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SUMMARY

A detailed study is made; by a sensitive flow method,
of the changes in catalytic efficiency which occur with time
during the decomposition of aqueous H202 by Cu20 and CoO.

The results form the basis of a discussion of this process.

-

The experimental technique consists in passing a
constant flow of pure, stabiliser-free H202 over the catalyst
and measuring the variations in heat liberated during the
decomposition of the H,0, by a two-thermistor system immersed
in a thermostatted water bath. The system allows temperature

differences of + 0.001°C to be rapidly measured.

The cetalysts which are prepared by the alternate
cxidation and reduction of 20 gauge ‘specpure' metal wire
are used in the form of a shallow bed of 5 mm. diameter rings
which permits free release of evolved 020 Excellent repro-
ducibility is obtained.

The above technique ig employed in a detailed examina-
tion of the Cu.g()/Hzo2 gystem with variations of [hZOé] s DH,
ionic strength,; temperature snd involving observation of the
extent of catalyst dissolution. The results show that on
exposure ot Cu20 to 3202 e definite sequence of efficiency

changes takes place viz:-

(a) a rapid increase to a peak efficiency

(b) a relatively slow decline to a minimum efficiency
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(c) a slow recovery to a final steady value.

Two successive processes are postulated to describe
the above efficiency behaviour, i.e.
(1) a surface process rapidly growing in rate - (a) -

then being poisoned - (b).

(ii) a slower bulk solid process causing a partial

restoration of catalytic efficiency as in (c)

To explain the surface process (i) a mechanism is
proposed in which catalysis takes place at surface anchored
radicals Oé and 0. These radicals are envisaged as mainly
created by the H202 although some will be present on any p-
type semiconducting surface which hes been exposed to oxygen.
At the same time there begins a poisoning process which is
slower than catalysis and is explained as a dual site conver-
gsion of the radical ions (Oé and 0°) to stable ions (HOé or
OH" ). This poisoning does not go +to completion because of

a dual site recovery in which the active radicals are again

produced thus providing the possibility of a surface equili-

brium.
The reaction scheme is summarised as follows:-
| 3
Catalysis ?' + H,0, = ?2 + H,0 (3)
|I Il (4)
(ljz + H202 = ? + H?_o + 02
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: > E o

Decline + p + 0 (5)

,  E "’ 2
2
Equilibrium : ,
reaction OH(surface) ¥ H202‘5> o2H(surface) + Hy0  (6)

H’ : (

Recove = + H,0 7)

ry 2H’ [ 4 2

Application of the steady state treatment to the minimum

- efficiency condition and a limited interpretation of the
efficiency decline curves on the basis of the above mechanism
allows a kinetic examination from which the overall rate of

decomposition at the minimum is given by

koK
e

_1+K[H202] i 1+ X

which simplifies to

Rate =

Rate = A + —2—r at high [H,0
B0 272
20]
and Rate = D . [3202] at low |Hy0,

These equations fit in exectly with experimental
results. Comparison of the constants with experiment

together with information drawn from the efficiency changes
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with time permit evaluation of the constants k7, K and
k
4
the group w— e
k
5
The recovery process is shown to have the character-
istics of a recrystallisation , annealing or solid diffusion
process and the kinetics of the chaiage are shown to fall in

with this classification.

E.m.f. measurements under identicsl experimenteal
conditions indicate potential variations similar in form to
those taking place in the efficiency of the catalyst.
Interpretation of these results is used to sustain the surface

mechanism proposed for the efficiency measurements.

Shorter investigations of the systems H202 and two
other p-type oxides NiO and CoC are slso described. Under
the experimental conditions used for examination of %he
Cu20/H202 gystem, NiO dces not exhinit catalytic activity
but the results for the Co0 system suggest that 3 similar
surface process controls catalysis on CoQ0 and therefore
possibly on all p~type semiconducting metal oxides. The
final slow recovery in efficiency, =0 prominent in Cu20, does

not occur in Co0 under the experimental conditions used.

A detailed examination of the equilibrium reaction
(6), on a different type of surface, is also described.
Measurement of the exchange between the OH form of an anion
exchange resin and H202 at low [hZOé] i3 possible without

appreciable interference from catalytic decomposition. The



results show that the exchange is rapid, strongly favouring

the HO, rather than OH.

2
In addition the results obtained from a brief study

of the catalytic properties of the OH form of the anion

exchange resin for the decomposition of H202 are given and

a tentative reaction mechanism suggested.

The results with the resin, though of relatively
narrow scope, give support to the general picture of H202

decomposition at solid surfaces derived from the oxide work.



FORM  OF THESIS

The thesis deals with the catalytic effect of semi-
conducting metal oxides on the decomposition of aqueous H202.
The major poxrtion concerns & very detailed examination of
the heterogeneous catalytic system Cu20/H202 together with a
less full account of results obtained from NiO/H,0, and
CoO/H202. The main purpose of the inclusion of the latter
two systems was to test the general applicability of the

conclusions reached for the Cu?O/H202 system.

In the introduction the historical background
asgociated with homogeneous and heterogeneous catalysis of
H202 in solution is reviewed. Attention is directed to the
rather ill-defined treatment of metal oxides as 1,0, catalysts
and also to the bearing of the modern views on the bulk and
surface structure of oxides on their cetalytic properties in
general. A brief account is given of oxides as nonstoilchio-
metric compounds and semiconductors. The experimental
section describes the apparatus, technique and materials used
for the investigation of the oxide systems but the resultis
section deals only with the Cu20/H202 system. The discussion
is composed of an exhaustive treatment of the 0“20/H2°2 system
culminating in the results obtained from NiO/H202 and CoO/H202

end their relation to the Cu,0/H,0, system.

The thesis ends with a small but important section

on the catalytic effect of the hydroxide form of an anion
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exchange resin for the deccomposition of aqueous H202, Thia
work which was suggested by the results cbtained from the
oxide systems examinec an important aaspect of the mechanism
proposed for oxide catalysts and includes a mechanisn
proposed for the resin/H202 decompogition. It elso enables
a conclusion to be drawn ccncerning the relation between

oxides and the enzyme catalase as catalysts for H,0,.
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INTRODUCT I ON

1. General

The elucidation of the physical and chemicsl
properties of H202 bhas stimulated the interest of s great
number ¢f investigators since 1818 when Louis-Jacgues

Thenard1

reported the discovery and preparation of the first
“oxygenated acid". Such 1ia the practical importance of
H202 €.8-

(1) an oxidising agent

(2) & mource of energy

(3) = sourece of free radicals

{(4) & parent compound focr the production of crgenic

and inorganic peroxy compounds
that a great desl of effort has been devoted to its study.

For the present discussion the most important sspect
in the development of %he chemistry of H,0, has been that

asgociated with the kinetics of decomposition.

Thermodynamically H,0p is an unstable molecule with
reference to HE,0 and O,. Data collected by Schumb, Satter-
field and Wentworth® based on work cerried out by Giguére’

on the reaction
" o)
B2% (e) B0(g) * B V(g 2 BC
gives A_ G = =29,39 kcal./mole (log KP = 21.55)
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In practice however the purz compound, free from homogemeous
and hetercgeneous catalysis, is relatively stable since
decomposition must initiglly be associated with the rupture
of either the HO----0H or the H----00H bond. These bonds
do not bresk easily. According to Evans, Hush and uri?
Pygepg 804 DH%--«OZH for the gas phase dissociation is
55.6 keel. snd 102 keal. respeciively. The presence of a
catalyst however allows considerable dscomposition %o take
place under convenient experimental conditions, appearing to
penetrate the high emergy barrier in g series of smell energy

gteps.

The rupture of these bonds and the subsequent
reactions which add up to decomposition of 3202 have been
gtudied in the solution and vapour phase and in the presence
of homogenecus and heterogenecous catalysts and ia the photo-
chemically initlated case. The results of, and dipcuzsions
prompted by, these invesilgatione, have yielded important
information not only on H,0, reactions but on the mechenisms

of chemlcal catalysis in general.

2. Eerly Inveetigetione of 1,0, Decomposition.

During the years fo.llowing its discovery Thenard”
published many papers on what he now recognised as oxidised
water. A great deal of hin work was devoted to the prepara-
tion of a pure stable compound snd such were the standards

of his experimental techniques that he produced a stable
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anhydroug compound, a feat unattsinsgble by many later workers

who considered the compound inhsrently unstable.

With such a pure material Thengrd was able %o make
many fundamental observations of the physicel properties of
solutions of H202, but his investigations of its chemical
activity form perhaps his greatest contribution. He examined
the decomposing action on H,0, solutions of many compounds
such as Ag, Ag20, Pt and iron and he was the first tc note
that certain substances decomposed the H202 without under-
going any chemical alterations themselves. Although he
made no suggestions as to the mechanism of guch action he
carried out many detailed observations of this phenomenon
e.g. decomposition by Ag206, end his results provided valueble

information for later workers.

In the years following ''henard's work meny speculia-
tions were advanced as to tae mechanism of his obseived
phenomeng but nc new experimental data was obtained. The
theory most strongly held daring ‘this periocd was that
proposed by Schgnbein7 who postulated the existence of three
forme of oxygen. Two of thaese forms, named ozone and
antozone, were supposed opposite as positive is to negefive
and reaction consisted in the mutual neutralisation of these
two forms producing a third compound and liberating the third

form ~ normsl oxygen.

Between 1850 and 1850 Brodie®?’? publiskhed s series of

papers on the decomposition of H202 by meny oxides such as
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-3

Agzo, wnoz, Ba0, and Cr203¢ He propozed thab
".... the elenent oxyger was formed according
to a molecular law, identicel with that
according to which compound substances are

formed.™

He slsc polnted out that the differences in reaction of many
oxides with H202 couvld not be explained simply in terms of
three formes of oxygen because of the widely different rates
of catalysis obtained with different oxides znd since the
efficiency of each oxide varied according %o its mathoéd of

pPreparation.

in 18467 Bredig1o mnede a congidersblie contxibuticn %e
oxigting knowledge by examining the decomposzition of H202 by
netal seols which he Ireated as honogeneous gyetemm andé which
he oonsiﬁered‘as analogues of eatalzse. Iin hig exrerimenis

with Au he obsexved .-

1. thet the activity dspended on the alkall
concentration

2. that the specific activity increased with
inecrezasing sol concentration

3, thaet the reaction was first order at low [H?Q?].
These results were later confirmed by Teletof | in 1940.

The work of Brodie and Bradig and co-workers
vepresented the first systenatic attempt to understend the

mechanism of decomposition.



Later workers uwsed both honogenecus and heSero-
genecus systems but it was nainly from homogeneous systems
that the firat fruitful results were obtained, resulis which
were later applied with considerable success to the more .

complex heterogeneous gystens.

5. Homogeneous Cetslviic Decompesition of 5902

Meny systems lnvolving the homogeneous decouposition
ot 3202 received sgarly investigsition. Twe maein mechaniatic
appreaches were gensrally adopted %o explain the experimental
reaults, viz:-

1. Catalysis was poatuleted as procesding through the
formation of an active lntermediate which sutsa-
quently decomposed liberating O, anéd regenersting

the catalyst

i , 5 - _— } ‘4, -
ices € + 2 HY, ¢{H,0,),

¢(H,0,), = 0 + HO + 0,

fa

where ' ¢ represents the catalyst and C(HZOZ)? the

active intermediate.
2. The H202 was regarded as alternatively aclting as
an oxidising and reducing agent

i.e. Reduced catalys’ + H,0, = ozidised catelyst
Oxidieed cetalys® ¢+ 1,0, = Treduced catalyet + O,

Although each of these mechanisms setisfied some sspect of

the experimental results neither was able %o give a
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comprehensive explanation of any one systen.

In 1934 Haber and Weiss 1?2 published their classicasl

paper on the homogeneous decomposition of agueous 3202 Bolu-

+ ++

tions by Fe ' and Fe'

salts. This paper following similar
work by Haber and Willstater'® marks one of the most impor-

tant advances in chemical kinetics.

4 4
Por cataelysis by Fe = the proposed mechanism was

Fe'? + 5202 = Pe**t + OH + OH (1)
H0, + OH = HO0 + HO, (2)
H,0, + HO, = 0O + H0 + OH (33
OB ¢+ Pe'' = Fe''' + OF (4)
and for TFe' ' catalysis

> * 1 ¢ &Y
Fe' ' T a4 HO,® = Fe't 4 HO, (6)
8,0, * H0, = EO0 ¢+ OH + O, (3
Pe* 4+ 0B = F o+ oW (4}
o K = Ee (7)

The main festures of this scheme were the postulation
of a radical chain mechanism end the identification of the

redicals as OH and HOZ' Initiation, step (1), involved &

single electron transfer process which was also congidered
applicable to electrochemical and photochemicsl processes.
2 which formed HQO and 02
on reacting again with H202. Reaction with H2O2 propagated

It produced the radicals OFE or HO

a chain reaction and the propegating species were rsproduced



according to (2) and (3) the original Heber-willstater

egquations.

The radical mechanism preposed by Haber and Weiss
gained important confirmation from the work of Baxendsle,
Bvans and Parks'? on the inmitiation of polymerisation
reactions. Previous investigations had shown thet in vinyl
polymerigsation reactions the initiation weaction required the
production of free radicsls. Using the Fe' /E,0, system
Baxendale; Evans and Parks suggested that polymerisation
reactions initiated by 1% depended on the foxrmation of OH

radicals in (1) which they propoeed reacted accordimg to the

schene:—
OB + M =  HO.M = (6)
HO.M— + = HO.(H),- (9)
HO. (M)~ + ¥ =  HO.(M)y, = (10)

where ¥ represents the monomer.

By infra-red analysis of the polymer they were abtle to
identify tho CH aes the inltiating radical and tc relate its

amount $o the polymerisatior kinetics.

Evidence for the oeccurrence of the HO, radical (end
i%s-ionised form 0;) has not been so essy %o obtain in a
direct form but its perticipation seems bsyond doubt in
phactochenically and rediochemically initiated decomposition
of very pure H202 solution. Thue Dainton and Rowbotiom' >
are able to asslign a half-life to the HO, redical in very
pure Hzo2 solution irradiated with ]f -rays.



10,

The original Haber-Weise mechanism for Fe' /Pe' '™
catalysis contained no terms in H' or OH’ implying that the
reaction velocity and chain length were independent of
acidity. The reaction velocity proved tc be pH independent
for Fe'’ but not for Fe'''. It was found, however, that
the chain length for the Fe“/HZO2 reaction was dependent on
acidity. The possibility that the H 0, in equation (2)

2
appeared as the anion Hoz' which reacted according to

H02' + OH = HO2 + OH (2°)

was dismissed Decause this step did not account for the
acidity wvariation. A sexrics of chain breaking mechsnisms

was therefore introduced in addition to equation (4) to

explain the pH dependence I.a.
Fe'~ + HO, = Pe' " » HO,’ (4*)
OB +O0H =  Hy0, (4'")
. * - ) a > I A ]
H02 + HO2 + H = 63 » HZO + H (441*)

From the reaction scheme (5), (6}, (3), (4) and (7) proposed

e+t
for Fe

catalysis, kinetic enaiysie indicated that the rate
was dependent on the [?Zcé'z but experimental results gave
a first order dependence. -.To account for this discrepency
gn additional chain terminating reaction

D ok
Fe

e 23 a
+ HO, = e + 0, + H (11)
was incorporated into the scheme.

Although this work represented s considerable step

forward many experimental details were left unanswered €.g.



the variation of chain length with ". Weisa16 improved

the mechanism with a reaction scheme which combined the

mechanisms relating to Fe'' and Fe''" catalysis 1.6.
re't 4 H,0, = Pet™ + OB° + OH (1)
H,0, + HO, = B0 +0H + 0, (3)
Fe't 4+ om = P 't + oH (4)
Fe' ¥t & HO,,* = Pe’t HO,, (6)
re't 4 HO, = PettT 4 HO,'’ (12)

4

Fe catalysis was explained by equations (1), (2), (3) and

(4) end the variation of chein length with H® by either

e

(2) participation of HO," or 0,° in the chain mechsnism

{(b) an increase in the chein breaking mechanism due %o
participation of H202+ instead of H02 oy Hzo+ instead
of OH.

Catalysis by Fe' " was represented by equations (3), (4},
(6) and (12) in addition to the equilibrium

H0, <= PN HO,’ (5)

A still further refinement in this wmechanism was made

17,18

by Barb, Baxendale, George and Hargrave who propoged

that the reaction producing 02 was nod

B0, + HO = HO0 + OH + 0, (3)

2 2

which seemed mechanistically an improbable rearrangement %o

cccur in one step. They proposed instead

= rett + o0, + H (13)

+4+4
Fe + HO 2

2




which explained satisfactorily thelr experimental reasultis
for both Pe'” and Fe''" decomposition of H,0,.

Welss and Hiumphrey19 gupported this new devslopment
proposed by Baxendale et al. but suggested that the anion
02' entered into the reaction rather than the undissociated
HOZ l.e.

Fe™tt o 02’ = Fe't «+ 9, (14)

Although these results heve tended to disvegard the

contribution of

H202 + HO

5 E,0 + OH + 0, (3)

it is still) accepted as of considerable importancs in the
vhotolysis of dilute agueous solutions of H20220 gnd in the
decompogsition by ionieing rediation®!.

Investigations of this one homogeneocus system iatre-

duced many postuletes which were of general applicability %o

homogeneously catalysed H,C, decompogition reactions wiz.,

(a) +the participastion of the redicals OH and HO,. Thess
radicals were consgidered free i.e. unsttached to
iron ions

(b) +these radicals which were produced by single electron
exchange between the catalyst and H202 prepagated

chain reactions cauging H202 decomposition.

Although the species H202’ and H20+ were introduced to explain
various results 1% seems unlikely that they are ian sufficient

concentration to appreciably affect the reaction. As a
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result of the interest stimulated in solution phase free
radical reactions, Evans, Hush and ori?? formulated energetic
and thermodynamic data for many of the proposed primary steps
which allowed an assessment of their thermodynémic probability.

An alternative reaction scheme was proposed by Bray

and Gorin®’ for the FeH'/HZO2 reection. This scheme 1i.e.
Fe't » H,0, = Fe0"" =« Hy0
o +4
FeC'" + H,0, = TFe + H,0 + 0,

differed conslderably from the Heber-Weiss mechenism in that
decomposition took place between a catalyst - 6202 intermediate
and the H202' This mechaniem introduces the postulstion of

a localiged reactive intermediate as opposed %o the free

radicals conteined in the Haber-Welss mechenism.

4., Heterogeneous Catalytic Decomposition of H202

DN TS S W SR enme e GRS aTER WO BAt

The essential principle of heterogencous catalysis
is that the reaction cycle is anchored at the solid suxrface
i.8. it occurs within the field of the chemisorption forces.
Thus, any catalyst radicals are surfece ions, ionlc lattice
positions or adsorbed radicals. fhere is also the possibil-
ity that the catalyst surface initiates chalns which can
diffuse into the solution bulk.

A truly heterogensous catalytic reaction can be

enalysed into five steps viz.:-
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1. Diffusion of reactents o the surface of the
catalyst

2. Adsorption of reactants on catalyst surface

3. Reaction on the surface

4. Desorption of products from %he surface

5. Diffusion of products from the surface

the slowest of which contrels the overall rate of reaction.
Since steps 2, 3 and 4 are intimately connected with the
surface processes, catalysis at the interface of a solid and
fluid is necessarily very complex involving a aumber of selid
paremeters whose influence is only of recen®t years beginning

to be gqualitatively understood.

These paremeters have sometimes been divided into tTwo
groups i.e.
24
25

1. geometric factors

2. s8lectronic factors

and with this division their study hae provided s msans of
comparigon between s0lld preperties and catalytic activity.

Much study has been devoled to the correlation of msolid
activity with the relative (imensicne of the solid surface and
the reacting molecules. The earlier work of Langmu1226’27’28
was based on surface geomstry and Burkzg proposed that the
surface decreased the activetion erergy of the reaction by
adsorbing the reacting moleculee in such a way that the

distance between the peints of maximum intensity im their
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attractive forces was different in the adsorbed state than
in the free molecule. Differences in the atomic distancee
involved in different lattice planes has been used by Beeck,
Smith and Wheeler-© gnd Beeck’ ' to explain differences in
the hydrogenation of ethylene on oriented and unoriented
condensed metal films, and Twigg and R1d93132 following
experimental investigations on exchange beitween olefinea and
deuterium on Ni surfaceess’54 proposed that interastomic
spacing was important in the hydrogenation of a double hound
which required two-point coantact. Particularly convincing
was the work of Balandin35 who deaglt with specific reccitions
of large molecules where the fit with the surface was often

very detailed.

Although the most emphasis in early etudies had been
Placed on the geometric factor several workere e.g- Bussellz5
hed attempted to correlate catelytic activity and the
catalyst’s electronic structure, but it was not until %he
theories of the solid state were developed that the importance
¢f the electronic factor in the aolid could be fully discussed.
Catalysis was held to proceed via surface electrovalencies
i.e. through the transfer of electrons %o and fro between the
golid and the adsorbed speciae. The first worker to make
definite measurcments on this basis was Schwab36 who varied
the electronic structure and therefore, electron availability
of many homogeneous and heterogeneous metal alloys by inecor-

porating metals of different electronic structure.
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Following Schwab many workers examined the impoxtance
of electronic structure in catalysis. Important contribu-
tiones were made by Dowden and Reynolde37 who on the basis of
initiation involving electron exchange, successfully linked
activity with electron avallability for many reactions. For
example, anomalous results cbtained by Beeck and co-workers
on ethylene hydrogenation over Cu, Ag and Au and Group VIIT
metals were successfully explained by Dowden and Reynolds as
due to holes in the 3d, 4d snd 5d bands of the Group VIII
metals. Similar effects were observed by Couper and Eley38
who showed that the inclusion of Au into Pd decreased the
activity of Pd for the conversion of para hydrogen despite
the similarity in atomic radii of Au and Pd. Further work
by Dowden and Reynold539 on the decomposition cf H202 on
Ni-Cu alloys supported their earlier theories. They showed
that the rate of decomposition decreased as the electron
availabllity decreassed, a result in harmony with a Haber-

Welse initiation reaction of the foxm

H,0, + metal electron = OH° + QH (15)

The early studies of Langmuir assumed that the surface
was composed of a geometric arrsy of sites on which adsorption
and reaction took place with equal probability. Calorimetric

40 ond Taylor®! nave eetablished in

studies by e.g. Garner
many cases that the heats of adsorption vary with %the fraction
of the surface covered. This cbservation was interpreted by

Taylor42 as due to the existence of ‘active sites' on which
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preferential adsorption and reaction took place depending

on the energy barriers involved.

Whether catalysis is preceded by adsorption involving
covalent bonding of the adsorbed molecule or electron trans-
fer between the metal atom and the adsorbed molecule, the
work function of the metsl as a whole or the degree of com-
pletion of the metal atom d-band are clearly the imporitant
factors determining catalytic activity.

Catalysis involving metal oxides is however mors
counplex and the interaction of the adscrbed molecules with
electrons or electron defects assocleted with The oxide
lattice is recognised as the important consideration. Thus
Gray and Darbyég postulated that adsorption of O, on RiQ
occurred preferentially on metal ions involving eleetron
transfer from the metal ion to the 0, forming 0°. This
would be of vital importance in the catelysis by NiQO of
oxidetion reactions e.g. C0/0, %o CO, or hydrocarbon
oxidations.

4.4

Volkenshielin suggested that catalytic activity wae

associated with the equilibrium of surface micro-defects - a

theory later extended by Boudart*? 46

, = and Taylor and Thon
postulated that only one type of active centre was responsible
for a given catalytic reaction. This theory assumed that

the active sites consisted of dissociastively chemisorbed

reactants.

Each system, particularly in the case of oxides, must



however be considered separately. The catalyst in the
absence of the substrate will have a surface consisting of
variously saturated ions, unsaturated lattice positions etc.
When the subetrate is admitted the adscrption will alter
this situation in a specific way giving rise to a range of
‘active sites' consisting of condensed radicals of various
kinds each perhaps capable of reaction with the unadsorbed

substrate constituents.

It was to be expected that the theories which had
been so0 successful in understanding homogeneous reactions
should be applied to the interpretation of heterogeneous

systems.

From his observations on the decomposition of H202 by
Pt, Au, Pd, Ag and Zn, Weiss?! proposed that the iritisting
action of the surface metal atoms was similar to that exerted
by dissolved metsl ions i.e. an electron from the metal split

the adsorbed H 02 producing the radical OH 1i.e.

.
HyOp + potal = OH’° + OH (1%)
or in alkaline solution
\ 5 0
H,0, <= H + KO, (5)
HO» = HOp + epeta1 (16)

The removel of an electron from a metal is governed

by the potential barrier at the surface which in turn is
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controlled by the work function. Using a method proposed

48, Weliss decreased the work function of many metals

by Garney
by applying a negative potential and found that the catalytic
activity was increased, an effect in agreement with the
electron transfer theory if (15) was the rate controlling
step. In his interpretation of the results Weiss igrnored
the influence ¢f a layer of oxide stating that such a layer
would be transparent to electrons end that catalysis would be
controlled sclely by the electronic nature of the underlying
metal. He also considered that radical chains took place in
a high concentration region adsorbed at the surface of the
metal. The short chain lerngths found were explained on fhe

proposition of termination by surface removal of the free

radicals propagating the chsins i.e.

OH + HO, = 0, + A0 (17)
OH + ep 4 1 OF’ (18)
HOy + @pegqy = HOY' (19)

WO L W See RIS EeP wOD A0 WMEm AR G woe

An explanmation of the properties of oxides as
catalysts demands an understanding of their electronic struc-
ture and the rble of ionic lattice defects ete., in their
nake up.

The moet active catalysis for H,0, decomposition49’5°

are those in which the stable oxide has a tendency to form,
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in @ir, a smell amount of a higher valency oxide e.g. Cuzo,
Co0 and to a lesser extent NiO. Such oxides are examples
of the class of P-type semiconductors. They exhibit non-
faradaic conductivity in the solid state snd the current
carrier is identified as a positive entity -~ the "electron
hole" - which can be thought of when localised as the cation
of higher valency e.g. cu** in Cu,0.

i.e.

+® Cu+ Cu*
0" Oa: or' ol'
ou?t Cu+9 cut :

Cu

where @ 7represents a positive hole

represents a vacant cation site

These oxides are to be distinguished from N-type semi-
conductors in which current is transported non-faradaically
also but now by mobile excess electrons e.g. in Zn0 con-
taining & slight excess of Zn atoms held in inlerstitial
positions where they readlly ionise. The lccalised electrons
can be considered as a Zn’ ion which in an array of 7zn*? ig a

negative entity e.g.

zn** 0"’ zn*” 0’ o™, 0’
_ # \\
0’° za*?t 0’ anl*? v.a.s%
2n’e i\ e 4
zn** 0 * gnt* 0% % Zn*t,/

where e represents quasi-free electrons

zn*represents an interstitial zinc ion.



27,

But the oxide structure is more complex than the
conduction would 1mply. There are also lattice ion defects
of various kinds, e.g. it is assumed that in any real crystal
at any temperature there exists a number of imperfections
which are in a state of equilibrium with the perfect lattice.
The limiting cases for this type are equal concentrations of
vacant anion and cation sites - Schottky defect - and the
presence of interstitial atoms or ions - Prenkel defect.
Conduction is caused by the migration of the vacant sites or

interstitial entities through a series of lattice positions.

Particularly relevant tc the consideration of the
catalysts as semiconductors has been the work of Garner and
co-workers on the oxidation of Cu and the reactions CO/O2

and N,0 decomposition on Cu,0. Examination by Garner, Grey

51

2

and Stone of the oxidation of copper and the adsorption
of various gases on Cu20 produced several interesting

observations.

(i) The oxygen was adsorbed on the Cu,0 in a particularly
active form which was associated with the conductance
electrons since its adsorption was accompanied by an
increase in the conductivity of the CuZQ. The oxygen
was therefore considered adsorbed as 0’ or 02' ions
inducing the formation of a positive hole

e.g. 0, + cu'

4 ’
.02

Cu

thereby increasing the conductivity
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(ii) They proposed that the 02 was adsorbed as a molecule
since the heat of adsorption did not exceed 30-35
kecal./mole.

(iii) The activity of the surface was destroyed by CO.
From this they concluded that adsorption occurred on
exposed Cu atoms lying above the normal lattice.
Treatment with CO formed an intermediate complex
carbonate which subsequently decomposed liberating

O, and destroying a vacant cation site.

2
{(iv) They suggested that the adsorption of 0, as a
negative species was an important step in the CO/O2

reaction taking place on Cu20.

Further work by Garner, Stone and Tiley52 established that
O, was dissociatively adsorbed either as 0" or Q' and a
reaction mechanism for the CO/02 reaction on Cu20 was

proposed inveolving the establishment of a stationary state

between the adsorbed species CO, 0 end CO5 i.e.

02 (gas) = 2 O(ads.)
1610) (gas) = CO(ads.)
CO(ads.) + 2 O(adsu) = co}(ads,) with excess CO

COS(ads.)+ Co(ads.) = 200,

The adsorption of 02 was consgsidered the rate controlling

step since it involved

05 20

or 0°°

1
<

and 2 0
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Similar catalytic and conductivity measurements
carried out by W’agner53 suggested the occurrence of an

analogous process during the decomposition of N,0 on ZnoO.

2
The proposed mechanism involved a rate determining electron

exchange across an adsorbed layer i.e.

NZO + catalyst + 2e N2 + 0 (ads. )

0"’ + N,0 = catalyst + 2e + N, + O,

(ads.)
Although the decomposition of H202 represents a more

complex picture than either CO/O2 reaction or NZO decomposi-

tion there are reasons to suggest that the basic mechanisms

may be similar. These reasons are

(1) The relative catalytic efficiencies of various oxides

for the CO/O2 reaction as reported by Stone’% is

similar tc that observed by Giguére55 and Ross?? for

the vapour phase decomposition of H202. For CO/02

reaction in order of decreasing activity

Co0Q = Cu20 = NiQ == Fe203, Crzos, Zn0 =—

MgO, 41,05

compared to

Mn203:> Pb0=> Ag,0 > 000/00203:> Cu,0 > Ni0 (green)
cu0=> Fezo3 = Cd0= ZnoO >Sn02 2 (1--13‘1203 —glass

for the vapour phase decomposition of H202. These
results suggest that P-type oxides are more active
than N-type oxides which are more active than

insulators.
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(ii) A similar oxide efficiency relationship for the
decompogition of N20 has been compiled by Dell,
Stonme and Tiley’? following extensive work by

Schmid and Keller’'.

There has not been a great deal of work carried out on the
heterogeneous decomposition of squeous HZOE solutione by
oxides. Broughton and Wentworth58 and Broughton, Wentworth
and Leing® studied the catalysis of H,0, by MnO, and showed
that Mn*" accumulated in solution until the solution was
saturated with Mn(OH)Z. Alternate oxidation and reduction
of the MnO2 formed the basis of their proposed mechanism

which was as follows

& 44
Mno2 + H202 + 2H = Mn + 2H20 + O2
Ma** + 28,0, - Mn(oH), + 2H"
2V2 2 1
Mn(OH), + H,0, = Hn0, + 2H,0

This reaction scheme was further supported by radioactive
tracer experiments.

Similar measurements on various supported manganese

60

oxides were carried out by Mcoi and Selwood who postulated

a different mechanism to that proposed by Broughton and
Wentworth. This mechanism, based on relevant free energy

61,62

data and observations made by Dubois on the composition

of manganese oxide, involved simultaneous oxidation and

reduction between tri and tetra valent manganese in the form
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of a Haber-Weiss one-electron step i.e.

Mn203 + H202 = 2Mn02 + H20

2Mn0,  + B0, = 0, + ano3 + Hy0

Recent work by Voltz and Weller63 has been directed
towards a correlation between catalytic activity and surface
oxidation state. The catalysts used were chromia and
chromia/alumina which had been pretreated at 500°C in an
atmosphere of H2 or 02, and it was found that the oxidised
catalysts were six to eight times as active as the reduced
ones. Also Schwab64 observed that the spinel MgO . Fe203
was a better catalyst for aqueous H202 decomposition than
the spinel ZnO . Fe203. Replacement of the Mg++ by gnt?
in the magnesium ferrite improved its efficiency by a

considerable smount.

5. Purpose of Present Investigstions.

Present theory concerning heterogeneous catalytic
decomposition of H202 is based on one of twe main approaches
i.e.

(1) A Haber-Weiss type mechenism.

This mechanism which is mainly based on analogy with

homogeneous systems ldentifies the radicals OH and

H02 (02’) as the reactive, chain propagating species.

The radicals which are produced by electron transfer

at the solid surface are considered free to propagate
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the reaction in the high concentration region

near the surface.

(11) A Bray and Gorin type mechanism.

This mechanism which has not attracted supporters
as has the Haber-Weiss scheme, proposes an active
intermediate formed between the catalyst and the
H202 i.e. unlike the free unrestricted radicals
contained in the Haber-Weiss scheme this reactive
species is localised being permanently linked with
the catalyst proper. Although this theory was also
developed from homogeneous systems it has been
successfully applied to heterogeneous enzyme
catalytic systems e.g. the decomposition of H202 by
the enzyme catalase is believed to proceed according

tc the scheme

E + S ES

]

=
+
+d

ES + S
where E 1is the enzyme
S 1is the H202
P is the product
The interpretation of results obtained from reaction
between H202 and inorganic solid surfaces is further compli-
cated by possible oxide formation. No metallic surface can

be considered free from oxide. Under normal atmospheric

conditions such formations may be only a few (say 20 - 100)



27.

angstroms thick but in systems involving the decomposition
of H202, formation of an appreciable thickness of oxide
layer is to be expected. The formation of such an oxide
has been dismissed from many kinetic discussions on the
assumption that it does not affect the catalytic properties
of the bulk catalyst. Dowden and Reynolds59 discussed this
added complication but suggested that the short covalent
forces present in the metal oxides were dependent only on
the oxide layer and therefore changes in catalysis caused by
changes in the electronic structure of the metal were
explainable only by direct reference to the bulk metal. If
however reaction takes place at active sites on the surface
i.e. localised free radicals then results must be related to
the oxide layer since changes in the electronic nature of
the underlying metal would reasonably be expected to alter

the reactivity and number of the active positions.

It does not therefore appear valid to interpret the
resulte from heterogeneous f,0, catalysed systems without
considering the exact nature of the catalysing surface, with
particular reference to oxide formation. A suggestion of a
cycle suitable for an oxide surface is contained in the scheme
proposed by Bray and Gorin?> for the Fet*/pettt - H,0,

homogeneous reaction. Uri65 considered this scheme was

unlikely in solution for two reasons. These were

(1) A complex rearrangement was required which did not

agree with the experimental activation energies of
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5 to 10 kcals as found by Baxendale,Evans and Parks 4.

(ii) No iron atoms in the final polymer were detected by
Baxendale, Evans and Parks in the Pe““/ﬂzo2 initiated
polymerisation reactionms.

The Bray and Gorin scheme was developed however for the homo-
geneous Fe++/H202 reaction and the above disadvantages need

not necessarily apply to a heterogeneous process where it mey
be that a Bray and Gorin type mechanism more truly represents

the so0lid surface.

Work carried out in this laboratory by Hart and

66 and Hart and Ross67 on the vapour phase decomposi-

McFadyen
tion of H202, further emphasised the importance of oxidised
metal surfaces. Thus, using flow methods Hart and McFadyen
examined decomposition on Cu and Ni gauzes which had been
exposed to the atmosphere. A series of interesting cyclic
efficiency changes were observed which were later repeated

by Hart and Ross using bulk oxides.

It was clear from these results that the oxide itself
pPlayed an important r8le in the catalysis. There was in fact
no evidence to suggest that a thin oxide film on g metal sur-
face possessed any noticeably different action than the bulk

oxide itself.

The first aim of this work was therefore to test
these conclusions with oxide catalysts in the solution phase.

In particular it was regarded as important to test for the
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presence of the slow cyclic effects obtained in the vapour
phase. If these occurred in the solution phase as well, it
would substantiate the conclusions that they were due to
processes occurring in the oxide or oxide/hydroxide itself.
It was hoped also to be able to link the work on oxides with
that on enzymes. An oxide might possibly be shown to be a
better model than a metal of an enzyme considered as a
heterogeneous catalyst rather than as the guasi-homogeneous

one it is usually taken to be.

A further aim was to attempt by a detailed study of
the kinetics of the catalytic process and of the kinetics of
the changes in catalyst efficiency to obtain some insight
into the detailed mechanism of H2O2 decomposition. The bulk
of the work concerned in this approach applied to the one
catalyst Cu20. It was necessary to extend the examination
to one or two similar oxides to show that the effects were

not specific to the one substance.

Arising out of the interpretation of the early
results, experiments were seen to be necessary on model
surfaces consisting of HO’ and H02' ions held to a relatively
inexrt solid. This led to experiments with anion exchange

resins which proved to be most helpful in examining crucial

stages in the maln conclusions.
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EXPERIMENTAL

1. Introduction

The object of the work was to study the decomposition
of aqueous H202 on solid oxides in such a way as to permit
speclal investigation of any efficiency changes which could
be ascribed to some alteration in the state of the catalyst
during reaction. For this purpose a static system in which
the change of [?2Oé] with time in a volume of solution con-
taining a fixed quantity of the catalyst would have been
unsuitable. Such systems involve simple experimental
techniques but interpretation of the results would be diffi-
cult if catalytic efficiency is affected by such variables
as substrate concentration, solution of catalyst, stirring
and shaking and the particular problem of gas bubble separa-

tion from a particulate catalyst.

A flow system was therefore chosen. This enabled
attention to be focused readily on the changes taking place
in the efficiency of the catalyst. An apparatus giving
constant flow conditions was designed and a technique
developed by which the efficiency of the catalyst could be

continually observed during the course of the reaction.

2. Efficiency Apparatus and Experimental Technique.

The apparatus and technique is dealt with under two

headings:-
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(a) steady propulsion of standard substrate

(b) Measurement of changes in catalyst efficiency

(a.i) Propulsion of substrate.

A steady uncontaminated stream of reactants was
obtained by pumping the substrate to a constant head device
by a simple nitrogen lift and using the hydrostatic head to
drive the liquids through the apparatus. The nitrogen 1lift
was an adaptation of the air-1lift principle used in industry
and was preferred over mechanical pumping because of the
danger of contamination from pump gland lubricant or diaphragm

materials.

The liquid flowed (Fig.1) from reservoir R, to
reservoir RZ' An uptake pipe P1 led from reservoir R2 to
the congtant level tanks situated above bench level at a
height sufficient to give the hydrostatic pressure required
to force the liquids through the experimental assembly at
the maximum required velocity. A lead from a nitrogen
cylinder was hooked under the uptake pipe P1 end the flow of
nitrogen carried the liquid up to the constant level tank in

a series of slugs.

The reactants from the constant head tanks were
metered at bench level in previously calibrated liquid flow

meters (Fig.2).

When the flow system was coupled to & heating
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coil and reaction chamber, decomposition of the H202 produced
slight fluctuations in pressure aéross the system disturbing
slightly the constant rate of flow delivered from the meters.
The meters were completely insulated from these small varia-
tions in pressure by short sections of capillary tube sealed

in between the reaction chamber and flow meters.

(a.ii) Alteration of Substrate Concentration.

Two independent streams of H,0, and H,0 were used

2
to produce variations in the substrate concentration by
altering their relative rates of flow. All runs were made
at the same total flow rate so as to exclude flow conditions

as a variable in the efficiency considerations.

The mixer first used in the apparatus was built
in immediately after the flow meters so that only one heating
coil was necessary. The mixing chamber (Fig.3) was a
cylinder 10 cm. by 2 cm. internal diameter angled upward to
reduce the danger of dead spaces and bad mixing. The chamber
was packed with glass beads to break up the streams and give
added turbulence. Equal flow rates of water and peroxide
were set and 25 ml. portions of the resulting mixed stream
were collected every minute. At a noted time the peroxide
was shut off and a further series of samples collected. The
collected effluent was titrated against standard permanganate
and the results plotted as shown (Fig.4). Prom the time the
peroxide was switched off 4 minutes elapsed before the
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original mixture was swept clear from the mixing chamber
heating coil and reaction tube. A further 7.5 minutes
passed before pure water was obtained. Although a sharp
change from peroxide to water is more difficult to achieve
than a change in H202 concentration, it is clear from the
diffuse character of Fig.4a that the position and design
of the mixing chamber did not permit a close and accurate

examination of the change-over period.

The system finally adopted is shown in Fig.5.
The single heating coil in the original arrangement was
replaced by s separate coil for both H20 and H202. The
mixing was carried out immediately before the catalyst
chamber by simply joining the separate streams. Two stop-
cocks immediately before the mixing point enabled either
stream to be completely shut off and a three-way stop-cock
after the mixer allowed the reaction chamber tc be by-passed
and the concentration of the substrate entering the chamber
determined. With this scheme the change over to new condi-

tions was sharp (Fig.4 b) being almost complete in 30 seconds.

(a.iii) Substrate Heating System.

The solutions were hested to the reaction tempera-
ture in a thermostatted water-bath containing the heating
coils, mixing point and reaction chamber. The bath was
heated by Robertson heating lamps and the temperature

controlled by a hot wire vacuum switch and toluene regulator.
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Three stirrers were necessary to give adequate circulation
in the bath. The heating coils were of 5 mm. diameter
tubing 5 meters long. This length was sufficient to bring
the temperature of the solutions close to that of the bath
and to reduce temperature fluctuations to a degree which
permitted the sensitive measurement of catalysis by tempera-
ture rise which is described below. This was achieved by
approaching to within O.5° of the bath temperature and by
ensuring that the stock solutions had been given time to
reach equilibrium with room temperature before commencing a
run. It was necessary to by-pass the reaction chamber with

substrate until temperature equilibrium was attained.

. e w— — - W— S et w—T e W e w— — e e S e —

In a flow system the measurement of changes in

catalyst efficiency can be made by observing:-

(1) the loss in substrate concentration by sampling and
analysis of substrate or product.
(1i) continuous measurement of change in some physical

property of the solution.

The choice of a method was limited by the need to work at as

small as possible a decomposition for two reasons:-

(a) to keep the [?204 as far as possible constant over
the catalyst zone

(b) the need to keep the 0, evolution down in order to

2
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reduce the possibility of gas occlusion in the

catalyst bed.

In practice the second requirement set an upper limit of
0.005 moles of H202 per minute or approximately 1 ml of O2
gas per second, but this was only tolerated at the higher
1?203 . At 0.025 M a decomposition of C.0025 M per litre
was the maximum permitted. These requirements favoured an

estimation of the product rather than the reactants.

Measurement of oxygen evolution is quite a sensitive
indication of decomposition. Thus a 0.1% decomposition of
0.5 M H202 flowing at 100 mls per minute evolves 1.12 mls of
02 per minute. The method is however difficult to use as a
fast continuous method since the evolved oxygen has to be
efficiently separated from the liquid streams and this intro-
duces some delay. The liquid must also initially have a
standard degree of gas saturation. In the present method
the fact that the liquid was saturated with N2 which came out
of solution on warming to the bath temperature created an

extra difficulty for this method.

Lgtimation of the l?zoa in samples collected over
short periods of time either by colorimetric methods or by
direct KMnO4 titrations is heavily handicapped in the present
work by the need to operate at very small fractions of change.
Colorimetric methods e.g. titanium dioxide and concentrated
H280

4 iodide (U.V. estimation of straw colour) or iodide and

starch (visible estimation of blue colour with standard starch)
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are the most sensitive but are only applicable at total
concentrations of 10'3 and below. No measurements were made
at such low !?204 . In an illustrative run titration with
0.1N KMnO4 was used to measure the amount of 0.05 M H202
decomposed by Cu20(oxidised copper gauze) jammed in the
reaction chamber (Fig.6). Water at a definite flow rate,

pH and ionic strength was passed through the system until
thermal equilibrium was atteined. The water was then

replaced by 0.05 M H,0, at the same flow, pH and ionic strength.
Samples of the substrate lesving the reaction chamber were
collected at equal time intervals and titrated against the
KMhO4. The titration results (Fig.7) show that large percent-

age decomposition is required to use this method. The amount

of 0, evolved and the concentration gradient across the

2
catalyst are increased by such a rise in percentage decomposi-
tion. Tests showed that for measurable concentration changes
the rate of O2 evolution and the concentration gradient become
appreciable so that the catalyst surface area and concentra-

tion effects are obscured.

The physical method adopted had also to teke account
of the fractional change limitation mentioned above and to
work on a parameter limited to the amount of product formed
rather than the amount of H202 lost. The method used was to

measure the heat evolved in the catalysis.
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(b.i) Thermal Measurement of Decomposition.

The 1% decomposition of 1 litre of a 1 M solution

of Ey0, to liquid H,0 and O, liberates 235 calories®®
raising the temperature by 0.235°C if the process is adiabatic.
1% decomposition of a 0.02 M solution would result in a

0.005° rise.

Adiabatic conditions have been assumed to obtain at
the centre of the reaction chamber provided temperature
differences of not more than 1.5° are used. It is seen
therefore that a sensitive measurement of the temperature
before and after the catalyst would give a precise indication
of the amount of decomposition under the given conditions and
hence of the catalyst efficiency. Furthermore it is possible
to make such measurements with negligible delay by having a
thermometer element of low heat capacity in direct contact

with the fluid.

Two such elements have been successfully used in

gimilar rate/time measurements viz:-

(a) thermocouples

(b) thermistors

The measurement of temperature differences as an
indication of the rate of small amounts of rapid exothermic

69,70 4ith a

reactions was used by Bengough and Melville
thermocouple. In this way they followed the non-stationary

initial rate of photopolymerisation. The rise in temperature
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was measured on g single thermo-junction placed at the centre
of the reaction vessel. The ight change in e.m.f. had to
be amplified by a low impedance D.C. amplifier and automati-
cally recorded. During the short time that readings were
taken the reaction at the centre of the vessel was considered
adiabatic since the reaction mixture was heated uniformly by

chemical reaction and cooling only occurred through the walls.

The sensitivity of such a method depends on the
constancy of the ambient temperature and the reproducibility
of changes in e.m.f. with temperature. The complete reaction
chamber was immersed in a thermostatically controlled bath
maintained to within 0.01°C. Tests showed that this slight
fluctuation produced changes inside the reaction chamber of
the order of 0.001°C which were negligible compared with the
temperature changes caused by polymerisation. The relation-
ship between e.m.f. and temperature was obtained by calibra-

tion and a high degree of reproducibility obtained.

The thermal measurements carried out by Bengough and

Melville were successfully repeated by Miyama71

and Fujii and
Tanaka72 using a bead type thermistor (Pig.8) as the tempera-
3

ture sensitive element.

Thermistors are a speciagl type of resistance ther-
mometer consisting of a fragment of a semiconductor sealed
in a thin protective glass sheath. They are more sensitive

to temperature than a metal (e.g. Pt) resistance thermometer.

Many workers have given detailed study to the temperature / L
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resistance characteristics of semiconductors. Thus Becker,
Green and Pearson'> using typical mixed oxide semiconductors
(mengenese-nickel oxide and manganese-nickel-cobalt oxide)
showed that R the resistance varied with the absolute

temperature to a first approximation according to the law

& -3
R = Ro.e T To
- _ B
i.e. log R = T o constant
where - T = +temperature in OK
R = Ro when T = To
= g constant = 2.303 x slope of the

log R/l line.
T

Examination of the plot of log R against - over & large

' T
temperature range shows that the slope of the line increases
linearly with temperature and a more precise expression is

D

R = A. 7% 7T

where ¢ 1is a small positive or negative number or zero.
Over short ranges of temperature however the graph log R/%

can be taken as linear and the simple expression used.

The theory of this relationship is well understood
following the work of Mott 'Y and others. Current is carried
by electrons or positive holes which are contained at concen-

trations fixed by the composition and pretreatment of the
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oxide mixture. The conductivity of the material is then
given by

W

“RT
Conductivity = A.e

where A 1is a constant depending on the number of charge
carriers and their mobility in the particular crystal. W is
an energy factor being the height of the potential barrier
which impedes the movement of the carrier. It is clear that
A would not be expected to remasin fixed over a wide tempera-
ture range since lattice expansion would affect mobility not

to mention possible changes in the number of charge carriers.

The use of thermistors places less exacting require-~
ments in the resistance measurements than & platinum resist-
ance thermometer, requiring only a conventional Wheststone
bridge and sensitive galvanometer. Their use for temperature
changes of as little as 0.001° does require congiderable care

however i.e.

(1) The ultimate accuracy of any temperature sensitive
element is the accuracy with which 1t is calibrated.
Since the linearity between log R and 1lis only

strictly observed over short temperature rangzs it is necess-

ary to calibrate the thermistors over short ranges (say 5°)

about the temperature of use.

(11) It has been shown that once calibrated thermistors
remain stable over short periods but they may vary

slightly over years 2°12:1%:7T:78:79  A14nough the
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precise nature of the effects causing fluctuations in the
stability are not entirely understood, Beck78 has suggested
that exposure to wide temperature differences is an important
factor. Although altering the position of the log R/:
calibration line relative to the axis, these changes ($hich
alter the value of the constant in the calibration equation)
do not affect their use as a differential instrument. If the
thermistors are used only in the narrow temperature range
over which they have been calibrated these changes, 1f any,
are small and extremely slow and any series of results based

on temperature difference measurements are entirely reliable.

(iii) PFor the accurate measurement of small temperature
differences care has to be taken to see that the heat
generated by the measuring current in the bead is so

small thet it reises the bead temperature to an extent negli-

Zible compared with the temperature differences being

measured. The voltage across the Wheatstone bridge must

therefore be kept to a minimum end resistances used in the
circuit to reduce the current flowing through the thermistor

to a very small value.

This temperature rise of the element is of course
dependent not only on the measuring current but on the heat
dissipated from the thermistor. This as shown by Becker,

73
Green and Pearson (who found lkTinduced SaireRk
constant x heat dissipated) depends on the thermal conductiv-

ity of the medium and on the rate of flow which should
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therefore be kept constant in a series of comparsble runs.
By working with very small measuring currents it was possible

however to neglect both of these factors.

(b.ii) Resistance Measuring Circuit.

A Wheatstone bridge circuit (Fig.9) was used to measure
the resistance of the thermistor. A 2 volt accumulator with
a 4000 ohm resistance in series provided current. The
thermistor resistance was balanced against a 5-dial Decade
resistance box (Muirhead A, 825-N) with a range of 0 - 104
ohms in steps of 0.1 and an accuracy of + 0.1% + (0.002 ohms
x No. of dials) for resistances above 1 ohm and + 0.5%

+ (0.002 ohm x No. of dials) for 0.1 ohm steps. The 1000
ohm resistances in the fixed bridge arms were adjusted to

+ 0.1% with unifilar windings of eureka wire and balance was
observed on a Cambridge galvanomefer No.L298469 used in con-
junction with a meter scale. A resistance of 1000 ochms in
series with the galvanometer gave the best compromise between

demping and sensitivity.

The thermistors availsble for use were known to have
a resistance of about 1000 ohms at 40°C. Therefore for the

above circuit at 40°C we have

1 1 1 1 1
Resistance between A and B = e 4 o= + =
¢ R, R, 2000 2000 1000
i.e. RAB = 1000 ohus

(1000 + 4000) ohms
5000 ohms

Total resistance in circuit
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Current flowing through circuit = & o 2 anps
R 5000

. "+ Current flowing through each arm = s amps
5000

= 2. 104 ampe .

The potentizsl difference across thermistor with a resistance

of 1000 ohms and a current of 2.10"% amps = 2.10"%.1000 volts
. » Watts dissipated in thermistor = 2.10'4.1000.2.10'4watts

= 0.04 milliwgtte.

If the ambient temperature is increased to 50°C the resistance
of the thermistor drops to 800 ochms and the watts dissipated

becomes 0.2 milliwatts.

At both temperatures the dissipation is very small.
The dissipation constant was determined by measuring the
resistance with a range of battery resistances (from 0 to
8000 ohms) and thus a range of bridge currents, and carrying
out the calculation above. Fig.10 shows power dissipation
plotted against A T. Xk, the dissipation constani, is found
to be 232 degrees per watt. Thus the temperature elevetion
at 0.04 milliwatt is 0.008° but the effect of small chenges

in the variable resistance i.e. small temperature changes, 1s

completely negligible.

{(b.iii) Calibration of Thernlistors.

Measurement of temperature by this method requires

an sccurate calibration of “he thermistors over the temperature
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range considered. Several methods of calibration were tried.

1.

The thermistor was placed in a Dewar flask containing
stirred water at 50°9¢. As the temperature dropped
the resistance corresponding to various temperatures
measured on & 0.1° thermometer were recorded. The
plot of log R against~l gave & straight line over 30
centigrade degrees witg & readable accuracy of 0.0200.
Although not accurate enough - several points were
displaced by as much as 0.1 of a degree due it was
thought to the insensitivity of the large bulbed
thermometer to small temperatures recorded on the
thermistor - the method did demonstrate the range of
application of the relationship

log R = B . constant

S
The thermistor was strapped to the bulb of a & degree
Beckmaen thermometer and the arrangement placed in a
small water bath which was immersed in the thermo-
statted bath described above. The water in the flask
was agltated with a stirrer and the meuth of the tube
packed with cotton wool to reduce heat loss at the
surface from evaporaiion. . A telescope focused on the
Beckman scale allowed the temperature to be read to
+ 0.001°C and by varying the temperature of the thermo-
statted bath the temperature/resistance values were

obtained over the range 40°¢ - 50°C.



(a)

()

450

The results obtained from this system were still
not accurate enough and the ultimate sensitivity of
the galvanometer could not be brought into play:
each point was associated with an uncertainty of

about 0.05°. The deficiencies in the system were:-

The thermistor fluctuated rapidly over a range of

+ 0.05° while the Beckman stayed constant. This was
due to micro differences in the temperature of the
water which never came to a sufficiently steady tempera-
ture throughout. The large Beckman bulb with its

slow response smoothed out these temperature eddies.
These differences could not be reduced by more vigor-
ous stirring probably becsuse this added To the heat

losgses at the surface.

Temperature control was not adequate. An overall
swing upwards of azbout 0,01° occurred following the

"on" period of the heating lamp.

The method finally adopted gave adequate accuracy.

‘The water surrounding the thermistor was replaced
by 100 mls of unstirred mercury. A more rapid mixing
of heat was thereby obtained and surface avaporation
heat losses eliminated. The temperature control in
the bath was very much improved by re-designing the
heating system. Three stirrers operating at maximum

speed gave good circulation. Two were located at
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complementary corners of the bath and the third was placed

ad jacent to the vessel containing the thermistor. Background
heat was supplied by two Robertson heating lampé wired in
parallel and connected through a Variac adjusted so that the
system was just losing heat. A third lamp controlled by a
close set toluene regulator and relay switch gave the necess-
ary temperature control. This system when properly settled
gave a temperature control of + 0.001°C with 1 to 2 second
on-off periods. The stoppered vessel containing the thermi-
stor and Beckman thermometer (adjusted for the range 40°C -
45°C) was immersed in the bath and the system sllowed to reach
thermal equilibrium at 4000. The + 0.001° temperature fluc-
tuations in the bath were recorded sharply on the thermistor
and no other fluctuations were manifest. The temperature of
the thermostatted bath was increased in 19 steps to SOOC and
resistance-temperature measurements carried out as before.
From five figure log tables the values of log R and -~ were
calculated and the average values at each degree steg deter-
mined. The section of the calibration table shown below
indicates the constancy with which the thermostatted bath was

mgintained and the accuracy with which small temperature fluc-

tuations were recorded.
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Temp.on Resist. Deflec~ Corrected Absol. 1

Beckman ohms tion Resgistance temp. T log R
3.428 906.3 =~ 2 906.340  318.715 3137598 2.9572787
3.430 906.3 +10 906.229  318.717 3137579 2.9572379
3.432 906.3 +19 906.164  318.719 3137559 2.9572068
3.433% 906.3 +24 906.129  318.720 3137550 2.9571900
4.702 872.3 -19 872.418  319.989 3125179 2.9407246
4.700 872.4 - 9 872.456  319.987 3125127 2.9407435
4.700 872.3 -15 872.393 319.987 3125127 2.9407122
4.700 872.3 -~ 9 872.356 319.987 3125127 2.940693%8
4.700 872.4 - 2 872.41% 219.987 3125127 2.9407221

The second and third decimal. places in the corrected resistance

measurements were given by the deflection from absolute balance.

A change of 0.7 ohms produced a deflection of 16 mm.

The plot

of log R against 1on very large graph paper gave a straight

line over the calibration range with a readable accuracy to

0.001°.

of the two thermistors used.

(b.iv).

Thermistor Arrangenent.

This calibration was carried out separately for each

A two-thermistor arrangement (Fig.11) was adopted to

measure the efficiency changes.

"he reaction chamber was

12 cm. long by 2 cm. internal diameter with the catalyst bed

located at the centre.

The thermistors sealed into B.24 and

B.19 sockets with polythene, were situated as showm in direct
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line before and immediately after the catalyst bed. Since

the reaction chamber was immersed in the bath the leads from

the bottom thermistor were encased in a glass sheath.

A two-thermistor system was preferred to a one-

thermistor system for several reasons, viz:

1.

The one-thermistor system where the element is placed
after the catalyst bed assumes that the temperature
before the catalyst bed of both H,0 and H,0, streams
is the same. This requires that each stream is
heated to exactly the same temperature which in fact

was not quite achieved.

One thermistor does not allow the temperature of the
incident stream to bte continually checked during
decomposition. Texperature difference is therefore

based on a pre-decompogition value.

It was convenient to have o regular check on the
thermistors by compering them with one another to
guard against breagkdown of one of them. As mentioned
above a variation in the etability of s thermistor
need not alter the slope of the calibrgtion line.

If therefore thermistors with similar compcsition are
used (i.e. with parallel calibration lines) an altera-
tion in the characteristics of either causes =z regular
glteration in the temperature differences measured
under a given condition. Such checks were carried

out regularly. After 18 months a deviation in



49.

resistance had occurred at 45°C and 100 mls a minute
flow which gmounted %o 0.1370 expressed as a tempera-
ture difference. Since one thermistor read higher
and the other lower by approximately the same amount
the temperature recorded by each thermistor altered

by only 0.068° during that period.

(b.v) Temperature Control of Flowing Substrate.

The temperature control of the flowing substrate was

found to vary with rate of flow.

Water at 60 mls/minute was passed through the heating
coil and reaction chamber. At thermal equilibrium resistance
was established on one of the thermistors and the deflections
produced on the scale noted over a considerable period. At
this rate of flow the temperature fluctuated with a range of
0.003 degrees (Pig.12a). The fluctuations were decreased
ten times when the rate of flow was increased to 100 mls per
minute (Fig.12b). Subsequent rate measurements were carried
out at this rate of flow since this degree of control was in

excess of the temperature differences likely to be measured.

(b.vi) Calibration of Flowmeters.

The flowmeters were calibrated by measuring the
volume of water passing through in a given time. The volume
was measured at 20°C but the meters were run at room tempera-

ture 18°C + 2°.  The actual volume flow through the catalyst
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chamber requires to be adjusted by the density ratio because
of the higher temperature in the experiments. This increases
the flow at 40°C by 1.0% above the flowmeter indicated volume
and by 1.35% at 50°¢. The small increase of 0.35% in the
flow rate through the bed was allowed for in considering

results at the two temperatures. Its effect was in fact

unimportant.
(e) Complete Apparatus

The apparatus finally used is shown in Fig.13. The
complete assembly was built in Pyrex glass with short sections
of polythene tube to give flexibility. Polythene is com-
pletely inert to H,0, solutions. The stock of H,0, end H,0
was contained in two 15 litre glass bottles with ground glass
stop-cocks. The stock bottles were joined to the nitrogen
pump reservoirs by short sections of 7 mm polythene tube
welded to the glass to give firm adhesion. The nitrecgern
pump reservoirs were glass cylinders 1.5 meters high end 3 cm.
internal diameter, containing the uptake pipe and link from
the nitrogen cylinder. The uptake pipe - a 7 mm. internal
diameter pipe with a B.10 Jjoint in the middle -~ led into the
constant level tanks which were supported 2.5 meters above
the bench on a Dexion iron frame. The 10 litre constan®
level tanks were joined to the downtake pipe through a ground
glass stop-cock and B.10 joint. The overflow from the over-
head tanks led back to the stock bottles. A B.10 joint

joined the 5 mm. internal diameter downtake pipe to the liquid
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flowmeters. The sections on either side of the flowmeters
were of 5 mm. polythene tube. This gave necessary flexi-
bility at this point and allowed the rate of flow to be
controlled by screwclips. The flowmeters were joined to
the heating coils by a B.10 cone and socket. On the H,0
line a three-way stop-cock immediately before the heating
coil allowed a flow of distilled water to be passed through
the reaction chamber &t the end of the run. Stop-cocks and
joints were entirely free of grease. The heating coils
consisted each of 5 meters of 5 mm. internal diameter tube
joined to the mixing device by a B.10 cone and socket. The
reaction chamber was connected to the mixing device by a

B.7 cone and socket.

(a) Experimental Technique.

- w— w— Gmee e - ey

The apparatus was loaded with ﬂ202 golution and H20
at the same pH and ionic strength. The rate of circulation
was adjusted so that solution could be removed at 100 mls

per minute without disturbing the constant level.

H,0 at 100 mls/minute was passed through the reactiom
chamber and the Variac adjusted to give thermal equilibrium.
When this was reached the resistance measurements of both
thermistors were noted at regular intervals while H20 was
passing through the system. When the initial tempersture
difference had been definitely established the H,0 was

replaced by H20 flowing at the same rate. 30 seconds after

o
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the change the resistance variations in the top thermistor
were regularly noted at short time intervals. Following

the initial rapid efficiency changes the variations become
slower and the resistance of each thermistor can be easily
recorded. This was continued until a final steady efficiency
state was reached. The test was completed by re-passing

H20 to ensure that the catalyst system had returned to its
initial state, that the ambient temperature had remained
constant and that the thermistors had not undergone any change

during reaction.

On completion of the test distilled water was passed
through the system for a time to ensure complete removal of
reactants adhering to the catalyst surface. The catalyst

was allowed to remain in distilled water until the next test.

From this procedure an accurate determination of the
variations in temperature difference can be obtained during
the whole test except for the period immediately following
the change from HZO to H202. Rapid changes occur during
this period so that the resistance variations of only one
thermistor can be successfully followed. Several manual
methods were tried unsuccessfully to improve the measurement
of temperature difference during this important period. For
example a three-position switch was incorporated into the

gystem so that either element could be quickly brought into

the circuit.
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Congideration of the temperature differences involved
however indicated how this could be successfully accomplished.
When H20 is passing through the system the temperature of
both thermistors remains constant and the resistances of the
thermistors can be individually measured. Ideally replace-
ment of the H,0 by dilute H,0, under the same conditions
should not affect the temperature of the bottom thermistor
so that attention can be concentrated at first on the top
element and the temperature differences calculated from an

assumed constant initiagl temperasture.

In the present apparatus this condition was complicated
since individual heating coils were used. As a result the
initial H202 entering the reaction chamber was at a slightly
higher temperature than the subsequent solution, since a
volume equal to the volume of the H202 heating cecil remained
static in the heating bath during the passage of H20. In
addition the length of the H202 coil was shorter than the H20
coil so that the temperature of the H202 stream was slightly
below that of the H20. The temperature differences taking
place in the bottom thermistor, following the change H20 to

H202, should therefore involve a small drop preceded by a

slight rise.

Experiment verified this completely (Fig.14) giving
excellent reproducibility and it was justifiagble to assume
that this patterm occurred in all runs so that immediately
following the change H20 to H202 attention could be focused
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on the top thermistor and the subsequent temperature measure-
ments corrected using the temperature fluctuation curve of

the bottom thermistor.

As a result the temperature differences during this
important initial period were accurately determined giving
complete coverage of the whole reaction period without
recourse %to electrical recording methods which would have

sexriously complicated the technigue.

(

®

) Initial Trial of Efficiency Apparatus.

The first test run on the apparatus was made with a
silver wire catalyst which was chosen tc be free from slow
changes with time. The results showed very well the degree
of reproducibility achieved. The two runs were carried out
on successive days the catalyst being stored in water over-
night. The temperature rise on each run was the same
0.675 + 0.001° each being constant within the indicated range
for a period of 25 minutes measurement. Data for the tests
are [?205 = 0.%36 M, temperature = 45°¢, ionic strength =
0.001 and flow = 100 mls/minute. These figures demonstr-
ate that changes of efficiency of the order of 1% of that

measured could be detected with certainty and precision.
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(£) Experimental Verification of Adigbatic Behaviour

The validity of the assumption that the temperature
rise indicated by the thermistors was a measure of the heat
release in the catalyst zone - and hence the amcunt of

reaction - was tested in the following szperiment.

In place of the catalyst a tangle of 46 gauge
insulated constantin resistance wire (of total resistance
10 ohms) was placed in the reaction chamber. The ends of
the wire were soldered to 25 gauge insulated copper wire,
the soldered connection being insulated by an adherent
coating of wax. The wire leads were brought out of the
side arm (Fig.15) and passed through a 40 ohm rheostat and
a substandard Sangamo-Weston ammeter to an 18 volt battery.
The rheostat could be adjusted to give & range of current
up to 1 amp which was calculated as sufficient tc dissipate
heat in the resistance wire to raise the temperature of the

flow of 100 mle per minute by about 1.5%.

The experiment was carried out by first bringing the
apperatus to equilibrium at 4500, The registance of the
top thermistor was read first with no current in the
resistance wire and then with 0.4 %o 0.8 amps in 0.1 amp
steps. Very steady and reproducible thermistor reesistances
were obtained at each current setiting. Over the range of

one degree in temperature rise the graph of AT against _;?,
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where 1 1s the current in amps, was perfectly linear,
pasgsing through the origin with a slope almost equal to the
theoretical value. Fig.16 shows the line - slope = 1.546 x 12
degrees for a given current i - for a flow of 93.7 mls/minute.

The theoretical slope was calculated as follows:-

Energy dissipated/sec. in ) _ 2
the 10.0 ohm resistance )y N 108 p L Joules
2
= M—j.'. cals.
4.18
Flow of water/sec. = Qﬁ;l.mls - 23s1.% 0.992 gmns.
60 60
Temperature rise AT = 10.0 x 60 12

4.18 x 93%3.7 x 0.992 x 0.998
= 1.541 x 12 degrees
where the specific gravity of water at 45°C is 0.992 and the
specific heat is 0.998.

The experimental figure of 1.546 x 12 degrees lies
very close to the theoretical value. The greatest source of
error was the flow where + 0.5 is all that can be cleimed.
Another systematic uncertainty in this test experiment was the
arrangement of the resistance wire. In earlier tests temp-
eratures gbove and below the theoretical were obtained because,
it wgs thought, the wire was bunched unevenly. Only when a

very uniform spread was achieved was the above result obtained.

During the test the resistance of the bottom thermistor,
which was checked at each current setting, remained fairly

constant showing that there was no leak back of heat from the

decomposition zone.
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3. DPotential Apparatus and Experimental Technigque.

(a)  Apparatus.

The apparatus for measurement of electrode potentials
of Cu20 in presence of H202 under the conditions of catalysis

is shown in Fig.17.

As in the efficiency apparatus H202 and H2O were con-
tained in flasks F1 and Fz. The respective solutions were
drawn through the system by a water vacuum pump connected to
a side arm on the catalyst chamber, and a three-way stop-cock

allowed either solution to be individually selected.

The catalyst chamber (insert, Fig.17) was 15 cm long
and 1 cm. internal diameter with a B.19 socket at the top.
The vacuum pump was attached to a side arm at the top of the
chamber and an internal seal electrically connected the
substrate passing through the chamber to g reference electrode.
The catalyst in the form of wire was sealed with polythene
into an extended B.19 cone s8¢0 that the tip of the internal

seal was adjacent to the catalyst surface.

The potentizal was measured on a Muirhead potentiometer
type D-72-A used in conjunction with a Cambridge spot galvan-
ometer. All potentials were measured against a saturated
calomel electrode connected to the catalyst chamber by a

sodium perchlorate salt bridge.

The catalyst chamber and solution reservoirs were

constructed in Pyrex glass and immersed along with the
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reference electrode in a thermostatically controlled water

bath at 45°C.

(b) Experimental Technique.

The catalyst under examination was placed in position
and the assembly allowed to reach thermal equilibrium st the
reaction temperature. The salt bridge wes checked for air
gaps and the potentiometer balanced against a standard

Weston cell.

With the three-way stop-cock connected to ¥, water

2
was drawn through the system and the equilibrium potential
determined at regular intervals. When a constant potentisl
was reached the stop-cock was connected to F1 and H202 drawn
through the catalyst chamber. Immediately the change was

effected potential measurements were taken until a steady

potential had again been attained.

The test was completed by a return to initial

conditions.

4. Cleaning of Apparatus.

It was important to avoid the use of chromic acid
cleaning mixtures which are known to leave the glass slightly

catalytically active.

The method adopted consisted of first rinsing the

section with concentrated analar 32304 and washing thoroughly

with water. This effectively removed any grease adhering %o
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the glass. ¢ was next rinsed with EtOH and a few mls of
concentrated analar HNO3 were added. The resulting
vigorous reaction liberated hot nitrous fumes which were
allowed to permeate the system. The section was finally

washed thoroughly in distilled water.

Glass surfaces thus treated showed noc activity to
H,0, at 50°C as evidenced by compleie zbsence of bubbles

even after some hours standing.

5. Surface Area Apparatus and Measurement Technigue.

(a)  Apparatus.

The apparatus used (Fig.18) was a modified version of

that proposed for ethylene adsorption at —18300 by Duncanao

and Wooten and Callaway~Brown81. The mercury seals used by
the above workers were replaced for convenience by vacuum
stopcocks and a series of three expansion volumes were intro-
duced. The use of stop-cock grease introduced no diffi-

culties in the range of measurements made and greatly

facilitated the procedure.

The gpparatus was evacuated by a rotary backed mercury
diffusion pump attached to the vacuum manifold through two
liquid air traps. The total volume of the apparstus was
2,100 c.c. and it was pumped out for several days with

6 mm. Hg increased to

flaming until a pressure of 8.2 . 10
only 7.9 . 10™° mm. Hg in 60 hours. such a smell leakage

would not interfere with any surface area meagurements.
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The volumes of the various parts of the apparatus
were calibrated with dry air (the cold traps being in place)
against that of the McLeod gauge bulb used as a gas pipette.
The McLeod bulb volume had been calibrated with mercury

previous to construction.

(b) Experimental Technique.

When a sufficient vacuum was obtained and held the
expansion bulbs were closed to the manifold. A 500 mls
flask containing ethylene (99% purity kept dry over P205)
was connected to the manifold via the release tube. The
02H4 was allowed into the system and three times successively
evaporated, condensed with liquid 02 and pumped off using
the two U-tubes as alternate condensation traps to further
ensure purity. Finally the middle fraction was admitted to
the larger expansion bulb which was used as a storage vessel.
This was then closed to the manifold and the system again

pumped out.

¥ith the specimen tube isolated liquid O2 was placed
round the specimen tube and the protective U-tube, tc =
carefully adjusted height - the same as during calibration.
A little C,H, was allowed into the system (giving a pressure
of not more than 0.025 mm. i.e. insufficient to reach the
condensztion pressure when admitted to the specimen) and the

pressure measured on the MclLeod gauge by a cathetometer

reading to 0.001 mm. The specimen tube was then connected
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with the system and the pressure measured at regular inter-
vals until the equilibrium pressure was reached. This
procedure was repeated several times until the equilibrium

pressure was approximately 1.0 . 10'2 mm. Hg.

The reading of the McLeod gauge was carried out by
bringing the mercury meniscus in the capillary arm parallel
to the enclosed limb to a position near the top of the closed
capillary. The length of the trapped gas space and the
height of the open limb mercury above the meniscus in the
closed limb were both read accurately with the cathetometer
1. h1 and h2. For each reading the level was adjusted
to give independent sets of heights. The pressure was then
calculated from the equation

hy x hy\° =

P = ——£2| x 6.342 x 10°° mm.
2

which had previously been determined from tThe dimensions of

the McLeod bulb and capillary.

6. Spectrophotometric Determination of Rate of Solution of

Copper during Catalysis.

(a) General Considerations.

Dissolution of the catalyst accompanies, under certain
conditions, H202 solution phase catalysis. Under flow condi-
tions this does not affect the composition of the solution

but it is important that the relation between dissolution and

—
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catalysis be known. A spectrophotometric method was there-
fore developed for the determination of the micro amounts of
copper in the solution leaving the catalyst chamber using
sodium diethyldithiocarbamate (NaDDC) which forms a yellow

compound with cu’’.

NaDDC dissolves readily in water giving a colourless
alkaline solution. This solution decompecses on keeping and
for accurate results a freshly prepared 0.1% solution is
recommendedsz. The colour complex is formed in acid,

neutral or alkaline conditions but is best formed at pH 9

where it is sensitive to 1 part of cu™t in 50 million.

Two methods can be used for the determination of the

intensity of the complex 1i.e.
1. Extraction four times with CC1483
2. Direct estimation.

Extraction with CCl4 is the more accurate method and is
usually used in the presence of interfering elements. The
adsorption curve has maxima at 436, 294 and 272 m/u but

84

436 m/u is always chosen for analytical purposes since

interfering effects are at a minimum at this wavelength.

In the absence of interfering ions the direct estima-
tion although less accurate is quicker and less laborious.

83 clear aqueous solu-~

As shown by Moseley, Rohwer and Moore
tions may be obtained for such determinations by the addition

of a protective colloid which prevents coagulation of the



complex molecules.

As no interfering metal ions were expected the direct
method was adopted. The intensity of the colour complex
was measured on a Unicam Spectrophotometer S.P.600 which
gives accurate colorimetric measurements within the visible

and near infra-red regions.

The adsorption of monochromatic plane polarised light

in an isotropic medium is given by

1. Lambert's Law

~8 o< 1

ax

where I 1is the intensity of the light beam
and x 1is the distance traversed by the light

through the solution

2. Beer's Law

'-@-D<I

de

where ¢ is the concentration of the adsorbing

material.

In the integrated form these two laws can be combined to give

light transmitted through distance 4 _ o gded _ 10™ £ cd
incident light

where d is distance in cms., ¢ is the concentration in gn.

molecules per litre and € is the molar extinction coeffi-

cient. The quantity (€ .c.d) i.e.
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light incident
ght transmitted

o810 3

is called the optical density and is the quantity measured

on the spectrophotometer.

If the above treatment applies then optical density
in a cell of given length should be linearly dependent on

¢ the concentration. This was first tested.
Three solutions were prepared, viz.,

1. a series of copper solutions containing known amounts
of cut’ by dissolving approximately 0.12 gm. of pure
Cu0 in a little concentrzted HCL, making up to 250 mle
end diluting this tenfold %o give a solution contain-

- 4=

ing approximately 0.04 gm. pexr litre of Cu ,
2, a 0.1% solution of NaDIC,

3. a 1% solution of gum acacia prepared according to the

85

method suggested by Zinzzde in which the gum is

dissolved in distilled water at 50°C.
The solutions prepared for analysis contained

(1) 10 mls of Cu’’ solution

(1i) 5 mls gum acacia solution

(iii) 5 mls NaDDC solution

(iv) NH4OH until pH was approximately 9 (using a test paper)

(v) H.O to make total volume up to 50 mls.

2

and the analysis was carried out in 1 cm. cells at a wave-

length of 443 m,u against blank solutions of gum acacia,



65.

RaDDC and ammonia. This wavelengtn was chosen since
examination of a standard Cu'’ solution over the range 200 m/u

to 900 m A (Fig.19) showed maximum adsorption at 443 ™.

The results obtained (Table 1) showed strict linearity

Solution Copper present Optical
per 50 mls Density
1 0.377 . 1070 gnms 1.06
2 0.189 . 10™° gms 0.536
2 0.094 . 1070 eus 0. 257
4 0.Q4T . 107> gng 0. 12%
5 0.024 . 1072 gns 0.051

Table 1. Optical density figures for a series of su't solu-
tions. The results show that optical density
varies linearly with [bu+f],

for the relationship between optical density end coucentration
and the resulting line was used as a calibration curve. It
was found that pH did affect the optical density but this
effect was not critical and the rough adjustment to pH 9 was

adequate to secure reproducibility.

(b) Preparation of Soluticns for Analysis

A series of tests on this subject were carried cut and
several important conclusions derived from the results

(Table 2.). These conclusions are:-

(i) Comparison of tests 1 and 2 show that the presence of
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Test

Test solutiocon

Optical density
using as a blank

Optical density
using as a blank |

10mls standard

cu't solution
5Smls gum acgcia
NH4OH

5mls NaDDC

H20 up to 50mls

10mls standard

++ ’
Cu solution

10mls 2M H202,

pH=4.5,/ =0.001

5 mls gum acacia
NHOH

5 mls NaDDC

H,0 up to 50mls

iCmls standard
cutt

conc.HCl evapor-
ate to dryness
and take up in
dilute HC1

Smls gum acacia
NH4OH

5mlg NaDDC

HZO up to 50mls

golution

10mls standard

s :
Cu solution

10mls 2M H2029

pH=4.5,/u=0.001

conc.HCl evapor-
ate to dryness
and take up in
dilute HCl1

Smls gum gcacia
NH,OH

5mls NaDDC

HQO up to 50mls

a)

b; Smls gum acacia
c) NH40H

d) 5mls NeDDC

e) H,0 up to 50mls

1.1

1.09

a)

3

d)
e)

10mls 28 H202,

pB=4.5, ;a=0.001
Smls gué acacia
NH40H

5mls NaDDC

H20 up to 50mls

1.1

1.09




(ii)

(1ii)

H202 prevents the full development of the complex.
Although this effect is small at the test fu*Y it
became appreciable in the smaller @u+ﬂ renge
expected from catalysis. It was therefore necessary

to remove‘Hzoz before testing for cu’r,

The most successful method for the complete removel
of H202 from the Cu ' containing substrate consisted
of evaporating the solution to dryness. The method

was as follows:-

(a) A little concentrated HCl was added to the cu'™

containing H,0, solution to convert the ot 1o

soluble chloride.

(b) The solution was evaporated to dryness in = Pyrex
beaker on a water bath and the residue taken up

in a little dilute HC1l.

(¢) Gum acacia, NaDDC and WH,OH were added as in the
calibration method and the solution made up to

50 mls.

Comparison of Test 3 with Test 1 shows that the
gvaporation procedure gives an accurate estimation of
cu’’ present and Tests 3 and 4 show that the H202 is
completely removed by this procedure giving
reproducible Tresults.

H202 has no effect on the adsorption of cu¥¥ free

solutions which are used for blanks. There was of
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course no reason to include H2O2 in the blank when
following out the procedure of Test 4 which was the

one adopted.

T. Polarographic Detection of Stennate in H202.

The H202 used in the kinetic experiments was prepared
from 86% w/w material. This materizl can be stabilised by
the addition of small quantities of sodium stannate which
when present as colloidal particles adsorbs foreign metal

ions.

The exact effect of sodium stannate on a catalytic
system is not precisely known but it dces reduce the activity
of the catalyst. This is probably due to the formation of
adsorbed stannates on the surface of the catalyst. As a

result the H,.0, used for kinetic measurements must be free

2-2
from parts per million of sodium ghHannate. Although the
H202 used for the present investigations was supplied as
unstabilised, it was considered necessary to test each
consignment for traces ¢of tin as this was the only impurity
which could ss a result of an erroir in consignment appear in

the material supplied.
For the polarographic estimgtion of Sn in H,,C2 three
points were considered viz.,

1. Complete destruction of H,0,

2. Composition of sultable supporting electrolyte
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3. Preparation of standard Sn solution.

1. Complete destruction of H202 is essentigl in polaro-
graphic work since at -1.3 v. a rapid increase in
potential occurs due to the reduction of H202 according to

the equation

+
H202 + e+ 2H = ,2 H20

as suggested by Heyrovsky87. The method sdopted was similax

to that employed in the determination of cu™ i.e. the H;0,
containing solution was evaporated to dryness and made up

to a standard volume.

2. Although the standard potential of the Sn++++/Sn++ ion

couple is -0.1 v. vs. the standard calomel, the spt Ty
ion is not easily reduced at the dropping mercury electrode
because of its tendency to complex. These complexes are
either too stable or are reduced too slowly to permit the

occurrence of a wave.

88

According to Lingane such complexing takes place

in electrolytes such as NaOH, acid neutral or basie tartrate,
and in acidic oxalate. Previous experiments by Lingane89
showed that & poorly developed wave could be obtained from

tin solutions supported by 1 M perchloric acid containing

0.5M NaCl. Since no wave was detected in solutions contain-
ing only perchloric acid Lingane suggested that the hezaqua-
stannic ions formed in chloride free solutions were replaced

+44

by a mixed aguachloro complex e.g. Sn(H20)401 whose rate




,-!,0’

of reduction was faster than that of the hexaquastannic ion.
As the concentration of the Cl° ion was increased from 0.2 M,

Lingane?©

showed that the reduction wave increased in height
until at 4 M a well developed doublet of constant height was
obtained i.e. the progressive conversion of the hexaqua
complex into a series of chloro complexes culminating in
SnCl6" s Since the height of the first wave of the doublet

at chloride concentrations above 4 M was & of the total

4t “

height, the first stage was identified as Sn to sn*

followed by sn** to sn.

A tin solution containing 4.28 p.p.m. Sn was therefore
prepared in a solution containing 4 M NH4CI, 1 M HC1 and
0.005% gum acacia. From this solution the reduction steps

++4+4+

Sn to sn*’

at half-wave potential of -4.6v vs Hg electrode

and Sn” ' to Sn at half-wave potentigl of -2.5v vs Hg electrode

were easily detected (polarogram 1 Fig.20) and showed no
deterioration with time. In addition an 3202 solution con-
taining the same amount of Sn (present as sodium stannate)
was subject to the decomposition technique and made up to a
standard solution as above. Polarograms from this solution
(2, Fig.20) demonstrated that the decomposition technique
allowed an accurate estimation of the Sn present since the
height of the individual steps in polarograms 1 and 2 were

equal.

z, For a quantitative estimation of tin, standard sn****
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solutions are recommended for calibration rather than sn*?*

solutions. Polarograms 1,2,% and 4 Fig.21 show a

4

progressive decrease in the sn*" to sn step depending on the

age of the prepared sn*t solution. It is probable that the

++

Sn ion is hydrolysed on standing forming a compound which

is too stable to be reduced at the dropping mercury electrode.

Applying the procedures detailed above each peroxide
solution used for kinetic measurements was tested for the
presence of tin. In 2ll cases no tin above approximately
0.1 p.p.m. was detected. This figure represents the ultimate
sensitivity of the available polarograph since 4.28 p.p.m.

+4+4++

Sn gave a Sn to sn** step of 3.5 cm. at maximum

sensitivity.
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MATERIALS

1. Hydrogen Peroxide.

The peroxide solutions used were prepared by dilution
of 86% w/w high test peroxide obtained pure from Laporte
Chemicals Ltd. in one gallon polythene containers in which
the material was kept until required. As reported above
each consignment was carefully tested for acecidental contam-
ination by stannate the commercial stabiliser and a serious
inhibitor in catalysed reactions. The concentration of the
diluted sclutions was estimated by titrating against stsndard
potassium permanganate, and alterations in the pH were made
by the addition of standard sodium hydroxide and perchloric
acid solutions prepared from analytical grade reagents. The
ionic strength of the H202 golutions and other solutions used
were adjusted with sodium perchlorate. Since this reagent
could not be obtained analytically pure, several crystallisa-
tions were carried out until the main impurity - chloride -~

had been removed.

2. Catalysts.

(a) Cuprous oxide

The cuprous oxide used for the catalytic decomposition
of Hzo? was obtained by partially oxidising copper wire. A
rigid adherent layer suitable for use under liquid flow condi-

tions was thereby obtalned.



Many early conflicting views were expressed on the
composition of the oxide film formed by low temperature
oxidation (200°C) before agreement was reached. In 1922
Nigg1191 recognised the cubic form of the cuprous system
from the diffraction pattern produced from such an oxidised
copper foil. A year later Hinshelwood”? and Constableg3
suggested that the oxide formed in tinted films between
200°C and 300°C were entirely cupric oxide. In 1930 G.P.

Thomeon94

examined the electron diffraction patterns produced
from copper and oxidised copper. No rings were cobserved
from a highly polished surface. If the specimen was left

in air at atmospheric pressure for about an hour faint rings
could be detected which if left for 24 hours under the same
conditions became meésurable although gtill blurred. The
intensity end clarity of the rings were greatly improved 1if
the specimen was heated gently in an electric furnace until
the copper underwent a considerable change in colour. The
size of the rings produced from such an oxide were in the
ratio J2.99 : J4.09 : J11.0 : [18.8 which suggested
a face centred cubic structure of side 4.21 K. This value
was in agreement with those previously suggested for the
dimensions of the cuprous oxide lattice. When the polished
blocks were heated on red hot brass and allowed to cool in
air the diffraction pattern indicated an oxide of unlkmown
structure. Later Murison95 identified the oxide as a

mixture of cuprous and cupric oxide and showed that if s

specimen was heated between 300°C snd 500°C either Cu,0 or a
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Cu20 - Cu0 mixture was equally probable. The Cu,0 - Cul
mixture was almost exclusively formed if air or 0, was blown

through the furnace during heating.

More evidence for the support of cuprous oxide forma-
tion was supplied by Darbyshire96 who after cleaning copper
foil with fine emery paper heat tinted it in a bunsen flame.
The oxide film formed was removed electrolytica11y97 and the
electron diffraction pattern examined. The values obtained
indicated the cubic Cu,0 system and gave a unit cell dimension

)
of 4.26 A, The values obtained by Daerbyshire were substanti-

98

ated by Preston and Bircumshaw”  who found Cu20 only in films
produced on copper in the air gt ordinary temperatures and in

the air at 100°¢C.

It appears therefore that at temperatures below 200°¢
the oxide formed by heating copper in air is almost exclusive-
ly cuprous. If the temperature is lincreased 1o bztween 300°C
and 400°C a proportion of CuC is obtained which increzses if
air ox O2 is blown over the surface. A wholly Cu0 surface
film is never obtained except at temperatures gbove 600°C but
continued heating at lower temperatures will increase the
proportion of the cupric form as the thickness of the cuprous

film increases.

In a flow system where cestalysis is accompanied by the
evolution of gas it is essential that the gas be removed
immediastely from the catalyst surface so that the surface area

exposed to the substrate remains constant. A catalyst bed
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consisting of several layers of oxidised copper gauze was
found unsuitable since gas bubbles were trapped between the
gauzes. The form finally adopted consisted of a collection
of oxidised copper rings supported on a single oxidised
copper gauze. The rings were made from 20 gauge 'Specpure’

copper wire bent into circles 5 mm. diameter.

The components of the catzlyst bed which were degreased
by refluxing in CCl,, were oxidised in a furnace at 170%¢
until the first change in colour took place. The oxide skin
was then reduced by heating in an atmosphere of H2 at 400°%¢
and reoxidising at 170%¢C. Successive oxidation and reduction

produced an sctive oxide surface.

() Nickelous oxide.

T e IR M e emwe  cla e

As in copper the catalyst was prepared from 20 gauge
'Specpure’ wire bent into 5 mm. diameter circles. A black
Ni0 film was formed on the degreased nickel rings by alter-
nate oxidation at 300°C and reduction in H, at 400°C. Oxida~
tion below this temperature produced a thin almost invigible

oxide layer.

According to Briggs, Jones and Wynne—Jones99 a smooth
adherent oxide layer of varying thickness can be produced on
nickel by electrodeposition on the metal from a solution
containing O.1N NiSO4, 0.1N Naic., and 0.001¥ XKOH at 25°¢.
Variations in the anodic-cathodic cycling sequence were shown

to affect the thickness and sdherence of the deposit.
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NiO was initially prepared according to this method
but the process was discontinued since even the most strongly
deposited film was easily removed. A short section of wire
half of which was oxidised in this way was immersed in 1.5 M
H202 at pH 4.6 and 45°¢. A vigorous evolution of 0, accom-
panied the almost instantaneous removal of the oxide.
Subsequent decomposition which was very small came only from

the section which had been anodised.

(e) Cobaltous oxide.

. AR MRS e s e weee e

The Co0 was prepared from degreased 'Specpure’ 20
gauge cobalt wire, by alternate oxidation at 300°C and
reduction in H, at 400°C. The catalyst was employed as

above in 5 mm. circles.
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RESULTS

Cu,0/H,0, System

1. General.

The amount of H,0, decomposed per litre (A ¢) by
the catalyst as measured by the temperature difference

(A T) between the thermistors has been taken as a direct
measurement of the efficiencies of the catalyst under the
conditions of the experiment. It is necessary at this point
to refer again to the relation between A C and A T. Using
the fact that decomposition of 1 mecle of H202 in 1 litre of
aqueous solution will raise the temperature by 23 degrees if
the experiment is carried out adiabatically then

AC = AT moles per litre
25

In all the experiments the flow was standardised at 100 mls
per minute so that 10 minutes are taken for {1 litre to pass.
This is highly relevant to the assignment of a magnitude to
"catalyst efficiency" as are such questions as the form of
the catalyst surface and the methed of bed packing. All
these factors were constant throughout the kinetic experi-
ments and 1t is justifiable therefore to regard AC as a

measure of efficiency.

In later treatment of mechanism, efficiency has been

designated as r (or rate of decomposition); zx ahould of
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course be referred to a well defined zone in the catalyst
bed since [ﬁ;éé] changes along it. Since this concen-
trattion change is small however (8% in the low EE;@;] zone
and 1.5% for 2M H202) it appears reasonable to regard the

whole catalyst as at one uniform condition.

The error in doing so in the low Ezog region may
&

be demonstrated. First however a relation between efficiency

and concentration must be assumed. In this region 1ist.
order is the obvious agsumption. Then at a given point along
the hed
rate = k,c {1)
where ¢ is the |H,0,| at this point end
rate = =3¢ (2)
dt

is the fall in concentration when the solution advances an

infinitesimal amount farther up the bed in a time 4t

-dc
at

i.e.

k,c (3)

Integration gives

-1ln ¢

k,t + constant (4)

and if c; is The concentration leaving the catalyst bed at

time %t , then when t = O

constant = -ln Cy

where C, is the concentration reaching the catalyst.
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c
1n39- k.t
t
constant at constant flow.

]
i

k, since % is a

This equation may be put in terms of l§cT

ZlcT

1.@ -lnf1 -
Co

= Kk

2

‘

where ZlcT is the concentration change over the whole

catalyst. This gives, on expanding the left hand side

2 3
ACT\ =3 Beg

Ae
T+

1
Cy 2 c, / é' c

+ L. = k2
(0}

It is clear that an error of at most only 4% is caused by

neglecting all except the first term in the expansion sc¢ that

chT = k,c

or at any point in the bed
Ac = k,c (5)
which could have been derived directly from (3) by putting

de ‘= Ne

1.8. Ne = k1c . dt = k2c

The conclusion is the same if other kinetic processes (i.e.
zero order or fractional orders) are assumed to connect rate

at any point in the bed and concentration.

The results are presented with the efficiency, r ,
AT

230

in terms of moles per litre per minute i.e. » but in
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many of the graphs AT is plotted directly as a measure of
efficiency. Fig.22 is a typical example of the changes in
AT with time for Cu,0 catalysts. The process of arriving
at AT from the thermistor resistance readings is illustrated
in Table 3. The log R value in columns 5 or 6 is applied to
the very large scale straight line calibration graph to give

1 values (columns 7 and 8).

s

2. Stability of Catalyst and the Degree of Reproducibility

Obtainable.

The kinetic work on Cu20 catalysis was carried out
on one charge of catalyst which was left in the reaction
chamber between tests submerged in distilled water. Previous
investigations had shown that the catalyst always returned to
its initisl state after removal of H202 (i.e. on replacing
H,0, solution by the distilled water) an observation fully

substantiated during subsequent tests.

The difficulties associated with reproducibility in
heterogeneous catalytic systems are notorious. Many of
these difficulties were avoided using one charge 9f catalyst
which never underwent any permanent alteration in activiiy,
and a remarkable degree of reproducibility was obtained.
Fig.22 and 2% 1llustrate this achievement. In Pig.22
efficiency results obtained at both high and low Eﬁéoz are

shown. These results were not obtained on successive runs
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01. 1 2 3 4 5 6
Corrected resistance ohms
Substrate Rate Entrance Exit
: Thermistor Thermistor
mls/minute R, R, Log R, TLog R,
BZO 100 941.018 778.882 9735979 8914717
941.018 778.87 9735979 8914650
940.994 778.74 9735868 8913925
H202 100 767.82 8852594
765.52 8839565
765.4 8838885
765.49 8839395
765.94 8841948
768.21 8854800
769.94 8864569
0 § 8 9 _ 10 11
: T , r, AT
314999 314679 317.461 317.784 0.323
14999 314679 317.461 317.784 0.323
‘ 314673 317.461 317.790 0.329
314202 317.455 318.267 0.812
314107 317.465 318.363 0.898
314100 317.473 318.370 0.897
314105 317.462 318.365 0.903
314123 317.428 318.3%47 0.919
314220 318.249
314295 317.456 318.174 0.718

Table 3.
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but were interspersed over a period of 2 years. In Fig.23
variations in catalyst efficiency under identical experimental
conditions are shown for two tests separated by a period of

18 months during which extensive studies were carried out on
the catalyst under various conditions. The results
demonstrate the stability of the catalyst and the high degree

of reproducibility obtained in the main features viz.,

(i) The iritial peak efficiencies are 0.600 and 0.600

respectively.

(1i) The initial peak is followed by a fall in efficiency
reaching 0.395 in 10 minutes (Pig.23a) and 0.352 in
9.5 minutes (Fig.23%b).

(iii) After the minimum,efficiency slowly recovers to a
higher constant value. In 2%a it reaches 0.870 in
55 minutes, a recovery of 0.235, and in 23b it

reaches 0.768 in 65 minutes, a recovery of 0.200.

Although the used catalyst exhlbited a slight tendency to »
remain in a less active state (the rate of poisoning wes E
faster and the rate of recovery slower) the effect was so i
small even over the extended period of 18 months that it can ;
be neglected, and thg catalyst regarded as stable and
reproducible from one run to the next. Even in the low
[oné] zone where such effects become relatively more import-
ant the differences in cafalytic efficiency over 2 years were

very small. At 0.1 M typical runs gave final efficiencies

of 0.19° and 0.165° i.e. a difference of only 0.025° over
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2 years.

3. Scope of Experimental Investigations.

The investigations covered the separate effect on

2
ionic strength, rate of dissolution of copper and temperature

efficiency (i.e. AT) of the five variables, |H qgj, PH,

in the range 40°Cc - 50°cC. In addition a study was made of
the surface during caftalysis by potential measurements, and
the surface area of the catalyst determined by ethylene

adsorption. The various studies in this section were thus:-
(i) the effect on the efficiency of [g;égl at constant
ionic strength, temperature and pH

(ii) the effect on the efficiency of ionic strength at
constant rﬁééé] , temperature and pH

(ii1) the effect on the efficiency of temperature at

congtant ‘E;OZ s, ionic strength and pH

(iv) the effect on the efficiency of pH at constant

Ezg , 1onic strength and temperature

{v) the relation between efficiency and catalys®

dissolution
(vi) the characterisation of surface composition

(vii) surface area determination.

The H2ég] effect was studied from 2 M to 0.025 M.
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Variations in the @03 over this range revealed two
distinct zones of behaviour, one operating above and the
other below an EZOE of 0.25 M (Fig.24). Above 0.25 M -
which shall be referred to as the "high Hzé;] zone" - a
regular pattern of efficiency changes were observed, but
below 0.25 M - the "low [E;é;] zone" - a more or less steady

efficiency was maintained from first exposure.

For purposes of presentation the effect of the
variables given above will each be dealt with, with reference

Y0 these separate zones i.e.

(8) 2M to 0.25M H,0, - high Ezoa zone.
(b) 0.25 M %o 0.025 M H202 - low [§;9§1 zZone

4. The Effect of [E;égl on the Catalyst Efficiency.

(a) 2 M to 0.25 M

As mentioned asbove characteristic changes fook
place in the efficiency of the catalyst while in prolonged
contact with H202 above a concentration of 0.25 M. These
changes were as follows (Fig.24, 2 M curve).

(1) Immediately the water was replaced by H,0,, point 4,

the efficlency increased rapidly to s maximum value

- section BC.

(i1) The initisl peak value was followed almost
immediately by a relatively slow fall in efficiency
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to a2 minimum value - section CD.

(iii) The minimum value was followed by a slow increase in
efficiency which finglly reached a second maximum -
section DE. A feature of this slow recovery
process was the initial sigmoidal shape which at
high rates of decomposition was followed by a series

of intermittent leaps (Fig.25).

(iv) This maximum was maintained during further contact

- section EF.

The effect of {Eéé;] on this sequence of efficiency changes
is shown in Figs. 26,27,28,29. Variations in the Exzojg]
although not affecting the pattern of the efficiency changes

did affect their extent and rate of change, i.e.,
(1) ‘The initial increase in efficiency was not observably

2

affected by |H q;],in this range, but the peak
efficiency changed linearly with [E;OZ (Fig.30).

(14) The rate of decline of the efficiency from the peak
efficiency value appeared slightly affected by
[E;égl. Table 4 shows the period of $#-deecay i.e.

Molarity of H,0, 2. 1.5 i.0 0.5

4 - decay in secs. 30 60 120 160

Tahle A
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the time in seconds for half-completion of the
decay at the different concentrations. It must be
emphasised that the g-decay periods could not be
determined with great accuracy but they do suggest

a dependence on EI;OE :

The minimum efficiency value was only slightly - but
significantly - affected by Hzéél, (Fig.30). As
the Ezog was decreased there was a slight increase

in the minimum efficiency value.

The final increase in efficiency was unaffected by

Molarity of H202 2, 1.5 . P 0.5
$-recovery in mins. 22 30 20 20

Table 5.

Molarity of H202 2. 1.5 1. 0.5
4-recovery in mins. 21 23 19 20

Table 6.

E203 . Table 5 and Table 6 show the period of

A-recovery for the total recovery process (including

the intermittent leaps) - Table 5 - and the initial
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period of sigmoidal behgviour - Table 6.

(v) The final steady efficiency (this value includes
the final intermittent leaps as well as the initial
sigmoid) which was maintained during further contact
with H,0, was only slightly affected by Ezoa (Fig.31).
There was at first a slight fall of efficiency with
increasing [Eéoé] - as in (iii) above - followed by
a marked rise which contrasts with the behaviour at

the minimum.

(p) 0.25M to 0.025 M

In this region the initial peak entirely disappeared.
The efficiency rose rapidly to a level from which it subse-
quently climbed very slightly to a constant value. This is
shown in the curve for 0.05 M (Pig.24). In Fig.37 it will
be observed that for 0.1 M at 50°C there is a detectable
tendency to return to an initial peak with a subsequent

sharper rise to the final steady value.

In this concentration region the efficiency bore a
remarkably strict first order relation with the [gzogj(Fig.SZ
and Fig.33).

Although the results obtained at 0.2% M have been
interpreted in terms of the low concentration conditions, the
0.25 M case exhibits intermediate effects and must be con-
sidered s borderline case between the two zones of behaviour.

It does for example exhibit efficiency changes during the
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presence of H202 although to a much lesser degree than is
encountered at the high concentrations. In addition the
final efficiency lies on the first order line connecting
[géd;] and AT for the low concentration region, at a value
well below that usually encountered where normal recovery

stages are involved.

5. The Effect of Ionic Strength on the Catalyst Efficiency.

The effect of ionic strength was studied over the

range /u = 0.0001 to /u = 0.01 where /u y the ionic

strength, is given by:-

/u 2 ﬁzc %2

where ¢ = concentration in molglities

z = charge carried by the individual ions
¥or a single uniunivalent electrolyte like sodium perchlorate

Cc

/u

(a) 2 M to 0.25m

e e o e e aww e esis

The results (Fig.34) give no indication of depend-
ence on /u since a hundred-fold increase in the ionic
strength E;Oduced no significant increase in the efficiency

of the catalyst or in the rate of dissolution of the catalyst

(copper dissolution is dealt with below).

Although the minimum efficiency appears tc decrease
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with decreasing ionic strength the effect is negligible
compared with the variation of ionic strength. The effect

on the final steady efficiency is also negligible.

As in the higher concentration region, ionic strength
produced no systematic effect on the efficiency of the

catalyst. (Fig.35).

6. The Effect of Temperature on the Catalyst Efficiency.

The effect of temperature on the processes is shown
in Figs.36 and 37. In both concentration zones the effect
is quite clear both on the efficiency values at the peak,
minimum and first steady values and on the rates of the

changes in efficiency.
The results are correlated by use oi the equation

"
2.3 R.¢T

log1o(eff1ciency) = % congtant

in which EA is the apparent energy of activation of the

process. Its significance will be discussed later.

(a) 24 to 0.25M

(1) At the initial peak efficiency, the plot of
log(efficiency) against — (Pig.38) is linear snd
T

the slope gives an sctivation energy of 16.5 kecals.

(ii) The decline from the peak efficiency to the minimum
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efficiency was not significantly affected by tempera-
ture. Indeed, if the half-time of the decay is
taken as a measure of the rate of this particular
process, temperature has practically no effect

(Table 7). On the other hand if the tangent to the

Temperature | Half-time of Decline | d(efficiency) peak
°¢ secs. at
40 ' 40 1.2
45 30 1.8
50 30 22
Table 7.

decay curve at the peak is taken then the figures
given in Column 3 (Table 7) are obtained, where the
figures are in hundredths of a degree ( AT) per
second. These figures give a rough energy of
activetion of 12 + 5 kcals. (Fig.38) which suggests
that it is either the same or less than that found

for the peak rate.

(1ii) Ae in (i) an increase in temperature increased the
minimum efficiency value such that log(efficiency)
against %-, (rig.38) gave an activation energy of
19.5 kecals.

(iv) The final slow increase in efficiency from the

minimum value was affected by temperature, both in
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the rate at which it took place and in the final
value which it attained. The half-life periods

at 40°C, 45°C and 50°C both for the total recovery
process (ﬁncluding the intermittent leaps referred
to above which became quite marked at 50°C (Fig.25))
and also for the initial sigmoid are shown in

Table 8. A value of 26.5 kcals. (Pig.39) was

Temperature Half-life Periods in minutes
°c Total Recovery Initial Sigmoiq
40 40 40
45 55 3
50 27 30

Table 8.

obtained for the energy of activation of the initial
sigmoid shaped section of the recovery process.
Also included in Fig.39 are the log{efficiency)
figures for the overall recovery value whick do not

differ appreciably from the sgigmoid values.

Another effect of tenperature increase which is
clearly indicated by Fig.3€ ig that an increase in
temperature decreases the time spent in the minimum

efficiency state.



(b) 0.25 M to 0.025 M.

The final efficiency value reached on prolonged
contact with H,0, was affected by temperature (Fig.37) giving
an activation energy of 11.0 keal. (Fig.39). The slight
increase in efficiency which normally takes place in this
region was also affected by temperature and an activation

energy of 6 kcal. was found for the state immediately attained

on exposure of the catalyst to H,0, (Pig-3%9).

7. ZThe Effect of pH on the Cataelyst Efficiency

The H,0, molecule in agueous solution is slightly

272
dissociated according tc the equilibrium:-

, = . +
H0, == HO," + H

The value of the equilibrium constant
v 4
 [Fo, T[]
(20

has been determined independently by Joyner

K

100 101

and Kargin
Joyner found a value of 1.78 x 10"12gm. moles per litre at
20°C and Kargin 1.55 x 10 '° gm. moles per litre at the

same temperature.

The effect of Hf] on the efficiency was exemined

at pH 4.5, 5.15, 7.7 and 8.0 . The results are showrn in
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Fig.40. A reduction in the [Hf] increases the overall
| level of the cyclic efficiency changes, but proportionally
the increases involved are small compared with the altera-

tions in the [hﬂ taking place. Table 9 shows that a

ﬂpH 4"5 5-15 707 800
H* moles/ |3162.0 x 10°2|707.9 x 1078 [ 1.995 x 10°8| 1.0 x 10783
litre
HO,'moles/ | 2.665 x 1077| 11.93x 107" | 423.0 x 1077 |844.0 x 107"
litre
eak AT 0.6 0.91 0.99 1.73
nimum AT 0.35 0.54 0,56 0.99
inal AT 0.549 0.778 1.300 1.545
(total)
inal AT 0.5 0.74 1.07 1.42
(sigmoid)
Table 9.

three thousand-fold decrease in the [ﬁ{l causes approximately
a three-fold increase in the peak, minimum snd finsl

efficiency values.

(b) 0.25 M to 0.025 M.

In the low concentration zone the pH effect was
studied at pH 4.5, 5.6, 6.7, 7.6, 8.5, 9.5 and 10.2 . The
results are given graphically in Fig.41 which is drawn on &

large scale to accentuate the pH effect.
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The effect of pH is small. A distinct efficiency
pattern can however be seen. A% pH 4.5, 5.6, 6.7 and 7.6
the efficiencies lie in a tight band in which the individual
values increase very slightly reaching steady levels after
approximately 40 minutes. The steady values finally
attained all agree to within 0.01 of a degree.

Above pH 7.6 a second band was obtained containing
the results at pH 8.5, 9.5 and 10.2 . In this case however
the efficiencies decrease slightly before reaching steady
values all of which lie approximately 0.05 degrees above the
steady values obtained in the lower pH range. A considerable
discrepancy arises between the two groups for the efficiency
attained shortly after exposure to H,0,- Thus at 10 minutes
the efficiency at pH 6.7 is expressed as 0.12 and at pH 8.5
as 0.235. An "iso-pH" point clearly exists at about pH 8
i.e. the pH at which there is neither rise nor fall in

efficiency after exposure to Hy0,.

8. The Rate of Copper Dissolution.

The rate of dissolution of copper was determined - as=
moles of copper per litre of effluent - at regular time
intervals under each set of conditions. Although the results
which are summarised in Figs.42 to 48 suggest that dissolution
is not directly connected with efficiency several very

interesting effects were observed. No variation in copper




dissolution was observed to parallel the efficiency changes

80 the time scale in Figs.42 to 48 merely covers the test

period.

(a)

2 M to 0.25 M.

(1) [E;qél effect.

In the presence of H,0, the rate of dissolution

e 2

decreased with increasing [EéOéy—(Fig.42)-until at 2 M

dissolution was entirely suppressed. Since

dissolution

always took place in the presence of pure water this

catalyst surface at 2 M.

result suggests that an insoluble layer is formed on <the

That dissolution is not simply comnected with

efficiency can be seen from Table 10 where a decrease in

-1;202 Rate

of Dissolution Pezak Minimum

Pinal Efficlency

moles/litre x 1076 Efficiency| Efficiency| Total |Sigmoid
1.5 M 3 0. 60 0.39 0.65 0.57
0.025 M 11 0.06 0.06 0.06 -

(11)

Table 10.

in efficiency than in rate of dissolution.

Ionic Strength Effect.

Egédél from 1.5 M to 0.025 M produced much larger variations

An inecrease in the ionic astrength from 0.001 %c 0,01



CH202]
0O = 220M
A:-1'5M
X0\
I3 C« = -0 0 :0025M
1 g pH:=45
" i \ AL 20-00)
o T WA, T=45%¢C
0 4 N
1 9 7/ N
e 7/ \\ E «+F
8 A=-—B .
:I 7t S Y o—"0
[ RS e ,—'x\u
= S— S /X ’ o YOy
5 N5 o " 4
L: 4+ “a b\ ,I’ /II
“ :- O—O\\ 5 °’ I,
iy i 8 ’ /
8 "‘ ~ [
s E f
p—— o o o o o o
l | |
REGULAR TIME INTERVALS CoverING TEST PERIOD
F16.42. THE EFFECT OF(H202]) ON THE RATE OF DiSSOLUTION OF Cu
DURING - AB =~ INITIAL CONTALT WITH WATER.
CR -DicomMPoOSITION OF H202
EF “FINAL CONTACT WITH WATER
CH202] = 20M ’
1 PH 45 o
? 6 AL
o X = 00001 E F
‘:‘ S o=20:00l ,° ’
-§7 L I T & =q.0) r x /! \
53 oA-A_—o-p?\ Twdhte ). . L. 2
¥ ¥ 1 i P ALY
e 2 \\\\\ ’ /
e oL S i
2 ) NN <4 7
Q W1 D 7! rl
0 0 O-8% O-8% 0-0%0=aK0O=a ——Q
3 C- -0
Q
- I 1 l

RecuLAR TIME INTERVALS COVERING TEST PERIOD,
Fie 43 THE ErFecT OF loNic STRENGTHONRATE OF DISSOLUTION
OF Cu IN THE HicH [H202] Zone,



96.

procduced no glteration in the rate of dissolution either in
the presence of water or in the presence of H202 (Frig.43).

Efficiency was also unsltered by this change.

(iii) Temperature Effect.

An increase in temperature from 40°¢ to,45°C to 50°C,
although producing an increase in efficiency, did not cause
any significant alteration in rate of dissoclution either in
the presence of water or H202 (Fig.44). The close similarity
between the rates obtained before and after treatment with
H202 suggestes that chipping of the catalyst surface occurs

during catalysis producing the fluctuating results usuzlly

obtained.

(iv) pH Effect.

The effect of pH is shown in Kig.45. Between pH 4.5
and 8.0 the rate of disscolution in the presence of H202
remains fairly constant at about 3.5 . In the presence of
water however the rate of dissolution drops from 5.5 to 0.5
moles of Cu x 10'6 when the pH is increased from 4.5 to 5.15.

Further increase in pH tends to reduce this rate azlmost to

Zexro.

It appears that above pH 4.5 a fairly stable catalyst
surface is formed in the presence of water. This stability
however is insufficient to withstand the eroding action of

H202 but is re-established when peroxide is replaced by water.
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C—

As above a decreaée in [?20é] increased the rate of
dissolution (Fig.42). At 0.025 M the rate actually exceeded
by about 30% the rate in pure water, but at higher [Eéé;l
there was always a tendency - increasiﬁg with iﬁcreasing

[?ZOé] - %0 suppress dissolution.

(i1) Ionic Strength Effect.

The effect of ionic strength in this concentration
zone was similar to that encountered in the high concentration
region. An increase in ionic strength from 0.0001 to 0.01
produced no increase in rate of dissolution during contact

with water or during contact with H,0, solution (Fig.46).

(iii) Temperature Effect.

During contact with water an increase in temperature
produced z decrease in the rate of dissolution, a relationship
which was re-established after catalysis (Fig.47). During

contact with H20 no significant variation with temperature

2
could be detected although the efficiency increased with

increasing temperature.

(iv) pH Effect.

In ggreement with results obtained in the high EEéoz
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zone, an increase in pH from 4.% to 5.6 decreased the rate

6

of dissolution during contact with water from 7.10 ~ moles

® moles per litre (Fig.48 a and b).

per litre to 1.10"
Further increase in pH reduced this value until dissolution

had almost ceased at pH 7.

In this [Eéoz zone the amount dissolved during
catalysis is relatively high. Contrary to results obtained

in the high [E?é;} zone, increase in pH reduced This amount

6

from 6.10"6 at pH 4.5 to %.10" " at 5.6 . Continued increase

in pH did not reduce the amount any further but it is

interesting to note that this value is similar to the steady

value obtained in the high ngqé] zone.

From the results detailed gbove the following general

results are inferred.

A. During contact with H202-

(1) Increase in [géé;1 reduces the amount of copper

dissolved until none is dissolved at 2 M.

(ii) Ionic strength does not influence the amount

dissolved.
(iii) Temperature does not affect the rate of dissolution.

(iv) Increase in pH reduces the amount dissclved to a

6

limit of 3.10 ~ moles/litre.
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B. During contact with H20

(i) The amount dissolved before or after catalysis is
independent of the amount dissolved during catalysis.
rﬁzégl has therefore no permanent effect.

(ii) Ionic strength has no effect on the amount dissolved.

(iii) Temperature has a small adverse effect on the rate
of dissolution.

(iv) Increase in pH reduces the amount dissclved from
about 6.10°° moles/litre at pH 5 to zero at about

PH 7.

C. In all cases occasional evidence of micro particles of
black oxide suggests an explanation for the wide

variation in copper dissolved especially with H202.

9. Characterisation of Posgsible Surface Composition.

The variations in efficiency of the catalyst during
decomposition of high ngé;] solutions can be explained by
the simple supposition that during prolonged contact with

H,O, a series of surface species are formed by

272

(1) oxidation or reduction to & higher or lower valency

state or
(ii) compound formation e.g. of hydroperoxide or peroxide.

If such a series of surface states existed each being
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responsible for a different caftalytic efficiency, variations
in the surface equilibrium potential might permit identifi-
cation of the various surfaces in the light of known surface

equilibrium potentials.
The potential results are described below.

The cuprous oxide electrodes were prepared by
alternate oxidation and reduction of degreased Cu wire in
the same manner as for the catalyst. The equilibrium

potential of the electrode was determined
A. in water before and after exposure to H202 and

B. throughout the whole of the catalytic period.

A. CuZO/HZO.

The potential of a freshly prepared CuZO/Hzo surface
was always found to be -0.06 volts (i.e. negative to the
S.C.E.). After contact with H,0, the Cu20/H20 half-cell
returned to a potential lying between +0.03 volts and +0.05
volts. Even if the exposed electrode was allowed to remain
in water for several days or was baked for 1 hour at 120°¢,

a negative potential could not again be obtalned.

B. (}1).20/11202 -

(a) 2 M to 0.25 M

Immediately the H20 was replaced by H202 the
potential rose rapidly to a peak value. Following the pesk
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value a cyclic change occurred which was similar to the

variations observed in the measurement of catalyst

efficiency during decomposition, i.e a decrease to a minimum

followed by an increase to a steady state.

Fig.49 shows the potential changes obtained from

successive tests on one Cu20 electrode. These changes asres-

(1)

(i1)

(ii1)

(iv)

(v)

A rapid increase in potential immediately follecwing

2O to B202.

the change from H
In each case the potential underwent the above cyclic
change. The fall to the minimum was small i.e.
approximately 0.015 volts (inset, Fig.49) dut
definite and similar in form to the efficiency fall

‘to the minimum.

A reproducible fingl steady state, preceded by an
increase from the minimum was always obtained. It

was independent of (5202 .

A slow decrease in potential followed the change

back to water.

Fig.50 shows the results obtained from a fresh CuZO
electrode and g fresh,degreased,bare Cu electrode.
The potential changes are similar in sll respecis
adding weight to the contention that the thin oxide
film always present on metals behaves similarly %o

a definite oxide surface.
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(b) 0.25 M to_ 0.025 M

In the low concentration zone (Fig.51) the change
from H20 to H202 was accompanied by an increase in potential
to a value which remained constant during prolonged contact
with H,O,. No cyclic changes in potentlial were observed
which is in agreement with efficiency results obtained in
this [%éq;l zone.

The change from H202 back to H20 was accompanied by

a slow decrease in efficiency as observed in the higher

[géé;] region.

(c) Effect_of Hzoé] on_Steady Potential Values_of

The variation with [§é§£10f the final steady potential

is shown in Figs.51 and 52.

Above 0.25 M the potential is unaffected by (%;é;]

and satisfies the relationship
e = 0.87 - 0.063 pH

This equation was found by Bockris and Oldfield102 fo express
the variation of potentisl of gold and platinum electrodes

in the E?O;l zone 5 M to 107°
was shown by Hart, Aitken and Beaton103 to apply %o Ag for

[%20é:10f 0.1 and upwards.

Below 0.5 M the potential is proportional to

M. A similar relationship
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log1o[§é9;] . (Fig 52).

(a)

A close examination of the potential was made

following the change from H2O2 to H20. The following

points were noted:-

(1)
(ii)

(1i1)

(iv)

The potential fell relatively slowly in spite of the
rapid replacement of the H,0, by H,0 (Fig.53).

Oxygen continued to be evolved even when no H202

could be detected in the electrode chamber.

The potential seemed to be related to the rate of
evolution of oxygen. In Pig.53 oxygen continued to
be evolved until point B and the increase in poten-
tial noted at point A was accompanied by an increase

in the rate of evolution of oxygen.

A cessation in oxygen evolution - point B - was
accompanied by a decrease in the rate of fall of

pctential.

A brief but rapid evolution of oxygen cccurred from

the Cu20 electrode when H20 was moved across a

surface which had been surrounded by still H20 for
24 hours after treatment with H,0,. In addition

traces of H202 could be detected in the effluent at

this point.
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(1), (i1i) and (iii) suggest that H,0, exerts two influences

on the electrode surface i.e.

2O to H202

rises rapidly due to the production of a species on

1. Accompanying the change H the potential
the catalyst surface which controls the potential.
On removal of H202 this species slowly reverts to
its previous state causing a relatively slow fall

in potential.

2. A moderately stable compound is formed on the

catalyst surface.

The following figures (Table 11) give the potential
of the Cu/CuZO electrode under the conditions of the above
experiments. The values given are referred to the S.C.E.
at 45°C. This can be corrected if necessary to the standard
hydrogen scale by adding 0.230 i.e. the potential of the

S.C.E. at 45°C relative to HZ‘



105.

- Average
Half-cell Potential Results Potential
Fresh Cu,0 in (-0.06 : -0.04 : -0.07 -0.056
Cuao/HZO
H202 treated +0.04 : +0.044: +0.054: +0.054 +0.037
Cu20 in +0.042: +0.026: +0.012: +0.03
Cu20/520
Cu,0/H,0,
(a) Peak +0.345: +0.345: +0.330: +0.332
+0.3%32: +0.350: +0.%538: +0.33%8 +0.3%3%3%
+0.310: +0.%20: +0.33%0
(b) Minimum +0.330: +0.%24: +0.318: +0.3%24
+0.30 : +0.31 +0.32 :+ +0.326 +0.319
(¢c) Final +0.33%30: +0.334: +0.336: +0.3%26
+0.3%326: +0.3%14: +0.320 +0.327
Table 11.
10. Surface Area Determination
ugsed in the

The surface area of the Cu20 catalyst

catalytic studies was determined as described

above.

After each addition of ethylene the number of moles

adsorbed - Nx - and the equilibrium pressure attained - px -

were determined from the relationships

PV

RxRT
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where P is the pressure drop due to adsorption

and V is the apparatus volume involved

and
2

x 6.342 . 10°° m.m. (pp.61 above)

(columns 1 and 2 Table 12).

Nx # px i po - pfs px x 109 bx
moles x 10 mm x 10 mm x 10 Nx (po - px) po
6.3 0.08 0.4 4.3 0.003
21.1 0.16 30.3 2.5 0.0053
36.3 0.32 30.2 2.92 0.0107
55.9 1.0 29.5 6.06 0.033
78.9 2.5 28.0 11.2 0.083%4
103.3% 4.8 25.7 18.2 0.16
123%.0 T.92 22.5 28.7 0.264
138.0 10.02 20.5 35. 4 0.33
154.3 13.4 ;3 50.8 0.45
Table 12.

The plot of px against Nx (Fig.54) indicated
typical multilayer adsorption. No clear indication of the
completion of a monolayer - "B polnt" - could be seen from
the iscotherm and the Brunauer, kmmett and Tellerlo4 theoreti-

cal treatment of multilayer adsorption was used %o calculate
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the volume of the monolayer.

From the B.E.T. treatment

PX 1 & C - 1 .

Nx(po - px) Nm . C Nm ., C po

where Nx

number of moles adsorbed at pressure px

Nm = number of moles adsorbed when the entire surface
is covered by & unimolecular layer

po = saturated vapour pressure (30.5 . 1073 m.m. Hg

for C,H, at -183°9¢)

exp. (E1 - EL)RT

E, = heat of adsorption of ist layer

Er

C

latent heat of vapourisation

According to this equation a plot of PX againat
- Rx(po - px)
PX should give a straight line where
po
slope = -2=1 gngd intercept = ~—tu
Em . C Nm . C

from which Nm can be calculated. By plotting K§x agalinst

BE-, Nm can salso be determined from the point of inflection

Po
on this curve.

The values of (po - px), PX and £ were
Nx{(po - px) po
calculated - columns 3, 4 and 5 Table 12 - and RX
Fx (po - px)
plotted against BE A straight line was obtained (Fig.55)
po
from which
Slope = 9.9 . 10% = L =1 gang Intercept = 2.7 . 107

Fm . C 1
¥m . C
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.. C = 37.7 and ©Nm = 9.83 . 10~°

Since 1 c.c. m.m. of adsorbed ethylene covers 57.2 cm®

105) 1 mole covers 1.045 . 109 cm?

6 o2

(Wooten and Callaway-Brown
.’ Nm moles cover 1.045 . 109 . 9.8% . 10
=1.05 . 10% cm?

Since approximately 10% by weight of the total catalyst was

ugsed for surface area determination the total surface area

was estimated at 1 . ‘iO5 cm2.
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DISCUSSIOR

1. Introduction.

(a) Object.

The object was to study under flow conditions the
catalytic decomposition of aqueous H202 by semiconducting
metal oxides and in particular to investigate changes
occurring in the catalyst efficiency during the non-steady
part of the process. Results from the Cu20/H2O2 system
show thaf marked and characteristic catalytic efficiency

changes take place before a steady rate process is achieved.

N s T e e s st e s SRS mam eame R

It is necessary to establish clearly the origin of the
recorded temperature differences since it is possible that
they are not associated with the efficiency of the catalyst
but are caused by some temperature effect of different
origin. It is reasonable to neglect (a) a temperature
control effect or (b) a heat of decomposition effect, since
the temperature of the substrate immediately before the
catalyst remains constant and the temperature rise caused by
decomposition is so small that there can be no question of

it measurably affecting the efficiency.

It can be concluded therefore that the temperature

variations do reflect true chenges in catalyst efficiency.
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(¢) Diffusion Control.

Rate processes controlled by diffusion to a surface
are common in solid/liquid systems. The step is character-
ised by first order kinetics and activetion energies of

between 3 and 5 keal.

First order dependence on [?204 occure in the Cuzo/
H,0, system at the initial peak in the high [%2051 region and
et the steady state in the low [?2Oé] zone, but géither stage
can be considered diffusion controlled since they have high
temperature coefficients leading to activation energies of

16.5 and 19.5 kcal. respectively.

Rejection of solution phese diffusion as the limiting
factor is supported by the widely different rates obtained with
AgZO, Cu20, NiQO and CcO under ideantical experimentael conditions.
Wwith 0.35 M H2O2 a steady efficiency equivalent to 0.675°C was
quickly attained using 1" length of 0.011" dlameter oxidised Ag
wire. At this same [HzOé] 72 of 0.036" diameter oxidised Cu
wire reached a steady state of 0.7°c, 142" of 0.036" diameter

oxidised Ni wire gave no detectable decomposition and 36" of

0.036" diameter oxidised Co wire reached 0.4°¢c.

Decomposition is clearly surface controlled and

subsequent discussion is based on this conclusion.

e o SR e AN R wems  Wmew RS e wetes wne

The temperature coefficient is usually obtained By

megsuring the steady reaction rate at a series of temperatures
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from which a plot of log, .k against -;- should yield a straight
B
- By

P23 . RSPl

line with a slope equal to

It is a common feature in kinetic data of reactions
occurring on solid surfaces that the energy of activation
varies with the initial temperature from which the tempera-
ture changes are made. It is usual to consider this compen-
sation effect as an entropy of activation which changes

proportionally to the activation energy i.e.

rate = ko.exp. [(S + As""*ﬁ/z{_] exp. [:(-E - ;’.\Ex)/R’I?]
with As® = £AE

106 explained this compensstion

Zwietering and Roukens
effect as due to a transition, from the immobile to the mobhile
state, of the activated complex which accompanied the
decrease of adsorption energy and the rise ¢f activetion

energy with increasing coverage.

Ross49 noted this effect in his investigations of the
vapour phase decomposition of Hzo? by semiconducting metal
oxides (Table 13) where he assumed that the surface came to

an activity equilibrium when exposed %o a constant temperature

Temperature of Change.oc‘ Activation Energy. kesl./mole
76 - 58 13.2 + 0.5
58 - 100 11.8 ¢ 0.5
100 - 38 | 13.4 + 0.5

Table 13.
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the level of which determined the level of the activity
equilibrium.

A similar explanation has been proposed by Roginskil

and Tselinskaya1o7

who envisaged a surface composed of sites
¢f varying energy whose influence therefore varied with

temperature.

Determination of the temperature coefficient in the
present work was confined to the range 40°c to 50°C. AT
such a level ionic defects can be considered immobile and the
variation of activation energy with temperature negligible.
Under these circumstances it is to be expected that activation
energy remains constant varying only according to a variation
of the rate controlling step and the adsorption of a rate

changing species.

2. Efficiency Changes with Cuzg.

As stated above the results may be considered:-

(a) at high [H,0, - 2 M to 0.25 M
(v) at low {Hzog - 0.25 M to 0.025 M.

(a) 2M to 0.25M

Six stages can be recognised in this zone (Fig.23).
1. An initial rapid increase in efficiency to a peak value.
2. A peak efficiency.
3. A relatively slow fall from the peak efficliency.

4., A minimum efficiency.
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5. A slow recovery in efficiency.

6. A final steady efficiency.

1. Initigl rapid increase.

There are two possible explanations for the observed

initial increase:-

(1) The values are significant and refer to a real

catalyst efficiency increase on contact with H202

(ii) The effect is due to the setting up of concentration
equilibrium in the solution following the change

from H20 to H202.

If (i) then 2 change affecting the oxide in depth must be
ruled out since the process is very rapid. There may be

however a surface exchange reaction such as

HO’ (surface) + H,0, = HO,’ (surface) + H,0

272
or one in which some active radical or radical ion is created
as discussed below. In any case there is no doubt that (ii)
must also be considered and to unravel the details of any
process such as (i) with a background of (ii) would be

impossible with the present apparatus.

2. FPeak efficiency.

The significance of the peak efficiency might be
ambiguous if it is considered an arrest; i.e. a condition

where a rising efficiency is overtakem by a declining process.
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A true initial efficiency could perhaps be obtained by

projecting the efficiency decline curve back to zero time,

if there was an accurate knowledge of the law governing the

decline.

If it is assumed that the steady solution conditions

are established linearly with time for all solutions it may

follow that the measured peak efficiency will vary in the

same manner with [?205 etc. as would a "true initial peak"

value.

(1)
(ii)

(1ii)

The experimental properties of the peak reate are:~

Peak efficiency = k + k° [1120,3
It is independent of pH énd ionic strength.

The activation energy is 16.5 kecal. as calculated

2

RT“ 4 ln(peeak efficiency) at 1.5 M

at

from E

The activation energy values are regarded as little

more than sn indication of the size of the temperature

effect.

3. Decline from the peak efficiency.

The peak efficiency was slowly poisoned, reaching a

minimum value after approximately 10 minutes. The rate of

decline was unaffected by ionic gtrength, temperature and

pH, but incressed with increasing [?205 .

The following conclusions can be drawn:-



(8)
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At constant [HZOZJ the rate of decomposition falls
from the peak according to

1
rate of decomposition

o< time (1)

Surface area data on the dried oxide gave a roughness
factor of 105 and an adsorbed monolayer containing

1.0 . 105 moles of ethylene. Since the ethylene
molecule is similar in dimensions to the H202 molecule
it is reasonable'to assume that this figure is within
a factor of 2 of the maximum possible number of sites
on the catalyst surface at which an H202 molecule
could be adsorbed. It is possible that H202 will be
adsorbed and decomposed in cracks which must largely
compose the surface, but it is likely that the evolved

0, will be unable to escepe freely and will thus seal

2
off the crack surface from further contact with H202
solution. This suggestion has support in that after
catalysis and submersion in Hy0 a short-lived evolu-
tion of O2 can be observed when H20 is passed vigor-

ously over the catalyst surface.

It is therefore very likely that the effective
active surface will be very much smaller than the
aquivelent of 2 . 10”2 moles. The number of moles
of H,O

22
the peak efficiency to the minimum is, at 1.0 M H202,

destroyed in the time required to pass from
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1.2 . 1072 . Taking the number of active sites as
2.0 . 10'5, 600 H202 molecules are destroyed per

active site during this period.

Thus the decline is not due to a mechanism whereby each
decomposition of an H202 leads to poisoning of the site

involved.
Several alternatives are possible, viz:-

(1) a slow surface process proportional tc the [?202 but
separate from catalysis

(1i) =a slow surface process proportional to decomposition

(iii) a slow surface rearrangement

(iv) a reaction in the oxide penetrating into the bulk.

It is convenient at this point to regard the highly active
surface species as S-X where it need not be decided yet
whether S-X 1is a property of the original oxlde surface or
whether it is generated by H202 during the initial rapid

increase to the peak.
For (i) a reaction of the form

= S-Y & products

is suggested where S-Y is elther
(a) a less active catalyst centre than S-X

or (b) a stable surface species unable to cause catalysis.

If (a) the minimum steady state can be either the rate

corresponding to complete conversion fo S-Y or an
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equilibrium reaction involving poisoning and regeneration.
Regeneration is necessary to explain the appreciable rate of

decomposition at the minimum efficiency. It implies a step

of the kind
S-Y = S-X + 1inactive molecule
or S-Y + yH202 = S-X + 1inactive molecule

If (b) the minimum efficiency must be due to an equilibrium

as in (a).

For (ii) there is the possible formulation

S5-X + Z S-Y + products

where Z 1is H02, HO, O' or 02' an H202 derived intermediate.
As in (i) S-Y can either be catalytically less active then
S-X or completely inert and it is likely that the minimum
efficiency would be an equilibrium depending on regeneration

of the less active S-Y.

Because of the sensitive dependence of the rate of
decline (i.e. the rate of poisoning) on [ﬁzoé] it seems
reasonable to regard the alternatives (iii) and (iv) as the

least likely; (iv) perhaps least of all.

Kinetically (i) and (ii) ere identical if the [Z]
is proportional to [?205 . To analyse (i) the treatment
may be simplified by proposing for the peak the two reactions,

viz:-
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(a) Catalysis:-

S-X + H202 = S-X + products
Rate of catalysis = r = knc
where [?Zoé] = C and n = the fraction of

the oxide surface in the active form 8-X .

(b) Poisoning:-
2(s-X) + H202 = S-Y + products
Rate of poisoning = k'nzc
Ignoring the regeneration of S-Y which may be Jjustifigble

near the peak when the fraction of the surface covered by it

should be small i.e. n = 1, then
o _ ke and (22) = k.dn.c
at dt peak dt
i.e. az = - k k! n2c2
dt| peak

At constant n i.e. at the peak value itself

-(%E) peak - [3202]2

As will be pointed out below this relationship cennot be
verified experimentally since the "true peak efficiency®

cannot possibly be measured with the present apparatus.

However xr mnear the peak efficiency may be elmply
related to time over a short period during which it remains

true that regeneration is small i.e.

8 = - k k'néc? and r = Ikne
at
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... --d—£ = -k—'-rz
dat k

which gives on integration the experimental form of equation

(1) above, viz:

X - %t + constant (2)
k

T

Although as was stated above the "true peak efficiency" is
not measured it would appear from equation (1) and (2) that

at the range measured regeneration is small.

In addition equation (2) gives the variation of rate
with time to be independent of Ei?ozl .  Experimental results
(Fig.56) do indeed give this since the plot of %-/time for

1.5 M H202 and 1.0 M H202 are parallel.

The combination of a catalytic reaction which is
unimolecular in surface species and a bimolecular surface
poisoning step is the only one which accords closely with
experimental findings. This will be discussed in further

detail later.

4. Minimum efficiency.

The minimum efficiency is unaffected by jonic strength
and is only very slightly affecfed by [H{] . It has an
activation eneigy of 19.5 kcal. and varies inversely with
the [?20é]’ This variation (Fig.57) can be represented in
the form

efficiency = k *+ k' .

_1
[Ha05]
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This suggests that the minimum is more complex than complete
conversion to S—Y. would explain i.e. a surface species is
more likely to consist of a steady state between destruction
and regeneration. This will be discussed later in regard

to specific mechanisms.

5. PFinal increase in efficiency.

The final increase in efficiency has the following

characteristics:-

(1) It is very much slower than the preceding processes
e.g. at 45°C and with 1 M H,0, 55 minutes are required

for completion compared with 7 minutes for the decline.

(i1) It is unaffected by [‘Hzoﬂ . ‘This statement is
particularly true for the smooth efficiency/time
curves but requires qualification in the case of the

step-wise growth curves referred to in (iii) below.

(iii) At high [?ZOé] one or more discontinuities are usually
observed in the curve, giving the effect of an onset
of fresh growth before the first process is complete
(Fig.25). In such cases extrapolation of the earlier
smooth growth indicates a lower final efficiency than
is actually attained. The [ﬁzoé] dependence of the
final steady value is foxr this reason not gquite the
same as that of the intermediate steady state (Fig.31).

Referring to the expression
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efficiency = k + otk

| [%205]

for the intermediate steady state, the addition of s
term k'° [3202 makes it applicable to the final
state. This satisfies the results and fite in w}th
the observation of renewed "steps" at the high Eﬁaoé]
if it can be said that the increase of efficiency

dae to these steps is proportional to [?205}.

(iv) The growth is very sensitive to temperature change.
Taking the rate of decomposition at the fime of half
change as a comparative measure of the rate, an

activation energy of 37.% kcal. is obtained (Fig.58).
(v) The growth rate is independent of pH.

All these characteristics accord very well with the
identification of this stage with a solid reaction set off
by the change in the surface condition brought about by the

8202. This will be discussed in grester detall below.

6. Finel steady efficiency.

The final steady efficiency.is related to [ﬁzoé} in
the same way as the minimum steady state provided the growth
curve is smooth and without steps. In PFig.57 the final
efficiency values obtained by extrapolation of the initisml
sigmoid (Fig.31) are plotted egainst ——t—— . The resulting

H,0
straight line indicaetes that this effic gngy value varies



122.

according to
T ow KA R et
2%
Discontinuous steps occur at the higher [?ZOé] - 1.5 M and
2 M - and give an actual final rate somewhat greater than

indlicated by this equation.

The temperature coefficien® of the final efficiency

(true or extrapolatéd) is 26.5 kcal. (Pig.39).

(b) 0.25 M to_ 0.025 M

Below 0.25 M H,0, the cyclic efficiency changes are
no longer observed. An efficiency - which increases
elightly during prolonged contact with H202 - without peak
or minimum is rapidly attained end is directly proportional
to [ﬁzoi and independent of ionic strength. There i=s a
very slight pH effect. The temperature coefficient is low

giving an activation energy of 6 kecal. on initiel exposure

to H202 which increases on prolonged contact with H202 to
11.0 kcal.
(e) General Mechanistic Treatment of Results

The gbove characteristics will be discussed further

in two aspects:-~

(i) the catalyst surface, the adsorbed species and their

reactions
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(i1) the response of the catalyst in depth to the surface

situation

and an attempt will be made to show that the results justify
this division.

Briefly the scheme is as follows:-

On first exposure the oxide surface enters into =

cyclic reaction with H 02. The active surface sites

2
may already exist or be created rapidly by H202.

A poisoning of these active sites takes place by

reaction with H202 leading to a relatively inactive

site. This reaction has a much lower probability
than the reaction leading to catalysis. The .inactive
aite can regenerate itself. The poisoning does not

take place with low Eazozj .

The minimum is reached when the poisoning and recovery

in 2. are bslanced.

As a result of 1, 2 and 3, the oxide surface is thrown
out of equilibrium with the bulk. A slow return to
equilibrium involving a complex solid diffusion
process frees more surface sites to participate in the

whole process of catalysia.

Steps 1, 2 and 3 can be considered as coming under (i) without

noticeable interference from 4. which is entirely responsible

for the later efficiency growth at high [?Zoé]. Furthermore
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any new sites created at the surface by 4, can be regarded

as passing immediately to the eguilibrium state of 3.

3. Initigl Efficiency Changes on Cu20 considered as &

Catalytic Surface Process.

(a) Characteristics

The reaction mechanism describing the surface process

must fulfil the conditions summarised here

i. High rH O:l region
(1) an initial peak efficiency proportional to
the [3202:]
'(i1) a relatively slow decline from the pesk
efficiency during which

-d(rate of decomposition) C><[?20é]2 at the peak
dat

and

L C< time near the peak where
rate

regeneration is still esmall.
(1ii) a minimum efficiency given by

efficiency = k + ——te
~ [B20
2. Low [3202] region

An initial efficiemcy proportional to the [hzog

and which vemains almost steady during contact
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with 5202.

() Proposed Reaction Mechanism

The proposed reaction mechanism postulates the
exlstence of three main processes which are at equilibrium

when a steady catalysis is reached i.e.
(i) minimum efficiency in high [ﬁzoé] zone
(1i) 1initial efficiency in low [5202] zone

The reaction mechanism is

. L ; .

Catalysis and ? + H0, = ?2 * Hy0 (3)

Peak Efficiency \ .
?2 + H202 = ? + H20 + 0, (4)

7 K ): H-—? | H’

Dec ne ?'2 + = ?ZH' + 02 (5)

P2 R ¢
OH'(S) + Hy0, <> 025(8) + Hy0 (6)

’ l e
Recovery ?H N + HyO (1)

72F ¢
I |
where ?' and ?é are surface anchored radical ions and

l
HO~

|
102 and- ?H' are regarded as surface hydrcperoxide and

hydroxide ions rather more "active" than normael hydroxide or

hydroperoxide crystal ioms would be.
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As mentioned above the mechanism involves three

processes viz:

(1) A decomposition cycle responsible for the initial
peak efficiency -~ reactions (3) and (4).

(L1) A poisoning reaction causing the slow decline in

efficiency - reaction (5).

(iii) A regeneration reaction re-activating the poisoned

gites - reaction (7).

and reaction (6) involving the equilibrium between surface
anchored OH’ and Hoé ions and H,0,. Studies on the decom-

poeition of H202 on anion exchange resins (see Section II)

have shown this equilibrium to be rapid and lying well over
“HO,,
to the HO), (K = ——=—~ = 665 for the resin where m refers
cC X mHor .

to the fraction of the surface covered by the particular
species and ¢ 1is the [ﬁzoé].)

In the presence of water the surface is assumed to
consist of a small but definite concentration of surface
anchored radicals, viz: 0° and Oé an gssumption suggested
by Garner and co-workers from results on the dry oxidation
of Cu and the adsorption of O2 on Cu20. The presence of
0’ on oxidised Cu, Ni and Co has recently been successfully

108 and Yua,

applied by Zettlemoyer, Yu, Chessick and Healey
Chessick and Zettlemoyer °? to explain the oxidation and

regeneration of reduced metal surfaces at high and low
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temperatures. The above workers used the strong fields
from the adsorbed 0’ to account for the strong physical
adsorption of oxygen on oxidised samples of Cu, Ni and Co.
When H202 comes in contact with the catalyst surface
decomposition at these sites evolves O2 at a high activity
and it is possible that there is an immediate production of
more catalyst sites of similar nature. The measured initisl

efficiency would be due to decomgposition occurring on this

induced concentration of active sites.

Potentisl measurements show that the change from H20
to H202 is accompanied by a rapid increase in potential
(Pig.49). The relationship between m,, and myg, i.e.
the surface fraction of the specieés 0" and OH’ respectively
will be reflected in the potential of the surfsce and, with-
out deciding what reaction actually controls the electrode

reaction, it is reasonable to assume that the equilibrium

O(surface) * H0 + e < Osturface) o OH(solution)
will hold. The potentiel will therefore be related %o Mo

1 R o
RT . Tom’. [oF’
F Tye

e = 80-

where e 1s positive when the electrode is positively
charged with respect to the solution, and the increase in
active sites as demanded by the reaction mechanism will be

followed by the above electrocde reaction. Thus there is
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evidence from en increase in the positiveness of the

electrode for an increase in mo. relative to Doy -

At a certain [?2Oé] the production of active sites
must reach a maximum depending as it does on a total aveil-
able surface. Above this Eﬁzoé] the ratio moH/mO, is

constant and the potential under such conditions is given by
. BT 1. 1 [npe
$ = e = ER in k[bﬂ]
F
i.e. an [hzoé] - independent e.m.f. Experiment verifies

this (Fig.52) 0.25 M H,0, being the limiting concentration.

This effect is similar to that noted by Bockris and
01dfield 92 who derived the expression

e = 0.87 - 0.059 pH

|

for the e.m.f. of Pt and Au in the [H202] ‘range 5 M to
10~% u.

272
If in this range mye is proportional to the EhZoé] and

Below 0.25 M H.,O0, the e.m.f. is dependent on [ﬁzOé].

m may be considered fixed, the potential will be propor-

OH’
tional to log [3202] as found, (Pig.52).

Ae noted in the result section small e.m.f. changes
(approximately 0.1 volts) occurred during catalysis. These
variations were similar in form to the efficiency changes
i.e. a rapid fall followed by a slower rise. According to
the reaction mechanism the ratio my../m,. 1is considered.

large even at the peak rate. If & reasonable figure is
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assumed for this ratio - say 100:1 - a change to 150:1

causes a drop in potential of 0.01 v. as given by

ml ’
¢ = » - By or’. [ow]
F my.
at a given [bHﬂ . This is of the order of the experimental

swing in potential during catalysis.

(e) Kinetic Interpretation of Proposed Mechanism

Initially catalysis is due solely to the rapid cycle
(3) ana (4) 1i.e.

Rate = 2k 403 [3202]
where as before mOé is the fraction of the surface covered
by the designgted species. This shows a peak efficiency
dependent on the [ﬁzoé] at cons@ant moé which is the condi-
tion assumed present during the first stage of catalysis.

‘Experiment gives the peak efficiency as
Bfficiency = k' + k' [HZOZ:J.

In this concentration zone the decline mechanism ig rapid
(increasing with [}1202] ) and it is to be expected that the
true initial efficiency is repidly poisoned. Although the
efficiency readings are taken 30 seconds after the change
from H20 to H202 it is reasonable to expect thet the decline
is well developed and the measured efficiency lies below the

'*true pesk value'. Since readings are taken at ccnstant

time after the change to H,0, the measured peak efficlency
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shows first order dependence on [ﬁzoé]as would be expected.

Assuming steady state conditions at the minimum
efficiency i.e. when equilibrium between decline and

regeneration is attained, the reaction scheme gives

For static xno.2 Ty, + 2r; = 15 (8)
" " m, T; = T, + 214 (9)
" " mHOé ;g + 2rg = T, + ;g (10)
" " Dog Tg = Tg + T (1)

where T eignifies the rate of the appropriate reaction.

From (10) + (11) Ty = Tq (12)
) — i—
Overall rate = r3 + r4 + r5 + Tg - Tg * r7 _
. 55 183 , e
= r3 Ty aince r5 = r7 and rg = Ig
.*. Overall rate = kgm [Hzozj + k4m0.2 [11202] - (13)
mHOé
From (6) K = (14)
Wy e [H202]
Applying a Langmurian treatment to the surface species
Mepnsr + Mo + Mo, + M., = 1
H02 . OH 0 02
and if it is assumed that
mHO’2 * Mo D)) Ty * m0'2
then mHo:,_ +Wope = 1 (15)

From (14) and (15)
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| _ 1
Doge 1 +'K[H202] (16)
= .
T - AL "
Ho, ~ 4, K[Hzoz:] %
From (12)
kg (moé)2[3202:| = kq moge . mgg
=k K. |32°2| :
(1 + K[HZO.?:PZ
me)2 . f1 g 1
0.2 ks K (1 . K[HQOZ:]-)Q
. [EE 1 |
"o, - \"Tc;_ T K [H,0,)]
/ = a
1+ K[Hzoz_‘] (18)
where a = E%;E ’ _
5
2
From (8) kBmQ' Eizoz:l = k.. [H202] " 2kg.a L_Hzoz]

1 + K[Hz 2] (1 T_K[HQO?J )E ‘
substifuting in (13) |

g::zg;lsigﬁg ati kyalH0,]  2kg 2[3202:1 - k4 [H0, |
1 + K[HZOZJ (1 + K[HZ 2]) 1 + K[ﬁz 2]

conditions
2k, [H202] 2k a? [H,0, |

R K[HZOZ:] (1 + K[H2°2])2
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I LY I .
1 + K[Hzoaz] & 9 s x[nzoz:l

Applying the above interpretation to the two concentration

(19)

zones we have

1. High [11202]
(1) Initial catalysis due to reactions (3) and (4)
is given Dby
Tpeak = 2 K4 Boy [5202]
i.e. efficiency at the true pesk is proportional

to |H,O gince m,.. can be considered constant.
" 02 ’

(ii) The decline from the peak will be due to the

fall-off of Oé {ox 0°). Let moé = Wy = R
r = n(k; + k4)[H202:I = kn 5202]
then ~9& - .k [ii?o;_l an (20)
dt : at
From (5)
-dn  _ 2
ey = kg [3202] (21)

which will be quite true omnly near the peak rate

when recovery is yet a negligible factor.

From (20) ana (21)

-ar . 2
. T« k[HZOQ:i. kgn E"eozj

_ k kgn®[E,0,]% (22)



133.

dr
near the pesk. At the limiting value of(_g_e_a_g)
dt

at the peak -

'/d( peakx [H 0]2
at [Lmit 2

since n will be a constant for high [HZOZ:I befors

any poisoning sets in. . (To ‘support this claim

reference may be made to the constancy of the

electrode potential results at high [H202:|

(iii) Near the peak rate

(iv)

- a(r) _ kknz[HOJ
dt 2 ok
. 2 e
e ]
2 Is -'

2

H

i.e. L -2 £ + constant (23)
B o5

Assuming K [1}202] >>1 in this I-HZOQ:] zone then
‘ L -
for the steady state, equation (19) glves

Overall Rate = 2a[§202] (24)
X [H202:| K[Hz()z]
- A + (25)
[Hz°2]
: 2k,a 2k5a
where A = - aid B = T
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i.e. the steady state efficiency ©CX (28)

. S

[F202]
Comparison of the theoretical resuvlts obteined in (i),
(ii) and (iii) with the experimentél requirements

(p.124) shows that the proposed mechanism fits in with
the experimeﬁtal results for the high [?ZOé] zone.

2. Low [H202:l°
In this concentration region the decline is négligible

and the. peak efficiency and ninimum efficiency are

thus synonymous.

-

Assuming K [Hzozj <& 1 in this [5202:] zone then

from eguation (19)

Overall rate )
at steady state ; = 2« [ﬁ20é] (k4 + ksa)
conditions
= D. [3202] (27)
where D = 2a (k4 + ksa)

i.e. the steady rate is'directly proportional %o EIZOZZI

which is of course an important experimental result.

~

The identification of the assumed plsgusible mechanism
with the experimental results leads ﬁd the evaluation of the
rate constants.- This was done from experimental data at

45°¢.

From the minimum steady state.-

(1) At low ]‘HZOJ the rate is given by
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e ' 1
t g g
- 2.k7 : k7 ¢ K %
Rate = kg [Hz()z:] k4 + —-—k'?é-——- 9
ey B
[5202] - k4 k" ¥ e 2.k, K

i.e. linear with [?202 with a slope given by

2.k4 . k7% K%
ksfi - 2.k7 K

From Fig.33 i.e. the experimental depesndence of rate on
-
l_Hzozj

Slope = 1.9°c per mole per litre

Now 1 mole of H20 liberates 23000 calories when completely

decomposed. In the efficiency apparatus 100 mls of HOO?

pass per minute. If this contsined 1 mole it raises the

temperature by 23000 when completely decomposed. Therefore
1.9°C can be written as 3.2 moles per minute under the
2350
conditions of the experiment and
Slope = 1.9 moles per minute per litre
250
&
T x,® P
.’o oo = 4 zokr',-K’ (28)
230 K, £

(11) At high [Hzo?_] the rate is given by




Rate - % + 2 ° =
K kg k- K [11202_|
2.k, .k, % 2y 1 :
C gb o ? X [H.0.l k29
K (50|

i.e. linear with

2°k7 2k4okr'%
slope = —— and Intercept = . S8
v Ki’.ksf
From Fig.57 i.e. Rate = A ,.B —
H20, |
2k
Slope = B = 29 . o (30)
230 4
and 5
2k .« Keu®
Intercept = A = 2322 - ——i—%%- (31)
230 K2
i, [ \ 3
T 0.05 %
Prom (30) = ﬁ '
xE , 2.230]
Substituting in (31)
0.355 _ a4 (o.os )‘3
230 X 2.230
k
2 ¥ —_— 0:3%3 = 0.074
1:5ir 2 . 230 . 0.0142

Ky in (28)

2

Substituting this value of
k

19 . 2. 0.074. K. gk . 2k, K
230
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2ky . 230
0.05

Also from (30) K =

2k, . 2ko . 2
e 2 = 2. 0078 L kP k7é-<2-2§0) t 2y . 2k . 2350
0.05 0.05

.*. 920 k72 + 6.93 ky - 0.00413 = 0

from which k, = 5.5. 107 (32)
Substituting for k7 in (30)
E = 5.012 (33)

Therefore from the above treatment the following relation-

ships are obtained

! -4
L7 = 5.9 o« 10
K = 5:012

k

ksf

In order to separate k4 from k5 data is required
from the non-stationary stafe phase. The slope of the
%-étime line for the decline from the pesk (Fig.56) gives
k3 < k4 i.e. from equation (23), after making the assumption
that Dye = moé which is of course by no means justified.
However with the same assumption the rate at any poin?®t can

be put in the form

T = xno.2 [#202 (k3 + k4) (20)

This equation together with the slope from equation (23)
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leads to an evaluation of k3' k4 and k5 separately if
mo.2 can be assumed. To make an assumption here takes the
work into the realm of conjecture. In fact it must be
stated that there is a major wealness in the treatment

already carried through in the assumption of equation (15).

An attempt to apply a more rigorous treatment to the
non-stationary state so as to make use of equation (23)
right up to the intermediate steady rate met with no success.
In this the approach was to set up four non-linear simul-
taneous differential equations controlling the rate of
appearance of the surface species 0F Oé, OH’ and OQH’ with

the extre equation

m., + M., + Mayr + N e = 1
0 O2 04 02H

No simplifying assumptions could be made in the non-steady
state so that a solution of the full set of equations had %o
be attempted. This proved too difficult without great

elaboration or mechanical aid which the nature of the results

did not seem to justify.

e. Discussion of Proposed Mechanism.

As outlined sbove the initial efficiency represented
by reactions (3) and (4) assumes that since the radical ion
surface activities are slways smell, a very rapid cycle

takes place.

According to the work of Garmer and co-workers the
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occupants of these sites i.e. 0° and Oé are always present
in small amounts on Cuzo. Potential results suggest a rapid
increase in the sites on first contact with H202. Below
0.25 M H202 the concentration of the active sites is propor--
tional to [ﬁzoé] but above 0.25 M a maximum value is obtained.
This agrees with an e.m.f. which is [?2Oé] dependent below
0.25 M.

The dependence of the decline of efficiency on [?20£]
requires H?O2 as the poisoning species. H20 is always
present in large excess and possible poisoning steps viz:

0’ R’ '
g' + HO = $ & (34)
T p
or ) | H’
iz £ EgQ = 229, (35)
oF

can be excluded.

Poisoning steps involving single site destruction viz:

| |
’ = ' 4 6
? + H0, ?2H + OH (36)
i I . .
or ?2 +  HO, = ?ZH + HO, (37)
i i
or ? + H0, = ?H +  HO, (38)

are considered unlikely because of the production of golution
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Two-slte poisoning can be accomplished through many

possible routes all essentially the same kinetically. They

are:-

i:j

m\

. e @ T
S
+
#l
——O—fé)— —_———
a
+
o
nN

, - L,
T
?'2 F—20 ?q

Il II ’

?2 + ? = 2H 4 02
?' H—0 ;o

'l Hl

? 4 | = 2

?’ H—0 2H'

each involving simple steric rearrangements.

(39)

(40)

(41)

(42)

(4%)

(39), (40),

(41) and (42) are preferred to (43) since a poisoning step

involving the liberation of O2 seems energetically more

favourable. 0f the reactions (39), (40), (41) and (42),

(40) alone is included in the reaction scheme althougnh (39)

and (42) could equally be used. (41) seems sterically a
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little less likely. Reactions (39), (41) and (42) each
involves the production of a surface OH’ which according

to the equilibrium reaction
OB’ + H,0, <> O,H + H,0 (6)
is quickly brought to equilibrium with surface HOé so that

(40) can be regarded as a summary process of the possible

alternatives.

With regard to the recovery equation (7) is regerded

as the sole contributor to regeneration.

A feature of the mechanism is the postulation of an
intermediate peroxide i.e. HOé. Compounds of this type are
already well established and their existence has been used
on many occasions as a reactive intermediate in 1,0, reac-
tions. A large number of inorganic derivatives of H202 are
known including the peroxides which contain 02 in the go-
called active state. When HZOZ acts as an oxidising agent

110 one of thiee

on inorganic compounds dissolved in water
reactions is possible i.e. (i) a change in valency, (ii)
formation of an addition compound by dipole-dipole inter-
action in which no change of valency occurs (iii) formation
0f -0-0- bond with no change in wvalency. The formation of
per-compounds containing the 0-0 bond is confined to cases
(11) and (iii) where no change in valency occurs and 1% has

been shown that where an elemen?® possesses several valencles

the formation of such & compound does not Hake place until
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after the transition of the element to its higheat valency

state.
X-ray and diffraction studies have given the 0-0
0 0
interatomic distance in H,0, as 1.49 A + 0.01 A .  The

change in character of the -0-0- group caused by conversion
to a peroxide has been shown to involve a degree of lonisa-
tion produced by variaticns in thes relative electronegativity
of the groups flanking the-0-0- group rather than an altera-

tion in the character of the bond between the cxygen atoms.

Polland and Gee''! noted that the strength of the 0-0
bond and therefore the stability of any compound containing
this group varied according to the location of the group.

112 explained the relative

Following this observation Walsh
instability of peroxides as due to the proximity of the two
strongly electronegative oxygen atoms causing an insuffi-
ciency of bonding electrons in %the peroxide link. The
variations in bond strength as noted above can therefore be
understeood in terms of charge traansfer from the bonded group

to the oxygen atoms i.e. the greater the transfer of megative

charge to the oxygen atoms the greater the 0-0 bond stremngih.

Haiseinsky113, who arrived at similar conclusions,
showed that the formation of a compound of the form Me-0-0-
required that the electronegativity of the Me constituent
should be smaller than or at the most equal %o, 2.1 i.e.

the reaction

Me-O0- + H-0-0-H =  Me-0-0- + H,0
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requires that x, I Xy where x 1s the eleciro-

regativity and hydrogen has a value of 2.1 .

A peroxide intermediate has been proposed by
Glasner114 for the homogeneous decomposition of H202 by
dissolved cu®?. The brown peroxide which was kept in solu-
tion with sodium citrate was given the structure CuO.OZH,

formed by the simple addition of an HO, radical to the Cu(OH)z.

2
Glasner's proposed mechanism is

(Cit. CuOH)''*' + HO, = (Cit. Cu0,)''* + H,0 (44)
1. 2.

455 b A Cu02)"' = (cit. Cu)''? + 0, (45)
3,

(Cit. Cu)*'? + Hy0, = (Cit. CuOH)'*' + OH (46)
rapid 1.

Reaction. (44) depends on the assumption that in all H202

solutions the following equilibria exist:-
H,0, <> 20H (47)

OH + H,0, <~ HO, + H20 (48)

Compound 2. i.e. Cu++Oé pubsequently decomposes glving
cu* and liberating O,. Step (46) involves the addition of

an OH radical which assumes the negative charge obtained

by the cu’* in step (45).

Although this scheme explains the experimental
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results the mechanism, depending as it does on the existence
in solution of the radicals OH and HO,, appears unlikely.

The proposed structure for the intermediate peroxide i.e.
ol
cut? does however fit in with the Cu,0/H,0, mechenism

HO2

since the oxide surface is considered covered by the species

0 and HOé. In this connection g dark green compound was

prepared by the addition of H202 %0 freshly precipitated
Cu(OH)Z. The compound which wss formed and filtered at o%c
was found to be a peroxide and znalysis indicated the propor-
tions Cu02.432. This result could be accommodgtgg by an
equimolar mixture of the Glasner compound cut? O? and

OH’
the hydroxide cu'”* i.e. Cu0, gHy 5 , but since 50% of
OH’ A

the total 0, is evolved on gentle heating, a compound of

2
the form

cu O #H,0 going on heating to Cu(0H), + 30,

0( o
seems more likely.

Although these results require further detailed
investigation the results substantiate the suggestion that
a relatively stable compound is formed with either OZH'

14
°

or 0’ or even 02

A peroxide type intermediate has alsc been proposed
by Wang115’116’117 to explein the decomposition of H,0, on
model enzyme catalysts. In addition to the postulation of

this intermediate several points arise from this series of
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mechanism proposed above.
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2

Since the structure of enzymes (the most active

catalysts for H,0, decomposition) is relatively unknown,

Wang investigated the decomposition of 3202 on small model

molecules with catalase-like activity in an attempt to secure

some analogy with H202/enzyme reactions.

The most success-

ful model was formed from triethylenetetramine

CH

2

(TETA) H2NCH o >CH,

NHCH,CH,NHCH,CH,NH, and re’

&

-

OH

OH

i.e.(TETA) Fe(OH

-‘.
&

in which the primary amine nitrogen atoms are situated above

and below the plane determined by the two secondary amine N

44+

atoms and the Fe atom.

The proposed mechanism which involved the metathetical

displacement of a bound OH’ by a HOO’ followed by a second

displacement in which the other OH' wes replaced by an O

atom of the added O0OH’ i1s as follows

y¥

'
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oH| * om |*
~ HO" l
0 + /Fe< — >Fe/ + OH
| OH | oom
I IA
OOHT
OE- ++ OH—T++
\\\Lé//// Last \\\ge////l ,
| 0 | 0
111 - 11 .

Several features of this mechanism are in agreement with
certain postulates containesd in the CuZO/H?O2 mechanism

detailed above i.e.

1. The use of doubly 0'° - labelled H,0, showed unambigu-
ously that the 0, evolved from the decomposition of

H,0, by (TETA) Fe(OH); , catalase, tris-(B-aminoethyl)-

amine-Fe

***  and Fe(OH)3 originated from the same 3202

molecule i.e. 0, evolution was linked with intazct 0-0

2
bonds. Step III to I t+akes the form therefore of
OH
e
“ 0 H[0:0: » \‘/ + 0y (49)
rather than
| OH | OH
/ . \F/ 5 B (50)

5 [ ? 1% 2
l \o :0]:0: K | om

In the proposed mechanism for the Cu20/H202 reaction
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O2 is evolved according to

#é * Hy0, = ¢ * B0 + 0, (4)
This seems sterically most probable to proceed by
”’_—-‘\ I
7 ) ’
é'.\o + HTY -—)? + H20 + 02 (4a)
“o__ B0

™

which does not involve rupture of the 0-0 bond.

Variation of the ligand showed (in order of decreasing
efficiency for H,0, decompocition) tetraethylenetetramine
> diethyltriamine » ethylenediamine with tetraethyl-
enepentamine practically inert. Wang expleins this by
the necessity of having adjecent sites for the formgtion

of the active complex i.e. steps
T s B3 IO
In the sbove mechanism for the Cu20/H202 reaction & two-

gite polsoning step is also considered necessary and &

possible site creation step

._n;? +  2H,0 (51)

gatisfies e.m.f. data and two-site requirementa.

The production of compound III when written as

b =1 +4 R
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is not dissimilar to the recovery step in the Cu20/H202

mechanism i.e.

OH’ F
H* #

(£) Rejected Reaction Schemes.

In arriving at the Cu,0/H,0, reaction mechanism

several alternative schemes were explorsd and rejected.

Many surface reactions may be explained kinetically
on the basis of the simplest adsorption law i.e. the
Langmuir-Hinshelwood treatment which assumes thzat zdsorption
takes place on an energetically uniform surface. According

to this treatment the rate of chemisorption is given by

“8¢ . ke(1 - 0) - k'@ (52)
at .
-dc
where —_— = rate of adsorption
dt
c = [adsorbate]
© =  fraction of surface covered by
adsorbate
1-0 = fraction of surface bare.
118 119

following work by Pease end calorimetric

120

Taylor
studies by Garner and Taylor121 showed that the heats of
adsorption of gases varied with the surface covered. This

he interpreted as due to a heterogeneous surface on which
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adsorption first took place on gites involving favourable
energetics followed as adsorption continued by those sites
having greater heats of chemisorption and activation
energies. On this basis Temkin and Pyzhev122 derived
another adsorption rate expression on the assumption that the
heat of chemisorption and the activation energy varied

linearly with the surface covered i.e.

-dc a2 };,c.e'—a’Q - k'eBg (53)

at
where ~—4€ , ¢, © and (1 - @) are as above and a = B = 1
dt :

Many reactions can be explained by a third adsorption
law known as the Power Rate Law derived originally by
Kwanm3 for the chemisorption of N2 on promoted iron

catalysts, i.e.

-4¢ . x.c.67® - k'of (54)
dt
where ~2¢ , C, @, a and B are as above.
dt

For adsorption far removed from equilibrium the three
laws can be expressed ag:-

~de
dat

= k.c.(1 - @) (528}

k.c.e~%® (53a)

-dc k.c.o™% (54a)
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In the Cu20/H202 mechanism the poisoning step (5)
responsible for the decline in rate may be regarded as
controlled by adsorption of H,0, on the catalyst surface.
This assumes that the rate at any time 1 , Ty o is propor-

tional to the fraction of the active surface uncovered, i.e.

I‘t = kt(1 = 0)
Now when A = 0
e . ol 4o
Ty kt
T. - T.
.o ‘G = “"L t
¥

where Ty is the temperature difference at time ¢

and r; 1s the temperature difference at time 0

Since ri is constant

8 Ty
i.e. the fraction covered is proportional to the temperature

difference at that point.

The validity of each adscrption rate law as applied to

the present case is determined by plotting the rate of fall

of the rate 1i.e. '%% ageinst the coverage 1.2. @ . In
the case of the Langmuir-Hinshelwood treatment -4¢  4s

at
plotted against (1 - 2). For the Temkin or Elovich isotherm

log %% is plotted ageinst © and for the Power Rate Law

- log g% is plotted asgainst log @.
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Since €@ involves the fraction of the surface covered
it is possible to test the validity of the Langmuir or
Elovich adsorption laws but the Power Rate Law involving

log @ cannot be tested.

The validity of the Elovich and Langmuir adsorption
laws were tested using experimental rate curves (Fig.59).
As emphasised by Temkin'?2 and Brunaur124 the Elovich
isotherm was found to apply only to the middle coverage zone
and since the simpler Langmuirian treatment held over the
whole coverage range this isotherm was assumed to govern the
rate of adsorption. The success of the fingl mechaniam
which yielded to a2 Langmuirien treatment supported this
conclusion. As a result only the Langmuirian treatment of

the rejected reaction schemes are detailed below.

1. Catalysis through the formation and decomposition of a

hydroperoxidate.
The simplest catalytic cycle is given by

C + H0, = C.Hy0, (55)

0.3202

(where C is the catalyst) in which an intermediate

H

¢ + product (56)

surface hydroperoxidate forms and decomposes. Application
of such a simple model to the experimental resulis is
unsatisfactory as it fails to give successfully the

dependence on [H202] s 1.8,
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at high [11202] :Rate = k56 E:°3202] i.e. 11202 independent

t l H = 1

at low [Hzoz:l Rate kSS[CJ [HZOZJ i.e.proportional to [H202]
In addition the scheme fails to provide any mechanism for
the decline in efficiency.

Catalysis solely involving ionic species.

In the present investigations the catalyst was allowed
to remain in contact with HZO between tests. The formation
of surface OH’ ions is therefore almost certain and two

reactions involving OH’ and H,0, must be considered, viz:

(1) If OH’ is the predominant surface specles the

equilibrium reaction

..
g0y T ?23 + H,0 (6)

#H'ﬂb H

which favours HOé will produce a considerable
concentration of HO'2 which can then react according
to

lOH’ g;)H'

?OH‘ o OB’

+ 0 (57)

2

Reactions (6) and (57) produce a catalytic cycle with

an equilibrium rate given by

Koq Kg [5202]2
(1 + Eg [Hzoél)z

This gives zero order at high '?3202] and 2nd order

Rate
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at low [ﬁzoé]. As in 1. such a cycle does not agree
with experimental observations. In addition
reaction (57) is sterically awkward involving the
rupture of the 0-0 bond for 02 evolution.

(ii) As an alternative to (57) the reaction

{)0}1' + H——g

e —

-
OH" + HO + 0,  (58)

could be combined with (6) to give a possible cycle.
(58) once again involves a complex rearrangement

which would be less likely than a step of the type

i

?H' [

. T + H,0 (7)
o i

and the cycle does not give the experimental depend-

ence on [ﬁ20£] i.e. at equilibrium
2
kgeKg [Hy0, ]
1+ Kg [3202]
which gives 2nd order at low [hzoé] and 1st order

at high [Hzoz] :

Rate =

3. Catalysis involving single site poisoning.

Besides failing to give the correct kinetic result
the main weakness in mechanisms 1 and 2 gbove is the

absence of a possible rate decline step.

As already stated decline is linked %o H,0, 80 that
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the simplest explanation for the decline involves single site

poisoning by H202 X Several such steps are possible, viz:

, |
% + Hy0, = ?H' + HO, (59)

; -
+2 + Hy0, = ?H + OH + 0, (60)
each of which could be combined with (6)

¢2H'+ OH (61)

#' + B0,

l, L,
for B9 = ?2H + HO, (62)

Reactions (59), (60), (61) and (62) are improbable producing
golution phase free radicals and (6) a feature of the final
mechanism has been shown to be very fast. In addition a

scheme of the form

Y + H,0, = X + 0, (64)
with a destruction step
X + H0, = Z (65)
balanced at equilibrium by regeneration
Z = X (66)

(where X, Y and 2Z are some surface species) does not

agree with experiment giving at equilibrium



Rate = %64¥e5es (P20 ] 253
%6466 * Ke3kes * Ye4kes [Hp0p] kss

which is 1st order at low [?2°é] going over to a simple zero
order at high [H 02]

4. Catalysis involving twin-site poisoning.

Catalysis involving twin-site poisoning provides
gseveral alternatives as discussed above. Several
mechanisms incorporating such steps were tried unsuccess-

fully before the final scheme was evolved.

R B0, = X + 0, (64)
) GH H,O0, = 22 (67)
22 = 2K (68)

where X, Y and 2 are as above.

If X and Y cover the whole active surface i.e.
[X] % [Y] = 1, this scheme gives the following

rather complex rate equation

Rate =
3 ‘-3 3
2k63k64k%8[H202] k68 , Kes¥es |, 1.k67k68 . [a o:]
% i % % 2 2°2
keg . k63" 68 . [, o] ker  Kg4¥67
2
¥k
671  “e4" 67
which is of the form
A [H,0
Rate = [ 2 2] (B + C + [H202]t)

(8 + [i09] %2
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This would give 1st order in [3202] at low [H2°2] but at
high [?20é] the order would not be zero but according to
the equation

Rate = A E-Izozjé i.e. 4 order
This fails to satisfy the experimental data.

(ii) The scheme

|
0+ B0, = +é + Hy0 (3)
‘#é* H0, = + "E0 0, (4)
» I

0 A
? + | — (69)
?I O_H ?ZH'

suggests poisoning due to the slow attainment of equili-
brium according to (69). This is unsatisfactory as the
equllibrium rate is given by

2k, [H,0, |

2 + Kgg [:xqzoz]i‘

Rate =

which gives first order kinetics at low [11202] but half
order at high [HQOZJ again failing to satisfy the experi-

mental data.

The Final Efficiency Growth on Cu20 Congidered as a Bulk

Solid Process.

The unmistakable sigmoid shape of the efficiency /
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time curve developed from the minimum in the high [H?_oz_']
region suggests that the process involves a bulk solid change
rather than a surface reaction. The slowness of the change
also suggests a solid process perhaps involving the oxide to

some depth below the surface.

A further feature is the occurrence of intermittent
leaps in the curves at higher temperatures and higher [Hzoé]
(P1g.25). This is most readily explained in terms of a
simple film reaction in which cracking can occur when a
certain thickness of film has reacted to the new form. The
cracking discontinuously creates new surfaces and the process
then goes on to a higher final rate than would be expected
when the original growth started cut. In Fig.25 it is
possible to distinguish several steps which take the form of
top portions of sigmoids, the lowest one of which can be
extrapolated to a symmetrical maximum. It has to be borne
in mind that the sudden onset of a step must affect simul-
taneously a large number of separate catalyst elements.

This could be explained if it occurs at a certain degree of

surface change or at some depth of change.

One difficulty about the assumption of cracking is
that it implies an extension of the surface area. Yet in
every case after removal of H202 a rapid return to pre-growth
conditions takes plaée in a shorter time than is taken in
growing. Even after many hundreds of cycles the original

catalyst condition was maintained.
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"Cracking™ has therefore to be interpreted as meaning
any sharply discontinuous breakdown of a pattern which is
beginning to limit the growth of catalytic efficiency. It
could refer to an internal movement of ions or iomnic
vacancies e.g. Cu’ or vacant cation sites (v.c.s.) normally
s0 small as to be negligible at these temperatures but gble
vo move a few places under a high local potential gradient.
This amounts to submerged crystal rearrangement and the

effect of it would be lost once the H202 was removed.

The slow beginning of the growth process is the
feature of the sigmoid which most limits the choice of

mechanism. Suitable mechanisms are:-

(i) A surface change involving nucleation like decom-

position of a hydrate or other 5011d135°

(i1) A change in which each of the newly active sites 1s
capable of activating an adjoining less active site.
This can also be regaerded as = surface nucleation or

as a surface branching chain reaction.

(iii) An electrical effect in the surface layers in which
the space charge - at first concentrated - begins to
spread out into the crystal depth thus permitting a
greater capacity for catalysis in the surface. An
analogous effect is that produced on a condenser
plate when a high dielectric constant liquid is
poured between the plates. The spread of chafge
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bhowever must be accomplished by creation of electronic
defects on an expanding front into the crystal until

the potentisl gradient becomes too weak.

(iv) A process in which the average binding energy of the
active peroxide species i.e. Oé, 0*, OF , 0 H, is
slowly decreased. This would result in a limited
rise in the energy of activation of the coverall
process dependent on such active species. This
change could come about through or be accompanied by,
the slow increase in total surface coverage by fthe
relevant species: it is well known that heats of
adsorption fall as #€ the fractiom of coverage
increases126. It can therefore be suggested that
the rate of increase of € is a function of the area
already covered and the area yet to cover. In texrms

of the change in activation energy when the rate

increases from

ro at the minimum with EA = 19.5 kecal.

to r, at the final state with E, = 26.5 kcal.
the number of sites increases by a factor of 10 or
more (ses below). Thus the number of sites at =
is very small and can easlly account for the slow

gstart of the growth.

0f the four suggested mechanisms only (ii) end (iv)

are capable of similar simple kinetic analysis though 1%
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might be said that all are to a first approximation capable
of being fitted to an equation of the type:-

d:::l=

---dt = k7o(rt - ro)(roo - I‘t) (70)
where r, = rate at the beginning of the process

rm - " " " end n L) "

Xy = " " any time +t during the process

This is not surprising since the processes suggested above
were chosen with a sigmoidal shape in mind and equation (70)
is the mathematical statement of such a shape. The deriva-
tion of equation (70) can however be explained from
mechanism (ii) above:-

Let the fraction of the total rate Ty which is due
to the increased efficiency at time 1+ Dbe Et" Thern the

fraction of the surface capable of causing further growth

will be g, and that still able %o be changed will be (1-at).

dfo
then —-—t-) = k. &0 - a) (71)
71 % t
at
when Oy = 0 rate = T,
and when ay = 1 rate = To
Ty —= T 5 -7
o.. at = ""t—""—"g axld 1 - (lt = s t
T~ To Tw ~ Yo
d(a,) d(r,)
snl 1 . t ) 1
dt dt Py ™ By

Substituting in (71)
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d(r,) k
t 71
= e (r, =2 )(x. =1x.) (72)
t 0 ® o
at (rm =)
Integration by parts gives
Ty = T,
- (s .- & = kgt + constant (73)
Yo ~ Tt

This is the equation of a symmetrical sigmoid which
is shown by the results obtained in the lower regions of the

high [ﬁzoé] zone: e.g. in Fig.60 (the 0.5 M series of

r, - T
points) where log L 9] is plotted against tinme.
10\ r - r
(0 0) t
In some cases r, Dust be estimated by trial and error

since a stepwise increase occurs before the initial smooth
curve has played itself out. This procedure is illustrated

in Fig.61 where on an estimated T the initial sigmoid is

00
plotted according to 73. Also in Fig.61 some of the higher

geteps are plotted to the same growth rate process by

estimating T, — bthe new final rate - by visual extra-~
polation and using with it a new initial rate
r&, r&, .
' = I e—— In addition the factor -—— must be
0 (&) v T
© @®
introduced in the constant so that the new slope k' becomes
! by : b b
k71 . A, Thug == |, log10 -0 is plotted against

¢ | =S
® Too o~ Tt

r
time t and lines exactly parallel to the firsi are obtalned.

Fig.60 shows the graphs for the initial sigmoid, of a
number of different [Hzozzl. They are substantially the same,

Also in Fig.60 the extreme pH values 4.5 and 8.0 are
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compared and again no effect is observed.

The temperature coefficient is obtained from the
slopes of the lines in Fig.60 for 45°C and 50°C as 7.6 kcal.
(Fig.62). It is of some interest to note that this is of
the same ordexr as the energy of activation of surface
diffusion of conducting species in Cu20, found from the
temperature coefficient of electrical conductivity as 7 to
10 keal. 279128 1% may also be noted that the value
obtained agrees approximately with the temperature coeffi-
cient of the growth slope at the point of inflection which

ives 37.5 keal. (i.e. including 26.5 keal. the activation

energy of the maximum final rate).

The r8le of [?202 in the growth process is clearly
to make the change possible but not tc control its rate.
Thus H202 could create a potential difference between the
surface and the bulk which decides the extent to which the
diffusional rearrangement can proceed. If the final
efficiencies of the growth process are taken as the extra-
poleted maxima of the first sigmoid the values naturally
differ considerably from those of the measured maxima which
exhibit an almost zero order dependence on [ﬁzoé] - FPig.31.

They are in fact proportional to - Pig.57 - 1.e.

1
1202
similar to the initisl state which suggests that the two

stetes, initial and final, do not differ basically.

If the minimum and final rate procesgses are

essentially the same as the kinetic analysis seems %o suggest,
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it is necessary to explain the difference in temperature
coefficients i.e. 19.5 kcal. for the minimum and 26.5 kcal.

for the maximum. Clearly the higher E, at the maximum

A
together with the higher rate suggests a greater number of
actiﬁe gites. The question arises, do the sites responsible
for the minimum rate continue to work or are they now
obliterated, having their work done by the larger number of

sites of higher E,? The kinetics of the growth process

A
have been explained earlier as being controlled by a diffusion
of current carrying species in the oxide, under the influence
of & potential difference. It could be supposed that these
species come up out of the bulk of the oxide and flow into

the surface layer each creating there a new active centre.

In the same process the original centres of low EA could

be pulled back into line so that the new surface 1s homo-

geneous. Quantitatively however the quesition is unimportant.

5. Potential Measurements from Cu20 during Reaction.

The main potentiale correspond readily with those
expected under the conditions. Thus a fresh Cu20 electrode
in water (uno HZOE) at pH 4.5 gave e = 0.174 v. This
potential 1s referred to the standard H2 electrode at
298°K - @8 are all the other potentials in this section
- by adding 0.230 v. (the value of the S.C.E. reference
electrode at 45°C on this scale) to the measured potentials.
A t"uged"” Cuzo electrode i.e. one which had been exposed to

an H202 containing solution, gave the value of 0.267 v. in Hzoo
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This higher oxidised value was permanent i.e. it did not

decay even on heating and reimmersion.

Now the potential of a Cu/Cu,0, OH" electrode under
these conditions can be calculated as 0.222 v. The calcula-

129

tion derives from data reported in Latimer and is carried

out as follows.

The standard electrode potential of the electrode,

for which the reaction is

#Cu,0 ¢+ %HZO = Cu + OH (74
and the e.uw.f. at 45°C is given by
45°¢
e = e - 0.063 10g10 agp’

is -0.358 &t 295°4. The entropy change agaln from Latimexr's

tables is
AS = -17.2 = (46 _ ;p.de
ar at

Thus the temperature coefficient is -(0.00089 v./degree which
o .
gives egs C = -0.376 v. and hence the expected e.m.f. of

such an electrode st pH 4.5 hecomes

These results suggest at first gight that an unused
Cu20 electrode is in a somewhet reduced state since the
potential is 0.048 v. below that corresponding to the
CuzO/OH' alectrode. On the other hand a once used electrode

remaing in an oxidised state relative 1o pure Cu20s to an
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extent indicated by the displacement of 0.045 v.

The potential, on immersion in H.0, solution st the

272
same pH, is displaced to 0.56 + 0.02 v. where the spread
refers to different electrodes. This corresponds closely
to the potential of the Cu20/Cu(OH)2/OH‘ electrode, the

reaction at which is

#Cu,0 + #H,0 + OH + e Cu(0H), (75)
298 .
From Latimer's data (eo = -0.050 v., AS = =1.2 unite)
9318 = =0.048 v. and the calculated potential in a solution

0
of pH 4.5 13 0.551 v. Thus H,0, oxidises the Cu,0 surface

to the C‘u(OH)2 atate. This is somewhat like the process
which occurs during the anodic treatment of Cu in alkaline
solution. A gnod summary of work on Cu anodisation is
given by Halliday130 who identifies three stages viz: (1)
formation of Cuy0 (ii) formation of e mixed Cu(OH)z, Cu0d
layer (1ii) passivation of the copper. In the case of
treatment by H,0, inhibition of dissolution by high [Hzoz:l
can be regerded as passivation. The passiveted surface
was shown by Halliday to be either Cu(OH), or CuO the latter
being responsible in stirred solution. Since the solutions
in the present work were always well stirred (by flow and
bubbling) it can be taken that the potentiasl results are in
keeping with the explanation that during catalysis the more
concentrated Hzoz solutions give rise to CulQ. The actual

surface however may possibly still be thought of as Cu(OH),.
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The actual potential duriné catalysis is almost
certainly not controlled by the CuZQ/Cu(OH)2 potential. It
has the same value as would be expected from the results of
Bockris and 0ldfield'%? on Pt and Au and from the detailed
work of Hart, Aitken and Beaton103 where the potentials were
glven (irrespective of metal) in the range of pH and [ﬁzoé]

by the expression
e = 0.84 - 0.059 pH (76)
at 25°C. This would give 0.56 v. at 45°C and pH 4.5

Since the same identical potential is found on Pt,
Au, Ag, Cu and Ni it is clear that the H202 is the deter-
mining factor and the nature of the underlying oxide or metal
negligibly so. Thus it is probably only accidental that the
potential of 0.56 v. + 0.02 (obtained in the present work)
agrees so closely with 0.551 v., the potential expected if
Cu(OH)2 and Cu,0 exist together at the used pH. It is also
impossible to explain the steady H202 potential in terms of
Cu(HOz) or Cu(H02)2 layers since such an explanation extended
to other metals would surely give a wide range of e values.

&)

102

Bockris and 0Oldfield suggested that these steady

potentials asre due to the eguilibrium

OH(adeorbed) + e — OF (77)

This would give the relation (76) with the value of e

decided by the particular state of adsorption of the OH



167.

radical on the surface in question. Gerischer and
Gerischer131 suggested that the potential is controlled by
the cyclic process

+
H202 + e + H

HO + H,0 (78)

H,0

oVop H02 + H + e (79)

which gives the required e/pH relation.

In both cases radicals are formed. It is these
which are regarded as responsible for catalysis in chsain
processes. The electrode potential thus reflects the
production of a steady surface concentration of radicals

during catalysis.

The oxidation-reduction potential get up during
catalysis will of course decide the nature of the underlying
surface of the metal or oxide. In the present case it is
clear that a surface consisting of Cu,0 and Cu(OH)2 will be
in equilibrium with decomposing H202. The full equation for

the electrode potential given by reaction (75) is

[ &
a s 8 »
cu.0 ° 2oH
e = -0.048 - gg 1n|—02

aCu(OH)2

The value of -0.048 v. or 0.551 v. in pH 4.5 will only be
given when the activities of the two solids are the same or
when each is unity as in the case of mixing the bulk solids.
It can be seen now however that the slightly more positive

value of the measured potentials compared with thelr e/
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&cu.0
value corresponds with a value of the ratio T -
ou (0H),
somewhat greater than unity, viz:
aCu(OH)2
Cu20
*cu(0H), .
Whence = 2.0
8cu20

If the whole surface is supposed covered with OH’ ions, the

** %o cu’ will be about unity at the peak condi-

ratio of Cu
tions. The value of the final steady potential changes

only slightly in this [3202] range with [3202] .  However thie
change seems significant and to tie up with the catalyseis.
Thus from 0.5 M to 2 M there is a small fall in the pesak
potential of 0.003 v. and a small fall in the steady
catalysis. This would be in keeping with a fall in the sur-

face fraction of cu*?t (see below for celculation) from 0.50

to 0.33% .

The small changes of potential during catalysis were
reproducible, uniform and coincided in time with the marked
changes of catalytic efficlency occurring under the same
conditions of [Hzoé] and pH - inset Pig.49 illustrates these
effects clearly. The movement from peak to minimum is
0.013 v. to 0.015 v. taking about 10 minutes with a slower
recovery to a constant value at almost exactly the same

potential as the pesk.

In one case using 1.5 ¥ H202 the peak and final
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potentials were 0.560 v. and the minimum 0.547 v. Consider-
ing the surface to consist of Cu ions fixed in position but
with possible charge variation i.e. either cu*® or Cu*, these
potentials can be used to calculate the charge distribution.
For this purpose the single charged ions will be used in

the hypothetical surface form CuOH.

i.e. Cu20 + #Hao = 2 CuOH
2
80 that aCuzo = constant . 80u0H

At the peak (as given above)

a0, ‘= 2.0
20u,0 )
i.e. aCu(OH)z i ; . Ayt t
aczzuoz! “gu*’

where a 1is the fraction of surface Cu ions in the given

form. At the minimum

A+t
gu = 0075
& +
Cu
If a_ 24 + a_ ¢+ = 1 it can be calculated that the

Cu Cu
variation of the fraction of cut’ from peak to minimum is

0.5 to 0.33 . Such a change is entirely in keeping with
the change in catalysis if the surface concentration of
catalytically active species e.g. 0° ioms, is proportionsl

to aCu’* -
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In the first order zone of [?2Oé] i.e. below 0.25 M
the potentials rise to a value below the "peak" value
measured above this concentration. There is no cycle
thereafter. This again resembles the catalytic efficiency
behaviour in the low [3202] zone. The actual potential
values suggest a very low Gop*t €-8e at 0.1 M 8202 the
above calculation glves ST ‘=, 0.001 . The relation-
ship between the measured potential and [?ZOé] in this
concentration zone is very sensitive. It can be represented

by a logarithmic dependence of potential on [?Zoé] but no

special significance can be attached to this.

On removal of H202 the elevated; oxidised potential
decays to a value only slightly above the Cu,0/0H" equilibrium
value. This decay 1s extremely rapid and suggests that oniy
the surface is converted during catalysis to the oxidised
state responsible for the high potential. Otherwise a slow
decay would occur while the oxide was reducing itself in
depth. It will be necessary to answer the question: why
does the catalyst not undergo deep oxidation to bring it into
equilibrium with the surface as would be the case 1f anocdisae-
tion were the cause of the surface oxldation? Por the
present this question must be left unemswered with perhaps
the tentative suggestion that a passivation of the surface
layers, induced by the HE,0, itself, prevents extension of

the reaction to any depth in the oxide.



6. Compariscn of the Ni0/H,0, and Co0/H,0, Systems

with the Cu20/H202 System.

The experimental investigations carried out on the
Cu20/H202 system were extended to N10/5202 and Co0/H,0, in
ordexr to:-

(1) compare the relative catalytic activities of the
three systems

(ii) to examine any efficiency changes taking place and
to test the general applicability of the mechanism

proposed for 0u20/H202.

(a) Results.

(1) Relative catalytic efficlency.

The efficiency changes taking place on Cueo, Wi0
end Co0 in 0.5 M H,0, at pH 4.5 and 45°C ave shown in
Fig.63. Since almost twice as muck (by weight) Cuao
as Co0 and FiQ was used the resulte show clearly that

in order of decreasing catalytic activity

Co0 > OCuy,0 > KHiO
In addition it is likely that the surface ares in the

Cu,0 was much greater than in Co0 and Ni0Q since 1% was

2
subject to a greater number of oxidation and reduction

cycles.

(ii) Changes in catalyst efficiency taking place during
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catalysis.

In the case of NiO no measurable rates of decomposi-
tion were obtained in the concentration range 5 M H202
- 1M H202 and 1t is concluded that FNiO is inactive in
this aqueous H202 concentration zone.

For CoO the changes in efficiency taking place
during decomposition for thé concentration zone 1 M
H,O0

e 2
a good degree of reproducibility was obtained using

to 0.12 M H202 are shown in Fig.64. As in 0u20

the same sample of cetalyst which was kept immersed

in distilled water between tests.

As in Cu20,'efficiency changes take place during
decomposition and like cu20 fall into two main [ﬁzoé]
zones, i.e. a high [?20é]zone lying above 0.5 M H,0,
end a low [H202:| zone below 0.5 M Hy0,.

In the high concentration region four stages are

obtained
1. an initial rapid increase to a peak value
2. a peak efficiency .
3. a relatively aslow fall from the pesk efficiency

4. a minimum efficiency.

In the low concentration zone a egteady efficliency
is obtained immedistely the reaction commences. This

ie followed by a small fall sfter some time.

The effect of [?ZOé] on the above changes was



I~5( | ’ | ’ l[ [ H2021] _] } i
i P

S s '

=
l : , \ Xz1-0Mm |
| O+05M™m 1
G i !
' X 2 A:0-25M | |
I-3r \L 2:012M
X x pH 45
\ | AL10-001 |
'z » s T :450c - — i
\x T i |
1)
\x
10 T 3¢ —— x\xxx xﬁ i ——
o,
09 § y \k‘k_x_x_x_x_
Qg “°~o~0~o~o
07-
06 O } 4
& B i FRLE
\ b, D ) cwen £, eme Y o £ A A A e & ==
05 2 %8~
03- ,
xxOOOAAOOOO ‘ ‘ I
025— 10 20 30 40 B0 60 )

TIME IN MINUTES.

FIG B4 SrHowINe THE VARIATION WiTH LH202] 0F THE EFFICIENCY AND ALSDO THE
EFFiCiENCY CHANGES OF THE CoO/H202 SYSTEM.



173.

studied at pH 4.5 ionic strength 0.001 and 45°C.

A. High [HZOZ:I zZone.

1.

Initial increase in efficiency.

Due tc the high efficiency of Co0 for the decom-
position of 3202 it was not possible to go above 1 M
H202 in the present apparatus. Resulte obtained at
1.0 M and 0.5 M combined with those in the low [1{2021
zone show that [?202 has Ho measurable effect on the

initial increase in'efficiency.

Peak efficliency.

The peak efficlency is directly proportional tc the
[HZOZ:I (Fig.65).

Decline from peak efficiency.

The transformation from high to low [?Zoé]behaviour
is not so sharp as in Cueo, but the results shown in
Pig.66 indicate that the decline in efficlency varies
inversely with [H2025| . The half-life period for the
decline at 1 M and 0.5 M H50, is 4.5 minutes and 10

minutes respectively.

Minimum efficlency.

As gbove a full exemination could not be carried out
on this stage due to the high activity of the CoO.
Prom the results obtained however (Fig.65) it appears
that the change from low [Hy0,| %o high [H,0,| is
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accompenied by a change in the [?ZOé] dependence of
of this stage similar to that taking place on Cuzo.

B. Low [’ H202] zone.

Fig.65 shows that the efficiency is directly propor-
tional to [Hy0,] - "

(b) Discussion.

The cyclic efficiency changes taking place on Cu20

involve as proposed above two processes, viz:
(1) a surface reaction
{(ii) & bulk reaction

each of which exhibits different behaviour in the two concen-
tration zones.

The form of the initial efficlency changes taking
place on Co0 suggests a surface resction similar %o that
taking place on Cu20. In addition th? experimental results
follow closely the conditions required to fulfil the proposed

mechanism i.e.
A. High [3202] zone.
1. Initial increase in efficlency.

The initial rapid increase in efficlency is unaffected
by [ﬁzozjand as in Gu20 can only be considered as due
to an equilibrium attainment effect in the system.

2. Peak efficiency.



Although only two peak efficiencies were measured in
this concentration zone the values when combined with
the initigl efficiencies in the low concentration

zone show that
Peak efficiency = k [3202:]

over the studied [3202 range 0.1 M to 1.0 M. This
regards the initial steady efficiency in the low [?ZOé]
zone as a peak value. At higher concentrations than
those studied it is likely that the true peak effic-
iencies will not be measured and as in Cu,0 the peak

efficiency will obey the relationship
Peak efficiency = k' + k'° [5202]

It is interesting to note that the rate of decline at
1.0 M in Co0 is slower than the similar stage in Cu20
at this concentration. This is in agreement with

the results of Yu, Chessick and Zettlemoyer109 who
concluded that the proportion of 0° was greater in
Co0 thgn in Cu20. On this basis it 1is to be expected
that the catalytic efficiency of NiO for the decom-
position should lie between CoQ and Cuzo. This is_
indeed the case in the vapour phase decomposition of
H,0, as shown by Roas49 but as is stated above NiO is
relatively inactive in aqueous H,0,. Experiments
have shown that Ni(OH), is very much more stable than
either Cu(OH)2 or CO(OH)2 and it is therefore concluded
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that the inactivity of FiO for the decomposition is

due to the stability of the hydroxide.

Decline of efficiency.

The proposed mechanism for Cu20/H202requiree that the

decline from the peak efficiency has the following

characteristics

(1) near the true peak -d(efficiency) _ [#2Oé]2

dt

(i1i) at constant [?Qoé]the efficiency fall from the

peak value gives

1
rate

oL time + cdnstant

Since the efficliency curve obtsined at 0.5 M appears

to lie on the border between high and low [H202]

behaviour, only one characteristic curve is available ie.

for 1.0 M. Relationship (i) cannot be tested but for

the 1.0 M decline curve,

e is proportional %o

the time (Fig.66).

Minimum efficiency

Although there are insufficlient results to determine

the [3202 dependence of the minimum the effects noted

are similar
obtained at
measured in
In the case

peak in the

to those for Cu,0, when the resulie

1.0 M and 0.5 M are combined with those
the low concentration zone (i.e. Fig.65).
of Cu20/H202 the minimum (or non poisoned
low [ﬁzoé] zone) is directly proportiocnal
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to the [Hzo?_] in the low [H202] zone. At the change
over concentration (0.25 M H202) the linear relation-
ship flattens out and the minimum efficiency becomes
1

dependent on —E-a—- . A similar pattern is obtained

[H205]
for Co0 and although the high concentration range was
not covered the results so far obtained appear

analogous.

B. Low [5202:' zone.

The behaviour in this zone is exactly similar to thaf
in Cu,0. The initiel efficiency, which can be con-
gidered =z non-poisoned pesk, and_the final efficiency
which is anslogous to the minimum steady state at

high [HZOZ both obey the relationship

Rate = Kk [5202]

From the close similarity between the results obtained
in the CuQQ/H202 and CoQ/H202 systems, 1t appears reasonable
to propose that the surface reaction mechanism derived for
CuzQ/EQO2 not only holds for CoO/H,0, but is of general
applicability for all P-type semiconducting oxide/H202

systems.

The main difference in behaviour of the Cas0 and CoD
systems is the absence in Co0 of the final recovery or bulk
effect so prominent in Cu20. It must be concluded that in
Co0 the surface conductivity is such as to prevent diffusion

of ioniec or electronic vacancies at the temperature of the



experiment.

7. The Importance of Isotopic Tracer Studies.

Results from the use of ote

a8 a tracer in the
decomposition of H,0, on various catalysts have come %o have

an important bearing on proposed mechanisms.

Winter and Briscoe132 and Dole et 31333 using H202
dissolved in H,0 bearing a slight enrichment of 018 showed

2
that in reactions catalysed by inorganic catalysts and

catalase the evolved O, came exclusively from the H,0,.
In addition Dole and co-workers found that the enrichment
which occcurred in the decomposition catalysed by inorganic
compounds did net occur with catalase catalysed reactlons.

116 whose

Similar results were obtained by Wang
explanation was in accord with that proposed by Dole i.e.
for the inorganic catalysed reaction the relatively weak
nature of the attachment of H202 to the surface favoured the
eplitting of the weaker 0'C - 0% ana 0'6 - 08 vonds in
preference to the 018 _ 018 bond (therefore causing enrich-
ment) whilst the more active catalase dld not differentiate;
breaking the 0-0 bond irrespective of the proportions of
016 or 018 . The mechanism proposed by Wang for the
decomposition did not differentiste between 02 evolution
from a single H202 molecule or O2 evolution from two H202
molecules, i.e. for catalysis by (TETA) Fe(OH)Z (see above,

p.145) the exact mechanism for the step
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Fe

was not postulated.

Q0H’

| _om
et ~pe

/I \OH

179,

+ 02

Later work by wang117 did make this

differentiation claiming to prove conclusively that O, was

produced from a single H202 molecule 1i.e.
++
%,on i \L_‘e/oa
aae = 7

~1 Yo___Ejo:o: il B
rather than

| o |

! OH ~ | _~0H

. . Fe
“1"o O[CE —3 7| “Nop

+ 0, (49}

In general therefore the conclusions from these

tracer experiments accord with the mechanism proposed above

for the semiconducting metal oxide/H202 catalytic reaction
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INTRODUCTION

An important feature of the mechanism proposed in
Section I for the decomposition of H202 on Cu20 (and p-type
semiconductor oxides in general) was the assumption that
the active surface species consisted of the radical ions,
7
ingctive OH’, and 02H' ions. An esgsential detail in the

or 0°, which were linked by a cyclic reaction to the

scheme was the maintensnce of equilibrium between these last

two surface ions, thus:

X-0H' + H0, «— H,0 + X-0,H (1)

where X 1is a surface site. From the kinetic snalysis the

equilibrium constant for this process was calculated as:~

mozﬁ’

;"oa“ [H,0,] i

In an attempt to examine this equilibrium in an

independent system, an investigation was undertaken of the
behavicur of an anion exchange resin in the OH form in

the presence of Hy0, These resins are markedly catalytic
to H

2
study the exchange equilibriwm

0, but at low [Fgoé] it was felt to be possible %o
&

R-OH + H,0, v E=0,H + Hy0 (3)

while gllowing for the smell amount of catalysis going on.

" At the same time, a brief study was made, in a static system,
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of the kinetics of decomposition of H202 on the resin in
the hope that it would be possible to match the results to
a mechgnism which would have an appropriate relation,
(vearing in mind the differences between the two solids)

to that derived for oxide catalysis.
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EXPERIMENTAL

1. Exchange Material

The resin-exchange materials now available consis®t
of synthetic polymers,; e.g. substituted polystyrene, cross-
linked by copolymerisation with divinylbenzene, which act
as a matrix for exchangeable groups. The strongly basic1
substituted type in which quaternary ammonium groups are
the anion binding species, was used in the present work and
B.D.H. Amberlite IRA 400 was chosen. It was obtained in
the form of 50-100 mesh particles as the chloride substituted
resin which was inert to H202. It hed first to be converted

to the O0OH form.

2. Preparation of Resin in OH form.

About 25 gm. of resin were placed in a 2.5 cm.
diameter chromategraphic column. It was allowed to settle
after shaking up with water; it gave a 12 cm. deep uniform
bed. Air above the resin wasg blown out with H2 and 2 N
carbonate free NaQH passed down the column until no echloride
was detected in the effluent (about 12 hr.). The resin was
then shaken up and sllowed to ssttle to @ new bed. Further
NgOH solution was percolsted: +this was to check for
channelling in the first run. Finally ion free distilled

water was passed down the column until pH 7 was recorded in
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the effluent. The water was prepared in an "Elgastat" ion
exchange apparatus (to a specific conductivity of 8 x 10"6
reciprocal ohms) from once distilled water. When the resin
was free from excess NaOH it was kept under Coz—free water

until required.

All the experiments described below were carried out

at the ngtural pH of the solution i.e. pH 5.8 - 6.0 .

3. Sampling and Estimation of Resin.

It was necessary to devise a method for measuring out

the damp resin since drying and weighing seemed %o introduce

difficulties due to loss of water and carbonate contamingtion.

A simple volumetric procedure was used, pouring a mobile
slurry to a mark in & 5 mm. tube resting on a pad of filter
parper. The tube had a capaclity of 3 mls. to the mark. The
slug of resin, which lost adherent moisture to the pad but
did not meanwhile alter its dimensions in the tube was

extruded into the apparztus in which it was to be used.
The accuracy of the sampling wes tested in two ways.

(i) Weighing after a standard drying procedure.
The weights of four samples were 1.04 + 0.02 g.
(ii) By wet assay.
This wae done by estimating the OH’ liberated om
conversion of the sample completely tc the chloride

form. The measured slug was warmed at 40°C with
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100 mls. N KCl in bubbling N2 for 1 hour. The
solution was filtered, the resin washed, and the
combined washings and filtrate immediately titrated
with 0.01 N HCl. The resin was later treated with
more N KCl but no appreciable further exchange took
place. The total exchangeable OH’ initially present
on the resin was calculated. The result of three
experiments, 2.525 x 1072, 2.510 x 10°> and

2.480 x 10”2 moles OH’ demonstrate a satisfactory
degree of reproducibility in the sampling and permit
the use of the value of 2.5 x 107> as the amount of
resin (expressed in moles of exchangeable OH’ ) used

in all further experiments.

4. Resgin-Peroxide Equilibrium.

Careful determinations of oxygen evolution with time
were carried out at 25°C in preliminary experiments so that
allowance could be made for this in calculating the equili-
brium constants. These experiments are described in the
following section. The resin was introduced into a measured
quantity (40 or 100 mls. in most experiments) of 0.07, 0.0525,
or 0.03% M H202, which had been brought to temperature
equilibrium at 25°C. It was stirred, in the apparatus
described below, and after short periods of time (2-5 minutes)

a 10 ml. sample of the solution removed for analysis by
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titration with 0.01 K KM'nO4 solution. It was clear from
the results that the equilibrium was reached very rapidly.

It was not convenient to determine the oxygen loss in the
same experiment as was used to measure the exchange equili-
brium. This was calculated from a knowledge of the time

of sampling and the rate of catalysis from a parallel experi-
ment under the same conditions. Table 1 gives the results

of these experiments. The final column gives

X = e - (4)
{1 < 9)[?2°gf

where © is the fraction of resin covered by H,0, i.e.

.
0.0025
application of the Law of Mass Action to equation (1).

This is a form of equation (2) and is the

op is the moles of H?O2 adsorved on the resin at egquilibriun:

(0.0025 - mR)
1 -8 = . [hzoé]refers to the solution at
0.0025% =
equilibrium.
Initisl Conecn. Volume of K
H202 Mole/litre Solution ml.
0.07 40 668
0.0525 40 676
0.03%5 40 644
0.03%5 40 640
0.035 100 660
0.035 120 653

Table 1. Equilibrium of 1 g. (0.025 moles) resin with
H202 solution.
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The average value of K = 657 is subject to satisfactorily
little deviation in these experiments. The constancy of the
value obtained under these different conditions was taken to
substantiate the assumption that true equilibrium was attained

in ell cases and that the exchange is very rapid.

5. Decomposition Rate Experiments.

(a) Decomposition _Apvaratus

The spparatus is shown in Fig.1. It consisted of
a three-necked pyrex flat-bottomed flask. Stirring
was by a magnetic etirrer, the agitator being a short
length of iron encased in polythene. Evolving oxygen
was metered by a socap-~-film movement in a horizontal
tube of 3-5 mm. diameter. The tube was calibrated
with water. In a run the clean dry vessel was clamped
in position with its base 0.5 cm. from the glass bottom
of the thermostat tank. The flask was flushed out with
N, and the resin introduced. A measured volume of the

2

H,0, stock solution (which had been brought to 25°C)

2
was megsured in from a fast delivery pipette. The
flask was stoppered, the stirrer started and the flow
meter connected without delay. The addition of sclution
and establishment of equilibria conditions in the flask

could be achieved in gbout 15 seconds.

Stirring was fast enough to 1lift the particles of
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regin from the bottom but not so as to cause unbalance
in the flask. If this mean range was adhered to, the
actual rate of stirring had no effect on the rate of

evolution of gas.

In some experiments an attempt was made to measure
the catalyst efficiency under conditions of steady
[3202] . The object of thig was to show whether the
resin changed its efficiency with time as with oxides.
This could have been better achieved by a flow method
but there was no time to solve the problem of the use

of the particulate material in a flow apparatus.

The procedure adopted was to replenish the H202
lost by catalysis in a number of smell steps by a
microdoser as shown in Fig.Z2. The doser was filled
with 8 M Hy0,. It consisted of 0.5 mm. true-bore
capillary ending in a very fine nozzle immersed in
the solution. The concentrated solution was added
in microamounts to correspond with the loss of 02.
The volume change in the solution was, of course,
quite negligible, a fact which simplified the calcula-
tion of the amount to add. The results of these
experiments are illustrated in Fig.3 where it is
seen that the efficiency remained perfectly constant

for up to 20 mins. when the [ﬁZOé] was maintained
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"constant.

Fig.3 also gives three rate/time curvee obtained
without "mazkeup" of [ﬁzoé] with three different
resin samples. A satisfactory degree of reproduci-
bility was found. Table 2 demonstrates this with

reference to the peak rate.

Resin Rate in
Sample mla.oz/min.
1 3.60
2 3.65
3 3.60

Table 2.
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RESULTS ARD DISCUSSIOR

e S— e ety

1. Attainment ongggilibrium.

The results of the equilibrium experiments have already

been given. They support the view that the species R—OZH
(where R 1is a resin site) is preferred to R-OH and that the

exchange equilibrium indicated by equation (2) is established

quite quickly. This is demonstrated in Fig.4 where the peak

rates are established in 1, 1% and 24 wmin. when etarting
with 0.07, 0.0525, 0.035 M H,0, respectively.

1t may be noted that the equilibrium constant for
reaction (3) is numerically quite close to the reciprocel of

the hydrolysis constant K, foxr the HO, ion 1.e.

HO;, + H,0 < Hy0, + HO (5)
; [0, ][ 70"

[ﬁoé]

TPhis constant is available from the ionisation

Ky

constent for H202 in dilute solution
+ .
of 2.4 x 10-12 € gt 25°C combined with the ionic product of

water. Thus

Kw = &02 X 10“..5

h
2.4 . 10°12
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The equilibrium constant for the reaction . -
HO® + Hy0, v— H,0 + ° HO, (7)
1

is thus Kh = 239. Comparison of this with the wvalue

of 657 obtained for (3) indicates that the resin bond favours

HOé considerably more than does a proton, so that if ag is

0,8 o
the ratio EL_J- in solution end a_ is the Tatio of the
KJ:d -
fractions of resin surface covered at given [gzoé] in dilute

a
solution, = = éél = 2,75
a 239

8
It seems valid to regard the equilibrium as established
throughout the process of catalysis at least for volumes of
40 ml. Use of larger volumes of 120 ml. gave a larger delay
in reaching the peak rate and so these larger volume results

have not been used in the kinetic analysis.

2. Efficiency of Exchanged Resin as a Catalyst.

An interesting result of these measurements is the
demonstration of the anion exchange resin as an efficient
remover of H202 from solutiocn. Thus 40 mls. of a 0.05 M
solution is cleared by 1 g. of resin of H202 down to a concen-
tration of 0.004 M in 3 mins. Decomposition reduces this

to 0.001 in 20 mins.

The efficiency of these -HO, exchange surfaces as
catalysts was surprisingly high and what began as a brief

investigation of the exchange equilibria continued as a
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kinetic study. On the question of the efficiency we may
note that the peak rates referred to in Table 2 i.e. 2.60
mls. 02 per minute or 2.3 . 1074 moles. H,0, decomposed per
minute, represent one mole. of H202 decomposed per second for
every ten adsorbing sites (0.0025 moles. of the resin as
R-0H (ROZH) was used). This is a calculation which cannot
be made for Cu20 as a catalyst, owing to the uncertainty
about the effective surface area exposed to the catalyst and
even if that were known to the lack of knowledge of the
proportion of that area providing catalytically active sites.
It might be said of course that some or even the majority of
the 0.0025 equivalents of R-OH (or Rozﬂ)‘ provided by the
resin consists of sites deep in the pores of the resin and
not able to take a fair share of catalysis owing to (a) delay
in penetration by H,0, or (b) delay in escape of 0,- (b) 18
likely to be a more serious factor than (a). The fact that
the establishment of the exchange equilibrig is fast however,
strongly suggests that unimpeded penetration of the H202 to
the whole of the effective resin surface may be assumed in
the experiments. If this is so, it seems fair to suggest
that R—H02 is not itself responsible for catalysis but some
other species present on the surface to only a very much

smaller extent.

The possible influence of occulgion of some of the
more deep-lying sites by 0, on the kinetic analysis will

however have to be borne in mind. It would result in the
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catalyst having a greater apparent effectiveness at very

low rates of catalysis than at high rates.

3. Rate and [Hzog]_

Only a cursory examination of the change of rate of
catalysis with [?ZOé] has so far been made. In the dilute
solutions of the equilibrium measurements (& = 0.13 to 0.87)
e vigorous catalysis is observed. This increases with [?zoé]
until at about 3 M the rate becomes independent of [ﬁzoé]and
then commences to fall as [ﬁzoé] risees above 10 M. If the
OH resin is immersed in 80% H,0, catalysis'is almost negli-
glble. At raised temperatures cétalysis can become self-

heating and as vigorous as on an active oxide.

The present results refer only to the dilute solu-
tions used for the equilibrium measurements. The static
method was used, czlculating the {EZOé] at various times Dby

allowing for decomposition and adsorption.

The change of rate with time is shown in Fig.3 and
Fig.4. 1In the latter the results with three initial [HZOZJ
of 0.07 , 0.0525 &gnd 0.035 M are shown. From & knowledge
of the amount of 02 evolved up to a given time and the
equilibrium in reaction (1) it was possible to calculate
[EZOé] at that time and furthermore to calculate precisgely
the fraction of the total resin surface covered with' R-0,H

or R-0H. It is convenient for the calculation to express
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L in terms of Cp which is the reduction in concentration

in the volume (40 mls.) of solution used, when this amount

of H.O0, is adsorbed on the resin.

2 2
i & 4 nR is the number of moles of H202 on the resin
n
0 . —T
0.0025

and expressed as concentration alteration (CR)

40
n = Co i
R R 1000
CR' 40
ao £ = = 16 CR

1000 . 0.0025

Rearrangement of equation (4) in the form

K . E«?O?L
1 + K. [H202]

L

or in the more convenient form

1

1 1 4
9 K . I:Hzoz:l

and substituting for & from above, relates CR to [?Zoél
which is now denoted as ct i.e. the concentration in the

solution at time % ,

e

Cr

16 » 28 1 (5)

and if AC is the loss of H,0, due to catalyeis up %o the
time t and C; is the original [:HQOQJ we define

(1)

B
fo )
o
‘l
Q
o)
e
(]
ct
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where Co is the total H202 expressed as a concentration.

Solving (5), (€), and (7) gives Cp and C; at any time for
which AC ies known. This is best done graphically and curves
were constructed giving CR and Ct from various values of CO .
Table 3 collects results for & and Ct’ and the rates of oxygen
evolution r expressed in mls./minute, found in a number of
different experiments. Fig.5 plots r against Ct and I
against c%. It is clear that all the points from different

initiel concentrations lie reasonably well on the same curve.

Cy T Cy @
Moles/litre mls.Q,/min. moles/litre
0.07 4.62 0.00875 0.827
3.30 0.00650 0.806
2.64 0.00520 0.774
2.00 0.003%40 0.700
1.33% 0.00220 0.590
0.87 0.00146 0.456
0.3% 0.0004 0.217
0.0525 2.38 0.00420 0.720
1.60 0.00256 0.621
0.925 0.00160 0.521
0.528 0.00110 0.415
0.0350 0.66 0.00130 0.462
0.27 0.00076 0.355
0:13 0.00036 0.132

Table 3.
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At high values of C; the rate seems to vary linearly
with Ct according to

T k,C, + constant (8)

There is no evidence of any onset of a zero order
process at high concentration but it is known from separate
qualitative tests that this occurs at greater than 3 M
H202 and indeed at = 10 M H202 the catalysis is extinguilshed.
On the other hand at lower concentrations the rate falls off

from the value given by equation (8).

To understand these relationships a mechanism for the
catalysis must firest be proposed. Certain simple general

gchemes can be excluded.

The suggestion can first be made that the rate depends
entirely on the HO, attached to the resin.

ioee X = k"g

This must be rejected since it would require that when

e —> 1 the rate would become independent of Ct‘ Further-
more it can be calculated that this independence of Ct should
begin when C; has the value of shout 0.0004. Clearly r
continues to increase with C, a% values of C, well above this.
Fig.6 demonstrates the relatiomship between x and & when
@ 18 nearly 1. r=k,C o must also be rejected 1l.e.
that the rate is controlled by a reaction between dissolved

H202 and the adsorbed HOZ' r 1is also plotted against Ct@

in Pig.6.
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4. Mechanism.

In order to make further progress in the interpreta-
tion of these results it is necessary to consider some
plausible mechanisms. It has already been seen that it is
necessary to reject a simple bimolecular reaction between a

resin-linked HOé and solution H,0, e.g.

R-H02 + H

20p = R-0H + H,0 + 0, (9)
because in the range of concentration chosen, where both
[R.H02] = 0 and I:H202:| = C, are varying substantially,

the reletionship r = k,C,0 1s unable to satisfy the resulte.
Such & step could however be built into a more complex
process. A parallel reaction could be proposed directly
proportional to Ct in the lower part of the range but becoming
practically constant at C; = 30-40 . 1074 moleg/litre (ox

@ = 0.7 - 0.75). Such a process would be of the form

r = k1Ct0 + k29 (10)

and could be explained by adding a step such as
R.-HO2 = ROH + O (11)
to (9). (11) would be followed by recombination of O

atoms in such a manner as not to affect the rate.

Both (9) and (11) seem inherently to lack plausibility
since unlikely rearrangements of atoms are involved in each

of themn.

A more acceptable process would involve HO2 sltes in
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Pairs as in the schemes put forward to explain the poisoning
and recovery in the Cu,0 reaction, and as in the schemes put
forward by Wang3 to explain the action -of

-4

| OH
\\‘Fe’//

4

catalysts, and by Glasner’ for a complex Cu catalyst.

Such a scheme to fit the avallable results involves

the formation of a small amount of Oé ions at the surface.

i.e. ROOH e | ROO

+ l — + 2,0 (12)
ROOH 0—H ROO

in an equilibrium process, so that if g 1s the surface

fraction of dz ion

g = K'C% 2 (13)

Oxygen production is then controlled by the fraction
of these ions through the step

R-0, —> RO + O (14)

the oxygen atom being mobile and combining to molecules while
the adsorbed O iom i1.e. RO can be converted to HO2 by the

assumed fast step

2R-0 + H,0, = 2RO,H (15)
from (14) T = kg
and from (13) T - kK'CE & (16)

Fig.7 in which r is plotted against Ct 9 demonstrates that
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this scheme is not in disagreement with the results.

Selection of (14) as the catalytic rate controlling

step rather than another double site step such as
2R0, = 2RO + O, (17)
was dictated by the need to obtain a rate equation like (16).

Equation (16) has the form

3
kK' . 657(:1,/2

1 + 6570t

It falls entirely to predict extinction of catalysis at
high [#ZOQ. It does however predict zero order kinetics
when ¢ ©becomes appreciable. Then the equation has to be

modified to give

3/,
kK' . 657Ct
X =
) 3/,
1+ 657C, + 657K' Cy
r 1s independent of C, when K'C% >1 or when C, > -
> % t t K* 2

It must be stated that the limited range of resultis
here available does not permit any scheme to be put forward
at this stage with any finality. A wide range of concen-
trations and in particular e range of flow measurements would
be desirable. The latter would eliminate uncertainty about
the extent to which the whole of the exchangeable surface is
available for catalysis. It would aiso be desirable to

make measurements at higher pH values. There is evidence,
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indicated on Fig.7 , that a smaller active surface is in use
in the case of the smallest of the three initial concentra-
tions used. The constant in (16) from the slope of the
graph is markedly smaller in this case. It is suggested
that the exchange particles maybe penetrated to a standard
depth (perhaps completely) only in the case of the two higher
concentrations but less deeply with the smaller one. This
is a point which would require work with different particle

sizes to clarify.
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CONCLUSIORNS

Anion exchange resins in the OH form come to
equilibrium with H202 forming what is considered to be a
relatively stable R-02H surface. In this form the resin
is catalytically active but the kinetics in a narrow range
of [?20é] cannot be described in terms of a simple cyclic

reaction with H202 e.g.

or by a simple decomposition of the adsorbed H02 ions. It
is necessary to invoke a different active species in

equilibrium with the peroxide exchanged surface.

It is felt that further study of thie system will
yield informetion with a bearing on decomposition of H,0,
at solid catelysts in general and alsc about the mechanism

of decomposition of solid hydroperoxides RTOZH.
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GENERAL CONCLUSIONS FROM GSECTIONS I AND TII

General Coaclusions

From the above studies the following general
conclusions are drawn concerning the catalytic decomposition
of aqueous H202 by P-type semiccnducting metal oxides and

anion exchange resins.

1. In the case of Cu20, Co0O and anion resin catalysis, there
is evidznce that the surface, which can be regarded as
consisting initially of OH" ions, is covered with adsorbed

HOé ions during catalysis.

2. Catalysis does not occur at the HOé sites but takes place
on a small concentration of 0 or Oé gites present on
the surface. In the case of P-type oxides these sites
may be oresent to a small extent on the surface previous
to treatment with H,0, (resulting from oxidetive adsorp-

tion gt p-holes) but a considerable number more are

formed Dy:-

(a) oxidative adsorption of H,0,.

OH’

i.e. MY oW P mt
e 0,H’
2 A

e - —3

0):

ap 4

mt 0,H’ H—0 ~

2 0, H

followed by dehydration
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OH’ 0’
AR wtt + B0

02H 0

02H Oé
0,H’ 0*

(b) by dehydration

m* OH’ m* 0’
ot

-+ ’
M 02H

where M'" may be regarded as a p-hole in the (M"')2 0"*
lattice. Potential measurements suggest that s Cu20
(or CuOH) surface is 50% converted to Cu(OH)2 in %he

presence of H202.

In the case of the resin it is suggested that catalysis
similarly depends on decomposition of the hydroperoxide

surface to yield an active surface site.

No free radicals are believed to occur in any of the cases
studied. All kinetics are adequately explained in terms
of adsorbed radical ions which do not move into the

solution - not even into the Van der Waals layer.

There is no evidence that dissolved metal plays any part
in catalysis except perhaps as mentioned in 5. Partici-

pation of dissolved ions in a homogeneous-heterogeneous
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cycle seems to be ruled out.

The kinetics require a poisoning step in the case of
oxides and possibly also in the case of the resin. With
oxides the dual-site poisoning implied is required
unambiguously by the kinetics and measurement of the rate

of this poisoning contributes to an analysis of the overall

kinetics. A reverse of the formation of Oé or 0 is
suggested for poisoning i.e. the reversion to inactive
OH" or OQH' ions. A factor in deciding the relative
catalytic power of oxides will be the relation between
formation and poisoning of these active sites. The

dissclution of the hydroperoxide layer (when it occurs)

may be a factor in ameliorating the poisoning tendency.

Studies comparable with those on the oxides involving

a flow system are not yet available with the resin.

The active ions are adsorbed on the oxides at p-holes,

*** in Co0. Potential

i.e. at cu™* in the Cu20 case or (Co
studies lead to the conclusion that every other Cu ion in
the surface is in the Cu'' state during catalysis with

H O2 greater than 0.25 M. This tends to suggest that the

2
valency change is what favours the formation of the active
ions. On the other hand no such valency change can occur
on the resin and it therefore appears preferable to think
of the effect being geometric - the 02H' attached to the

higher valency ions or p-holes being brought intc closer
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contact than at the lower valency ions. The ¢ondition

in the resin is then seen to depend on some of the O.H’

2
being in this close position, favourable for coaversion

by dehydration to Oé and 0°.

The relative activity of the oxides, Co0 > Cu,0 > NiO

is paralleled by the stability of the hydroxides Co(OH),,
Cu(OH), and Ni(OH),. The tendency for the freshly
precipitated hydroxides to pass on standing from the
colourad form to the black hydrated oxide, is greatest
for Co(OH)2 and least for Ni(OH)z. This is taken to

reflect on the tendency for the step

O0H’ 0’
mtt M + H,0
Q0H’ 05

to occur i.e. the recovery process.

The slow growth of catalysis on CuZO was not observed
with CoO. This is taken to reflect on the relative

ease of diffusion of ionic and electronic species in the
two oxides which will affect the concentration of p-holes
at the surface and thus the number and reactivity of the
active sites. Such slow procasses do net occur on resins
where there would be no likelihood of such solid inter-

action, the surface +ve charge remaining isclated.

The detailed kinetic analysis of the slow growth accords

adequately with the assumption of a solid reaction and
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indeed there is quantitative correlation with the

energy of activation for p-hole diffusion in Cuzo.

This work ies closely linked to the studies on catalase
and the catalase model (TETA) Fe(OH); by the similerity
of the overall kinetics which require & similar
mechanism. Just as single radical producing electron
transfer mechanisms have been increasingly excluded by
results in the enzyme field, so it is now found that

these inorganic catalysts require two-electron steps %o

explain the kinetics.
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FUTURE LINES OF RESEARCH

As a continuation of the above investigations the
following suggestions are made for future lines of research
which appear likely to clarify further the detailed mechanism

of heterogeneous catalytic decomposition:-

1. the studies carried out on the Co0/H,0, and NiO/H202
systems require further detailed investigations on
lines similar to those followed for the examination of

the Cu,0/H,0, system.

2. extension of the Cu,0, NiO, CoO/H202 investigations
to include other p-type semiconducting metal oxide /

H,C

505 systems is necessary.

3. the preliminary studies completed on the resin/H,0,

system suggest:-

(a) extension of the static condition studies
described above to cover a wider field of [hZOé]’
pH, ionic strength and temperature

(b) application of flow system techniques to resin

gstudies.

4. +the application of isotopic trzcer technigues %o
elucidate further the reactions occurring in oxide /

H,0

50, and resin/H,0, systems.
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