  with 
pH is very similar with and without the catalyst although the rate of the former 
reaction appears to be several hundred times greater. 

It is appropriate at this point to identify a clear but often unstated danger 
associated with the interpretation of results arising from kinetic studies of 
reactions mediated by colloidal catalysts. Examples of such reactions will include: 
the oxidation of water to 02% the oxidation of brine to C12 by strong oxidants 
such as Ce" or Ru(bpy):+ ions, and the reduction of water to hydrogen by 
strong reducing agents such as reduced methyl viologen. Clearly any mechanistic 
interpretation of the results following a kinetic study of such reactions may be 
badly flawed if it has not been proved that the appropriate gas is liberated in 
stoicheiometric proportions concomitant with the reduction of the oxidant, or 
oxidation of the reductant. Unfortunately, due to the limited response time of 
most gas analysis systems, it  is often impossible to monitor the evolution of gas 
on the same time-scale as the colloidal kinetics. Under such circumstances the 
best that can be achieved is usually to ensure that gas evolution is quantitative 
under the conditions used in the kinetic study. 

This problem with colloid kinetics has been well illustrated by the work of 
Albery and his co-workers in their investigation of the reduction of water by 
MV+'. They have had to modify their initial mechanistic interpretationh6 of the 
kinetics of MV" oxidation upon discovering that a significant contribution to 
the decay of the MV+'  was provided by the reduction of oxide on the surface of 
their Pt colloidal catalysts rather than water reduction." In the case of water 
oxidation, before any mechanistic interpretation can be made of the results of a 
kinetic study of O2 catalysis the question must be asked: are the observed 
kinetics solely due to water oxidation, rather than the oxidation of (i) a trace 
impurity in the solvent, ( i i )  a species other than water associated with the colloid 
( e g .  the supporting agent, or the catalyst itself) and/or (iii) the oxidant. Although 
the latter suggestion (iii) will not apply to Ce" ions, it is well known that 
Ru(bpy)!+ ions are unstable at all pHs, and susceptible to, amongst other 
 thing^,^".^^ a 'deep disintegration' reaction 2 6 . 3 0  involving only a bpy ligand, i.e. 

CloHsN2(bpy) + 20H20 - 48e- --+ locoz + N2 + 48H+ (33) 

This reaction appears to be efficient at both high and low pHs. From equation 33 
the complete deep disintegration of only 1 molecule of Ru(bpy)j+ would require 
150 molecules of Ru(bpy):+. Unfortunately, when using Ru(bpy)$+ as the oxi- 
dant, conductance measurements may not clearly identify water oxidation since 
protons are also liberated by this well established 'deep disintegration' reaction.33 

In a kinetic study Minero and his group22 used a colloid of hydrated 
ruthenium(1v) oxide supported by polybrene to mediate reaction 8 under 

'- W. J .  Albery. P. N .  Rartlett. and A.  J .  McMahon.  J .  EIc~crrocirirrl. Chrin.. 1985, 182, 7 
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Figure 14 in 0.1 mol dm H2S04,  
mediated 6,. a colloid of’ i i~~lrci tcd ruthenium(~v) o.\-irk (0.001 25 g dm- ’), supported by 
polybrene (0.000 63 g dmZ3). Tlw riwu?. of’ the Ce” ions ( c u r r ~  n)  ~‘u.s nionitorcd 
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(curcr h )  \ t u s  nionitored polurogruphicully using (in 02-M PD. The niri.uimum change in 
current [Ai(02-MPD)] obserwd c.orrc.spotiLi~~ci t o  a 20”,, 0 2  ?.iolcl 

conditions in which they believed ‘dioxygen evolution should be the predominant 
pathway’, i.e. [Ce4+] = 2-5 x mol dmP3, [catalyst] = 0.0005-0.02 g 
dm-3, polybrene 0.015 g dm-3, and H2S04 0.09 mol dmP3 at 25 “C. The decay of 
the Ce’” ions was found to be first order and k,  was found to be directly 
dependent upon [catalyst]. We have since repeated this work2’ and confirmed 
the kinetic observations. However, using an oxygen membrane polarographic 
detector (02-MPD) to monitor any dissolved 0 2  generated under the same 
conditions as the kinetic study we were uncthle to observe anj‘ 02. We believe, 
therefore, that the kinetics reported by Minero et al.22 and repeated by ourselves 
were not associated with the oxidation of water, but, rather the oxidation of the 
polybrene. In support of this latter suggestion, when the polybrene concentration 
was dropped from the constant value of 0.015 g dm-3, independent of the colloid 
concentration, to a value which was always approximately half the catalyst 
concentration, ”/, O2 yields of 20% were observed as illustrated in Figure 14. On 
scaling up by a factor of 70 the system used to generate the results in Figure 14, 
in order to determine the 9;, corrosion, it was found that the 96 corrosion was 
only 27”/, and the 0;: O2 yield had increased to  73”/;;! As yet the reasons for the 
change in 

Osidation of ituter to 0 2  h?. Ce” ions (4.5 x 

yield remain unclear and a cause for concern. 
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