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SUMMARY

The vapour phase decomposition of hydrogen peroxide has been studied
on a wide range of metal oxide, mixed oxide and promoted metal oxide surfaces.
The inveatigatibn was conducted mainly in a flow system, in the temperature
range 38 - 184°C using high-purity nitrogen as the carrier gas, and H,0, partial
pressures not greater than 1 mm of Hgs Oxide surfaces were held on vacuum
flashed metal films, or "specpure" metal slips or else were presemted to the
gas stream as a compressed slip of the bulk oxide.

There have been many studies of H202 decomposition in solution but few
in the vapour phase and these have been confined almost exclusively to work
with inactive catalysts such as glass, SiOz, SnO2 and 11205. No difficulty
was found in obtaining reproducible results with active oxides for the
decomposition efficiency (D) and also for the temperature coefficient CSA).

On the basis of these two values the catalytic efficiencies of the oxides have

been compared. In order of decreasing efficiency we find for single oxides:-

Mn203 > Pu0 > Ag20 > CoO/Con3 P Cu20 = Ni0 "green" = CuQ

Fe,0, > 040> Zn0 = MgO > Sn 0, = «-A1,0; >~ glass (pyrex)

This order taken in conjunction with the work of Garner, Stone, Wagner,
Schwab and others on the decomposition of N20 and the combination of CO and

0., leads us to classify the oxides on the tendency they exhibit to absorb or

2
reject oxygen which is in turn related to the defect-type of the oxide.

We state then in the terminology of the semi-conductor field:-
p type (P10, Cu20 etc. ) > n-type (CuO, Zn0 etc.) => insulators
Mg 0, X ~ A1203) as catalysts.
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The classification is examined with reference to the treatment of
stoichiometric NiO with LiZO and Ga203’ which produce strongly p~type and
n-type oxide mixtures respectively. Two series of oxides mixed in stoichimetric
proportion are also examined. These are the pre-spinel mixtures Mn203/XO,
where X=Cd, %n, Pb, Ni, and CuO/ O where Y=Al, Fe, Co. The effect of
anneallég temperature is carefully examined in the former case and it is
shown that the best catalysts are those in which interdiffusion of ions has
begun between oxide crystallites, but nc stable spinel has yet formed. The
most striking effects observed were in the synergesis obtained with the
Fe+++ and Cu*+ oxide mixture and the fact that inert ZnO seemed to promote
the already extremely active Mh203.

On all catalysts, temperature coefficients were measured by making fast
temperature changes. These values were, in most cases, dependant to some extent
on the temperature from which the change was made - the higher temperature
surface giving the highest temperature coefficient. Emergies of activation
calculated from temperature coefficients range from 4 - 34 K cals/mol.

Kinetic studies at constant temperatures on both p and n-type oxides
viz = F3203, Co0, NiO yields:-
| o (Pucs,) ~ (Braos - Po Pu.o, - JPo‘

d/t- ‘DH 0

A mechanism is put forward to explain this. It is suggested that
catalysis depends on cyclic transfer of electrons between the surface and
H,0, or its radicals and ioms. ng or O adsorbed at p-type oxides (with

attendant positive holes), or lattice oxygen vacancies (with attendant electrons )
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in the surface of n~type oxides, are suggested as suitable sites for tne
catalytic cycle. Increase of oxygen pressure accelerated the catalysis both
on n-type and p-type oxides ~ probably acting by raising the surface
concentration of such species as 02-.

The cetalyst surface is in slowly attained thermal equilibrium and also
is subject to change with varying H202 pressure. Thege effects are observed
and discussed.

To assess the possibility of linking the flow results with those of
previous workers with static systems, a brief investigation has been conducted
in a static apparatus. The conclusion is that comparison between static and
dynamic systems is not easy to make.

Information on the physical properties of the oxide systems has been

obtained from magnetic susceptibility, surface area and X-ray measurements.

The significance of which is fully discussed.



GENERAL INTRODUCTION

There.have beeﬁ few investigations of the heterogeneous catalysis of
hydrogen peroxide in the vapour phase., Those few have been conducted with
relatively inert surfaces such as glass and aluminium. Yet there seems to
be no inherent obstacle to the study by a flow method of the catalysis by a
wide range of surfaces, including very active ones. Such a study would yield
results of interest in the special field of H202 catalysis (So far studied in
detail only in the aqueous phase.) and in the wider comtext of the general
mechanism of catalysis.

The present work describes a study along these lines. It extends some
earlier detailed work in this laboratory on one oxide, and considers variations
in catalytic efficiency which are to be associated with chemical structure
impurities, the defect structure of the solid, surface changes occuring during
catalysis itself, and the effect of thermal pretreatment of the solid.

To begin with, a brief outline of past work on the decomposition of
hydrogen peroxide in the ligquid phase will be given. BSince in that field
much progress has been made towards a satisfactory understanding of the
catalytic process. This will be followed by a section on previous vapour
phase work with hydrogen peroxide; and a review of the defect structural
properties of solid surfaces and bulk oxides, which have recently come to be
recognised as being important in chemisorption and catalysis on oxides. In
this comnection an outline will be given of some fundamental studies on the

solid oxide catalysed decomposition of NZO and of the CO/O2 oxidation reaction

which are clearly related to the present problem.
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(1) Catalytic Decomposition of Hydrogen Peroxide

(a) Liguid Phase

‘Hydrogen Peroxide was discovered in 1818 by Louis = Jacgques
Théiard, who observed that it was rather unstable, presented a novel
form of chemical combination and that it could be decomposed vigorously
by certain substances without discernible effect on the decomposing
agent (1,2) Between the date of his discovery and 1856, Thénard
published upwards of thirty papers describing the properties and
preparation of the compound. He also made comprehensive observations

on the reactivity of H towards mny metals and metallic oxides,

20,

including AgéO, MnO, and PbO, and noted that "in these decompositions,

2
chemical action is evidently missings; it is necessary then to attribute
these actions to a physical cause which might probably be electricity’.
This work of Thénards (3,4) constitutes one of the earliest recognitions
of catalysis.

Since Thénard's early observations the advance of knowledge about
hydrogen peroxide decomposition has been hindered by experimental
difficulties., Iuch work was carried out with hydrogen peroxide of
questionable purity., In many cases observations were not made in regard
to the effects of concentration, temperature and the state of the catalyst.

The earliest systematic work on dilute agueous solutions was reported
in a long classical series of papers by Bredig (5), onwards from 1897.

He used metal sols as catalysts which he recognised as being analogous

in action to the biological enzyme, catalase. Bredig found that the
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decomposition was first order in H202 concentration on most noble
metal catalysts, and that there was an optimum rate at about pH 12,
These general findings have been confirmed recently in detailed work
by Teletof (6).
The basis of the early explanations of catalysis was an alternating

oxidation - reduction cycle e.g. as proposed for catalysis by iodine:-

Oxidation: 2 HI + H202 = I2 + 2 HZO'
Reductions 12 + 3202 =2 HL + 02.

Such explanations were only-moderately successful in explaining
the experimental results. The first major advance in describing a
mechanism of hydrogen peroxide catalysis can be found in the classical
work of Haber and Willstater (8) and Haber and Weiss (9), dealing with
the homogeneous catalysis by iron ions in dilute agueous solutions.
To describe the decomposition by ferrous salts in acid and neutral

solution the following cycle was proposed:-

Fett 4,0, =Pt woHT 4oH (1)
OH  +H,0, fﬂzo +10, (2)
HO, +H,0, f°2 +H,0 +0CH (3)
O T - TN+ (4)

The novel feature éf this cycle was the use of the radicals HO
and H02 in a reaction scheme which permitted bimolecular steps more
plausible than the simple oxidation processes represented above by
stoicheometric equations. Another original suggestion incorporated

in the scheme was the importance of electron transfer steps as

represented by equations (1) and (4). Regarding the scheme as a chain
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process (1) and (4) are initiation and termination reactions respectively
whilst (2) and (3) are propagation steps.

An outstanding development was found in the confirmation of the
production of OH radicals in the work of Baxendale, &vans and Park (1C),
who showed that in the course of the above pfocess vinyl polymerisation
could be initiated and OH detected in the polymer. Similar demonstrations
were made by Dainton (ll) for the decomposition initiated by light and
ionising radiation.

Later, Barb, Baxendale, George and Hargrave (12) modified the
original theory following further work on the system iron + H202 in
gsolution. They concluded that the reaction producing oxygen was not

3+

that of H02 with H202 but h02 or 02 with Fe’ ., In addition, after

further and extended experiments, Weiss (13) has revised the original

++

mechanism to include a reaction between Fe ' and HO, as a chain-ending

2
step.

Evans, Hush and Uri (14) increased the understanding of the
postulated reaction steps by providing carefully considered thermodynamic
data, based chiefly on experimental work of Baxendale, Lvans and Uxi (15)
for reactions between metal ions and the radicals.

The results of these workers using kinetic and the thermodynamic
arguments can be summarised for one typical catalytic process viz. the
decomposition of dilute H202 in acid solution by ferric icns in the
following scheme. The sequence of steps is due to the kinetic arsuusut,
the free energy changes are inserted to indicate the plausibility ¢ T

step.
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3+
Fe +,0, =Ho, +¥e’t 4t (5)
be = 31K. cals/mol.
++ : -
Te +8,0, =HO + OB + Feo¥ (1)
e = 20K, cals/mol.
OH +H202 = Hoz + Hzo (2)
neG = 19K. cals/mol.
o )
HO, =HE 40, ' (6)
DG = 3K, cals/mol.
>+ - o
Fe +02 = Fe +02 (1)
OG = =34K, cals/mol.
++ ) -+ -
Fe +HIO, - e’ 0, (8)
AG -TK. cals/ﬁol.
Pe  4HO - Ft o (4)
AG = ~19K cals/mol,

The working of this chain mechanism depends on the formation of a

-+

minute amount of Fe'' in an electron transfer reaction (5). This then

reacts in (l) forming hydroxyl radical which then produces perihydroxyl
in (2). It may then replemish the Fe'H- concentration by reducing E‘e}i_,
(7), via the anion, 0,7, of HO, which is fairly strong acid, The main
features of the catalytic process are represented by the sequence of
reactions (7), (1) and (2), the equilibrium (6) being assumed.

These principle features, derived to explain homogeneous catalysis,
have been used by Weiss (16) to form the basis of a discussion of the

heterogeneous decomposition of H202 solution on metal surfaces. The rate

controlling and chain initiating step was again suggested as an electron
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transfer to the HQO2 - the electron coming from the metal - with the
formation of OH and OH, The theory was tested by varying the electrical
potential applied to a metal electrode immersed in H202 solution and
observing the effect on the evolution of oxygen. It was found that the
catalytic reaction was favoured by adjusting the potential so as to
increase the availability of electrons at the metal surface. ‘his
electron transfer mechanism received added experimental support by the
work of Dowden and Reynolds (17), who observed that with a range of
Cu/Ni alloys, the copper rich mixtures were the best catalysts in
neutral solution between 20 and 80°C. The rate of HQO2 decomposition
was shown to increase with increasing copper content in accordance -/ith
a process cantrolled by the rate of transfer of an electron from the
metal to the substrate.

Weiss (16) suggested also that the formation of a dissolved metoi
ion might result from the initial electron exchange between the met=l

and H,O This complication is always present in solution work and hud

272°
previously been referred to by Wiegel (18) who showed that catalysis by
finely divided silver was accompanied by solution of the metal until tnoe
product QAQ+‘CHO _ had reached a steady value. eiss interpreted VWiie c1'.

2
results as followss~

sg (solid) +H,0, = 4g" (aq.) +0H + OB (9)
Ag  (solid) +H = ng+ (ag.) +0H (10)
- )
= 1
H,0, ) i +HO, (11)
+ = ,,
Ag" (ag.)  HHO, = 4g  HHO, (12)

By applying the steady state principle, it may be shown that this cyol-
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leads to the conclusion that the product C +. ~ must assume a

O
steady value. Reactions (11) and (12) 1llustrate the importance of pH.
High pH's favour catalytic decomposition of H202, and it is seen here
that a higb concentration.of HOZ’ which would occur at high pH values,
should have this effect,

Broughton and Wentworth (19) studied the catalysis by lv}'nO2 and

showed that ' ' accumlates in solubion until the solubility product
Cmmﬁ+-.CgH~ is reached. They further asserted, on the tasis of radic-

active tracer experiments, that Mh++ in solution is in a constant state

of exchange with the manganese ions in the oxide surface. Broughtom et al.
(20) were not able to find evidence for such an effect with cobalt oxides;
s0 in the absence of other support it is not possible to conclude that this
exchange effect is general.

Recent work by Voltz and Weller (21) has been directed towards
obtaining a correlation, for agueocus H202 decomposition, between catalytic
activity and surface oxidation state. The catalysts used were chromia
and chromia/alumine which had been pretreated at 50000 in an atmesphore
of hydrogen or oxygen, and it was found that the oxidised catalysts were
6-8 times more active than the reduced ones. On the sune theme, lloci and
Selwood (22) showed that manganese oxide catalysts supported on leOB
gave a’peak activity in the decomposition reaction, which was shown by
magnetic susceptibility measurements to occur at 3.6, ine They interpretecd

this peak as being dus to a nuximum induced oxidation state of the surfuce

held mangzanese,



- 11 -

Schwab (23) examined the liquid phase decomposition of H,0, by

the spinels MgO. Fe 2O3 and 4nO. Fe203, in order to assess the effect

of replacement in this structure of Mg by Zn*+. The pure magnesium
ferrite was the better catalyst but a 10% replacement by Zn improved

its efficiency to a peak 30% higher. In‘these investigations the authors
(21, 22, 23) assumed that hjdration and dissolution effects were
wnimportant. However, working in the liquid phase always entails a

great deal of uncertainty in this aspect.

(v) Vapour Phase.

Hydrogen peroxide vapour, if not diluted too much by water vapour
or other foreign gases, decomposes to water and oxygen with the
characteristics of a flame as first demonstrated in thne laboratory by
Hart (24), and later studied in detail by Satterfield et al. (25).

The kinetics of this process have been difficult to study becausc
of the intervention ;f the heterogeneously initiated decomposition.
Recent work, however, in flow systems has been able to separate the tuo,
Satterfield and Stein (26) showed that in glass vessels a heterogencous
process with energy of activation approximately 10K. cals/mol.
(calculated assuming first order kinetics), was superseded above SOOOC
by a surface independant reaction with E 50~6OK cals/mol, Stein's
work offers support for the theory that H202 decomposition is initiated,
here thermally, by splitting the oxygen - oxygen bond to give two Cu
radicals which would reguire 56K. cais/mol (14).

45 statel above, there lave Lewir comperatively few provicus

investigations on the decompositicn of hydrogen pewowide by sclid
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catalysts in the vapour phase, In 1923, Hauser (27) passed Tl vapoul oL
3%‘H202 over typical catalystzs in the form of gauzes and found that
copper and iron destroyed 1ittlie while asbestos destroyed most of the
HZOZ’ Such an observation could, of course, have little relevance to
the chemical nature of the catalyst since the surface areas were very
different and not measured. In the same year, Hinshelwood and Pritchard
(28) made a brief kinetic study of the decomposition in glass bulbs at
76°C and found the reaction to be heterogeneous and of the first oxder
in H2O2 concentration,

Later, Elder and Rideal (29) made a more detailed study of the
decomposition on quartz, glass and platinum wire in the temperature
range 80—10000, using 60% H202 vapour., The kinetics were found to be
first order on the platimum and glass surfaces, but on guartz zero oxrder
was indicated and the decomposition came to an end at 15 completion,
The quartz results were criticised by Rosenberg and Kistiakowsky (30)
who found poor reproducibllity in quartz vessels at 85-9OOC, but the
reaction always went to completion,

Reuter and Gaukham (31) set out to compare the decomposition cn
the same catalyst in the liguid and vapour phases. For the vapour pi.ue

“work they distilled 30, H202 over a catalyst comsisting of smootlh ol
platinized platinum, or manganese or lead dioxide. UThey concluded that

<

the mechanism of the vapour phase Zccomposibion was csstutially siviloy

to that in solution. The reacsion was found to be Tivst ovaer in hobi

cases, but the results published do not exclude the possibility of

diffusion of hépm oobae cebelret swrfece as Solng bl oo o sute
<

contuolling fuctor,
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hackenzie and Ritchie (32) made a much more accurate and detailcd

study Qf the system with quartz at pressures varying from 0.6 = 1.2 wmn ..
The procedure involved introduction of hydrogen peroxide by vaporisation
from a quantity of highly concentrated liquid and the rate of reaction

was followed by the pressure change. They found the reaction to be second
order with respect to H202 in the temperature range 15-15000. (This is
the only case where second order dependance was observed. as reporicd
later, similar results were found in a static system during the pres._+t
investisution, which are differently irterprcted).

Again in static systems Baker and Ouellet (33) and Gigusre (34),
carried out a wide series of investigations using different forms of
glass and quartz, and with vessels coated with tin and aluminium. The
reaction was generally first order in the range of conditions used,
(80-200°C and 50-100 mm. Hg pressure); and for the glass surfaces
apparent energies of activation of 13.4~19K. cals/mol. were calculated
from the velocity constants at different temperatures. Soft glass was
the most active catalyst with pyrex, tin and aluminium next in descending
order of activity. Quartz, which at low femperatures gave a marked

‘period of induction before any decomposition was observed, was the least
catalytic surface. However, Gigﬁére's work lends itself to the critiscism
that hot chromic acid was used as the cleaning agent which would probably
leave chromium oxides on the glass surface, This otherwise very accurate

series of experiments must be considered to be fallible on this point.

-
) o

kicLane (35) his studied tiae decomposition on pyrex glass it ano

> L] . T S R B ¥ oA "Qx, R
Athout a cowting of boric acid, in the fouperalture reglon ATS=54070 In
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a flow system with H202 partial pressures 1-2 mm. Hge. The reaction rate
was found to obey a first order relation, and was somewhat slower in the
coated vessels., The inhibitor action may be due to the conversion of the
bagic oxides in the glass surface to inactive borates. Harris (36) HanG
a brief study of the Geccomposition on a quartz reaction tube by
bubbling nitrogen at one atmosphere through 65% aqueous HZZO2 held at
5200. He found that the decomposition rate wag increased by coating

the tube with potassium chloride, and réported a half life ot 0.5 secs.
at 52000 in a clean vessel.

Very recently, Gigﬁgre and Liu (37) have measured the rate of
decomposition of H202 vapour by a static method, at pressures betweén Ge2
and 20 mm Hg in the temperature range 300-6OOOC, using glass vessels,

The reaction was found to be first order, with an activation energy of
10-12K cals/mol below 400°C and 48K cals/mol above this temperature,
which these authors take as the transition point from the heterogeneous
to the homogeneous decomposition process. In this instance the cleaning
procedure adopted was to treat the vessels with hot fuming sulphuric acid
followed by hot cmcentrated hydrogen peroxide, which would seem to be a
more satisfactory method than that employed in the earlier work (34).

It will be evident from the above account that the vapour phase
work has not progressed far towards yielding a clear picture of the
mechanism of the catalytic reaction. No detailed study of the surfaces
normally considered to be most active, such as silver or manganese dioxide,

has been made. In addition, no conclusions have been drawn as to the

connection between the chemical nature of a catalyst and its activity.
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However, in the case of the work at low pressures, first order
dependance on hydrogen peroxide concentration is usually found which
suggests that the rate controlling step could be either (a) gas phase
diffusion of Héoz, (b) diffusion through a layer of water vapour held
at the surface or (c) adsorption of H,0,.

In all these processes the rate of decomposition would depend on
the first power of the hydrogen peroxide partial pressure. Diffusion

seems t0 be ruled out by the high and variable energies of activation

found by Gigﬁére (34) and also by the sensitivity of the catalytic
activity to minor changes in the treatment of surfaces, It may then

be concluded that in the majority of the experiments reported, adsorption
is probably the rate-controlling process.

(2) cCatalysis and Surface Compogition

Whether or not adsorption is the kinetic rate controlling step in a
particular catalytic process, it is the umique step without which the reaction
is not possible. Furthermore it is equally evident that it is chemisorption
which is relevant since by definition this is the type of adsorption which
involves the chemical bonding of the adsorbed species. (This is not to say
that in a given process van der Waals adsorption may not be important as for
example by maintaining a loose surface layer of reactants,products or
intermediates).

The question which arises is what kind of surface feature will be
relevant to the chemisorption of an HZO2 molecule., We may approach this by

considering what type of chemical bond weakening would lead to the

decomposition of H,0,,
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As we have mentioned, thermal decomposition in the vapour phase
(McLane (35) and Batterfield and Stein (26) ) seems to be associated with
rupturing of the 0-0 bond, while light is held to act similarly (see Dainton
(11) ) and solution phase homogeneously catalysed decomposition mechanisms
involve breaking of the O~0 bond in an H’202 molecule after acceptance of an
electron., Thus it is natural to consider as a first possible surface process.
H202 + 25 = 2S0H
Where S represents a surface site and SOH an OH radical adsorbed on such a
gsite, Since an H202 molecule which has accepted an extra electron is in an
unstable state with regard to the 0-0 bond, (the extra electron goes into an
antibonding orbitél and reduces the net bonding between the oxygen to zero),
it is attractive to consider that the most likely precursive step to catalysis
is

+ -
H202 + 28 = 28 =~ H202

in which the final product can be thought of as a "loose" hydroxide - which
may in suitable conditions become normal hydroxide or react further to give
water and oxygen. Consideration of this mechanism may be left until later
but it would not be inappropriate at this stage to consider the properties of
oxides which may help to an understanding of the possible nature of S.

The oxide surface is, of course, a complex system. In addition to
surface metal ions, M+, M++ etc. and oxide ions O , there will be surface
jonic defects of either kind (anionic or cationic) with associated electronic
irregularities. There will also be, on an oxide prepared normally, adsorbed

impurities such as excess oxygen or water, We shall also have to consider the
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possibility of trace impurities.

(a) Defect Structure of Oxides.

In the past fifteen to twenty years a new conception of solid state
physics has arisen through the postulation of defect structures to explain
many chemical and physical properties of solids, The theory of these
phenomena has been described in the classical work of Mott and Gurney (38),
and extensive experimental and theoretical investigations have been
completed by many workers which has been integrated into a treatise on
the existing conception of solids by Shockley (39).

In a stoichimetric crystalline compound displacement of atoms from
their regular lattice sites may occur. The resulting interstitial atoms
and vacant lattice sites are distributed at random through the crystal.
Two simple limiting cases of defect formation are possible:=—

(1) EBqual concentrations of vacant cation and vacant anion sites

(Schottky defects).

(2) Interstitial cations or anions with a corresponding number of

vacant lattice sites (Frenkel defects).

Cases (1) and (2) may be considered to be inherent thermal defects,
which at normal temperatures are few in comparison to many other
deviations from stoichiometry which have come to be recognised. For
example, in the case of metal oxides, excess metal may be incorporated
by converting some cations effectively into neutral atoms or into cations
of lower valency, whilst the accomodation of excess oxygen involves
the presence of cations of higher valency. Each atom of excess metal

represents an extra cation plus a trapped electron in the lattice and



constitutes a filled impurity level from which, by fluctuations of
thermal energy, the electron may be excited to the conduction band of
the oxide. A cation of higher valency, in an oxide with excess oxygen,
is a site of electron defficiency; an empty impurity level to which an
electron may be excited from the originally filled valency band of the
érystal. Electrons in the first case, and positive holes (valency
electron vacancies) in the second case are thereby rendered mobile,
giving rise to electronic conductivity. On this basis metallic oxides
my be classified according to their electronic (semi-conducting)
characteristics.

Cuprous oxide is an example of a “"p-type" semi-conductor in which
the electronic conductivity is due to positive holes arising from
oxygen excess or metal deficiency. The electrical neutrality of the
crystal is preserved by the existence of an equal number of cupric ions

and vacant cuprous cation sites in the lattice, as follows:-

cut ® cut o cut

o 0 0~ 0
cu’ cat @ t O
Where @ = positive hole

vacant Cu* site,

L}

and OJ
p-type oxides exhibit a tendency for the metal to pass to a

higher valency state by adsorption of oxygen. The positive hole
produced in the electron transfer diffuses into the lattice to some

extent, whilst the adsorbed oxygen may be built into the surface (41).
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This process has been studied very fully for Cu20 by Garner and
his cowérkers (44, 46, 47) whose results, among other things, demonstrated
a marked rise in conductivity when oxygen was adsorbed by Cu20. This
could be explained by a creation of electron defects thus

+

Cu +0, = Cu+@+ 02-

2
where Cu+ is here a surface ion and the 02- is an unstable adsorbed
molecule., The above workers preferred to comnsider that oxygen is
rapidly dissociated to form 0 or even O% although the latter ion is
a special adsorbed species and not ordinary lattice oxygen until metal

@

ion diffusion has taken place to capture it. Cu+ is a p~hole and is
responsible for electronic conduction.

At low temperatures the lattice defects will diffuse negligibly
slowly but the electrons (or p-holes) will remain mobile. The temperature
at which ionic defects become mobile is around 100°C for Cu20 surfaces.
It may be judged from the temperature at which the oxide film on a metal
is no longer fully protective and begins to grow slowly.

In a norml, or n~-type, semi-conducting oxide the electronic
conductivity is due to the movement within the crystal of free electrons
or excess electrons which may arise from loss of oxygen or the inclusion
of slight excess of metal atoms which then dissociates-

M = M+ t+ e
Typical examples are Zn0 or CdO. The excess metal atom is probably to
be considered as in an interstitial lattice position. The electron will

normally be attached either to a normal M'H' lattice ion from which it can

escape freely with only thermal energy, an interstitial ion, or in the
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neighbourhood of missing oxygen ions (vacant anion sites) which will be
particularly abundant at the surface of the oxide crystal. For Zn0 we

could have:~

Zat T 0~ zatt 0 att
-~ ~N
Zn+ L - ~ g SN
’ -~ N /
- + = + *
0 / 0 zn\ ‘v.a.s.})
{ znt e “e /
{ ! = ’
't o~ Zntt 0 Szttt
-~ . !
Where e = quasi=free electron
Znt = interstitial zinc ion (There is, at the moment, no

conclusive evidence to show whether this zinc is present as atoms or
ions, Whgher (42) suggests the ion Zn'¥ Gray (43), zZu™).

These n—~type semi-conducting oxides have a tendency to lose oxygen
with the formation of interstitial metal iomns, and quasi-free electrons
which act as the current carriers,

A third type of oxide comprises the highly refractory ones like

-Akfg and MgO. These oxides are imsulators, being guite non-conducting
at normal temperatures but on heating in vacuo at 1000°C they can lose
oxygen and become similar to the n-type semi-conductors.

Por the purpose of this investigation the tendency, inheremt in
its properties as a semi-conductor, of the oxide to hold oxygen as
02- or O in an adsorbed condition will be considered to be an important

criterion in the catalysis of Eéoz.

(b) Oxide film growth on metals.

As a source of evidence for the surface structure of oxides we
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must consider the work on the growth of oxides on metals. The practical
work has been‘kinetic and calorimetric and provides a complex field of
data. Basically, however, one general mechanism is sufficient to explain
the resultse. Oxygen is adsorbed at the surface of the oxide film and
being strongly electronegative it attracts as electron from the oxide.

An electron comes from the underlying metal to neutralise the positive
charge caused in the oxide surface and in so doing gives rise to a cation
at the metal/oxide interface. Electrons are transported either as
electrons or p-holes., Metal cations must also be transported across the
film,

Catalytic Reactions on Solid Oxides.

Through the application of these new ideas of the solid state,
novel interpretations have been advanced to explain the role of a catalyst
in a heterogeneous reaction. Although a fundamental understanding has
not yet been completely attained; there is little doubt that any inter-
pretation of the activity of an oxide catalyst in some reactions must
take close account of its properties as a defect solid.

An extensive contribution in the field of gas/solid reactions has
been made by Garner, Stone, Gray and co-workers at Bristol. They have
succeeded in establishing a correlation between catalytic activity and
electronic structure of certain metal oxides for the CO/O2 reaction (44)
and the decomposition of NéO (45). TFor the CO/O2 reaction Garner, Gray
and Stone (46, 47) proposed a reaction mechanism for the more reactive
catalysts, especially Cu20. They regarded the chemisorption of oxygen on

cuprous oxide as involving the process:-

0, + 2¢ = 0o + O (1)
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Wagner and Hauffe, (48) had already suggested the initial step:-
NOo+e = O (ad.s.)+N2 (2)

to explain the catalysis of NZO by Ni0 at 500 - 600°C. These workers
observed that the electronic conductivity of the nickel oxide was
enhanced during catalysis. Since it was known that electrical conductivity
of these p-type oxides was due to an electron deficiency, it was reasonable
to assume that it would be increased during the occurrence of reactiom (1).
Gray (49) and Gray and Savage (50) used conductivity measurements to follow
the adsorption and desorption of oxygen by the oxide which, on the
mechanism indicated by equation (l), would also be accompanied by changes
in the number of electron defects in the oxide. The second stage in the
catalysis of N20 decomposition begun as in equation (2), is

20 (ads.) = 0, + 2e (3)

2

0=0,+ N, +e (4)

or 0 (ads.)+ XN

and since Gray and Savage showed that the desorption of oxygen from

Cu20 was a very slow process it may be inferred that reactions (3) and

(4) are probably rate controlling. This point has been substantiated by

Hauffe, Glang and Engell (51) who studied that decomposition of N20 on

a variety of oxides including NiO. They found that the catalytic activity

of the oxide was improved by the addition of small traces of Lizo, which

increased the p-type character, and thus would accelerate the desorption

rate through the creation of positive holes able to consume electraons.
Garner, Stone and Tiley (44) and Dell and Stone (52) examined the

CO/02 reaction on Cu20 and NiQ films present as a layer on the metal,

They concluded that an important part of the scheme was the reaction of

adsorbed oxygen and adsorbed carbon monoxide to give an adsorbed



-co; complex.

3

This was reversible below 100°C since the GO could be removed by

CoO+ 20 = cCoO; (5)

evacuation, but above 100°% it reacted to COZ' In the presence of
excess CO the complex reacts:~

003"(a<1s.) + €0 = 20, (g) +2¢ (6)

The slowest step in the CO/O2 catalysis according to these
investigators was the adsorption of oxygen. The very slow desorption
of oxygen was not involved. This would explain why CuZO was active at
lower temperatures (0-100°C) than for the N,0 decomposition (200-250°C)
which can only proceed by the direct desorption of oxygene.

The catalytic oxidation of CO on NiO has also been studied by
Parravano (53) who suggested that at low temperatures (100-18000) the
rate controlling process was the adsorption of oxygen, whilst between
180-240°C the slow step was the removal of surface oxygen by carbon
monoxide to give CO,. In addition, the system NiC + foreign ioms
was investigated (54) in order to ascertain how the catalytic activity
would be affected by modifying the oxide electromic type. In the low
temperature range all the catalysts gave the same value for the

activation energy, but at the higher temperatures it was found that

monovalent cations increased whilst trivalent decreased the activation
energy of the reaction. These findings are in apparent contradiction
to those of Schwab and Block (55) who report that an increase in p-type
character lowers the activation emergy in the temperature range

250-400°C to 12K.cals/mol, whilst a decrease of p-type character by
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adding Cr3+, raised the activation energy from 14 to 19K. cals/mol.

Stone (56) has tried to reconcile these findings by suggesting
that the rate combtrolling step is, in each case, at a different stage
in the reaction cycle, However, it may be possible that the lack of
catalyst specificity found by Parravano at low temperatures is due to
the reaction being partly subjected to transport control, which disappears
as the temperature is raised. In addition, as has been pointed out by
Verwey (57), when preparing an impurity type semi-conductor the foreign
ion should be about the same size as the ion for which it is substituted.
This will preserve the original lattice without distortion or dislocation.

3+

By adding Cr”  and Li+ as trace impurities, Schwab and Block would not
appreciably alter the NiO lattice. On the other hand, Parravano used

Ag™ as an additive which has twice the ionic radius of Ni'T, and this

may have caused lattice collapse, resulting in a non-homogeneous structure
saturated with defects. If this were so, then the catalysts used in the
two series of experiments are not stricily comparable.

This impurity addition method of preparing catalysts of varying
defect properties has also been applied to the decomposition of NZO by
Wagner (58) and to the Hydrogen/beuterium exchange reaction by Molinari
and Parravano (59) and Heckelsberg et al. (60). In these cases
variations in quasi-free electron concentration in ZnO were accomplished
by suitable édditions of Li+, A13+ or Ga3+. Measurements made by
Parravano (61) on the reduction of nickel oxide by hydrogen, have shown a
greater activation energy with increasing p~type character of the oxide

by the addition of small amounts of Li20, AgéO etce By the inclusion of

these impurities it is possible to obtain a semi-conductor in which some
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of the metal ions have been brought into a higher valency state, p~type,
or one in which they have a tendency to pass into a lower valency state,
n-type.

Finally, the recent work of Gray and Darby (62) on the HZ/O2 reaction
should be mentioned, as it is of interest from the mechanistic point of
view. The reaction was studied in the temperature range -21°%¢ to 13700
on an evaporated nickel film, surface oxidised. An activation energy
of 3.4 K.cals/mol was determined and the rate was dependant on the square
root of the oxygen concentration. The availability of Ni++ ions was
suggested as being the most important rate determining factor; the
adsorption mechanism being suggested as 3=

e

0, + 2FiT220 4+ 2m?t® (a)

2

++

20~ + 2 Wittt 200 + 2 mt® ()

and for the desorption the reverse process was held to occur.
Physical properties of oxide catalysts.

It is well known that oxide catalysis is very susceptible to the
conditions of pretreatment of the oxide. Among the physical properties
which have been used to characterise a given preparation are specific
surface area, electrical conductivity and Hall effect, crystal structure
and magnetic susceptibility.

The latter property seemed particularly relevant to many of our

oxides which were based on transition elements with several possible

valencies.

(i) Megnetic susceptibility and catalysis.

Huttig (65, 66) studied the decomposition of methyl alcohol on the
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ZnO/CrZO3 catalyst system. He found that the catalytic activity of the
mixture varied with the temperature of heat treatment, and these variations
were closely accompanied by changes in the magnetic susceptibility of the
mixtures. For the equi~molar mixture the activity reached a sharp

maximum at 400°C, a steep rise in susceptibility with incipient
ferromognetism being observed also at this temperature. These results

were critifcised by Selwood (67) who suggested that paramagnetic impurities
may have been present in the mixtures and, to make an adequate distinction,
the mgnetic susceptibility measurements should have been determined at
different temperatures.

Selwood (67, 68) has reviewed the various techniques available for
making susceptibility measurements, and has stressed the importance of
making determinations at two or more field strengths, since although
paramagnetism is independant of field, minute traces of ferromagnetic
impurities can be detected in this mammer., A graph of susceptibility
against reciprocal field strength will yield the true susceptibility of
the sample by extrapolating to infinite field. In addition, it has been
pointed out that paramagnetism frequently varies inversely with the
absolute temperature, and by carrying out determinations at a series of
temperatures the presence of paramagnetic impurities in a given sample
can often be easily detected.

This susceptibility isotherm method has been applied by Selwood and
co-workers to study the magnetic properties of supported oxides of
manganese (69), and to the copper/chromium oxide spinel system (70).

The onset of spinel formation found at 1000°C for CuO. Cr203 has been
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disputed by Stroupe (71) who reports X-ray measurements in favour of
his contention. It is possible that Selwood's active catalyst was a
solid solution of the two oxides, or merely Cr203 supported on Cu0, but
from the point of view of catalyst activity it should be stressed that
the type of structure is unimportant, rather that structural changes can
be related to catalytic activity.

Hﬁttig and his collaborators investigated the catalytic activities
of mixed oxides of the composition XO/YéOB, and related this to various
physical properties, in addition to susceptibility, such as crystal
structure and powder density etc. (72, 73). Spinel formation was found
to occur around 800°C for most of the systems investigated and coincided
with loss of catalytic activity. It was concluded that although the
final spinel state was not so effective in catalysis, the various stages
in the transition from a mechanical mixture to this structure were of
priméxy importance.

(i1) (b) Surface area and catalysis.

The major contribution in this field came from the classical work
of Brunauer, Emmett and Teller (74), and Emmett and Brunauer (75) on
multilayer physical adsorption. The method used by these authors was
successful in measuring areas of not less than one square metre, generally
by nitrogen adsorption at liquid air temperatures. Later, by using
ethylene at = 19500 as the adsorbate, Duncan (76) and Wooten and Callaway -
Brown (77) were able to extend the method to measure areas in the region
of 100 sq. cms. This treatment, although not yielding absolute values

of surface area, is the best at present available. It suffers from the

defect that when the pores in a solid are sufficiently close to molecular



dimensions, the smller capillaries cannot be reached by the adsorbate
molecules, and is thus not applicable to surfaces having a roughness factor
close to unity.

Since these methods are based on physical adsorption they offer no
means of determining the number of "active sites" on a catalyst surface.
Nor indeed are they any indication of the variety of adsorption sites which
may be available on a given catalyst.

Early conceptions, which regarded a catalyst as having a fixed surface
with a variety of specially active "free valencies" (Taylor, 78) due to
the position of the ions being on edges or peaks of surface crystallites,
bave to be modified in the light of the work of Volkenshtein (79), who
emphagised the defect nature of a surface and drew particular attention to
the equilibrium which could be assumed to exist between various types of
ionic and electronic defects. In such cases a chemisorbed molecule is an
impurity in the surface and gives rise to shifts in the surface equilibrium.
Thus a surface with chemisorbed molecules attached has different properties
from the same solid before the attachment.

Boudart (80) has extended this view by concluding that active centres
in a surface will be mobile and will be in a process of continual creation
and destruction. Naturally enough ionic defects and equilibria involving
them will not be mobile at the lower temperatures and will only be slightly

so for most oxides at the higher temperatures which we used in our
investigations (180°C).

(3) The Present Approach
Hart and McFadyen (81) investigated, in considerable detail, the vapour phase

decomposition of hydrogen peroxide on cuprous oxide films supported on copper
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metal, This was used in the form of a gauze held normal to a flowing stream
of gas containing H202 vapour. They also made a few measurements on other
oxidised metals available as gauzes e.g. Fe, Ag and Pt. They worked with
partial pressures of H202 in the region of 1 mm. and in a temperature range

of 40 = 100°C. The activation energy of the reaction on the Cu20 covered
gauzes was determined as being about 15K. cals/hol and the kinetics were first
order with respect to H,0, concentration.

The temperature coefficient of the reaction rate was found to vary with
the "previous history" of the catalyst. This effect has been discovered by
many investigators in the field of heterogeneous catalysis, including Constable
who observed variations in activation energy between 18-24K cals/mol., for the
dehydrogenation of ethyl alcchol also on cuprous oxide (82).

The extensive results of Hart and McFadyen on the H202/Cu20 catalysed
reaction, led them to conclude that the property of the oxide which determined
its catalytic efficiency was related to its ability to adsorb oxygen, somewhat

analogous to the findings of Dell, Stone and Tiley (45) on the N, 0O decomposition

2
and the catalysis of the 00/02 reaction on cuprous oxide.

The initial aim of the present work was to extend the work of Hart and
McFadyen to a wide range of metal oxides of different types, so as to enable
a correlation to be made between the properties of an oxide and its catalytic
efficiency. It was realised that this would involve the development of a
method suitable for the use of bulk oxides rather than oxidised metal gauzes,
so that carefully prepared pure oxides of known bulk properties could be used.
However, an important object was to maintain a link with the earlier work,

and therefore in some cases a careful study was made of the catalysis

achieved by different forms of a given oxide = oxidised metal slip, fully



oxidised flashed metal film on glass, and finally, compressed bulk oxide
slipe.

Arising out of this it was essential to give attention to the methods
of preparation, particularly the thermal pre-treatment, of oxides and its
relevance to catalytic efficiency.

The second aim was to study how to modify the catalysis by a given oxide,
through the addition of foreign oxides in either trace or equi-molar amounts.
The object of this was to link catalysis with solid oxide properties which
are known to be affected by such inclusions. For example, the intention was
to study NiO with additions of L120 and Ga203.
and the latter to decrease, the {endency of the oxide to hold adsorbed oxygen

The former is known to increase,

at its surface.

For the equimolar mixture studies, Cul and ano3 were chosen with equi~
molar amounts of a range of other oxides, e.g. EeZOS’ ZnQ, XNiO, A1203.

The full identification of what has been referred to above as "efficiency"
of a catalyst is a difficult matter, The intention in this work was to
measure the fraction of H202. decomposed under constant flow conditions and
to support this with measurements of temperature coefficients. In additionm,
as a possible source of comparative data on different oxide catalysts, the
surface areas of some of the slips would be measured by a B.E.T. gas
adsorption method,

Paramagnetic measurements were also plamned as a possible source of
information about the nature of the metal ions in mixed oxides, and X-ray
structural anslysis to give an indication of compound formation in such
mixtures during heat treatment.

Finally, as an indication of the relation between the flow studies and
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the previous work using static methods, it was intended to carry out a brief

study in a static apparatus of one or more suitable catalysts.
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EXPERTMENTAL

(1) Apparatus and Method.

(a) Flow system. General description.

A flow method for examination of the catalysts was chosen in order
to disclose changes of catalytic efficiency with time, and to be able
to treat these changes separately from the normal kinetics which assume

a constant catalyst. In addition, practical advantage of such a system

was that it would be possible, by suitable choice of flow arrangements,
to eliminate gas phase diffusion of the hydrogen peroxide to the catalyst
surface as a possible rate controlling factor.

A method in which the vapour of pure or very concentrated hydrogen
peroxide was pumped over the catalyst at reduced pressure presented the
main difficulty that the catalyst temperature during the decomposition
process would rise well above that of the vapour stream. This could be
avoided by using vapour from solutions of low concentration hydrogen
peroxide, which would however, involve having always a large amount of
water vapour present as & diluent in the gas stream. It seemed preferable
to work with an inert carrier gas such as nitrogen, at atmospheric
pressure. The partial pressure of the H202 could be kept low enough
to limit the temperature rise on the catalyst to 1 or 2 degrees.

Working at atmospheric pressure would permit easy precision regulation
of the flow rate before the gas was passed through a saturator containing
hydrogen peroxide solution at a controlled temperature.

The apparatus eventually used is shown in Fig. 1., up to and

including the pre-heater, and was a modified version of that used by
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Hart and McFadyen (81),

"White-Spot" nitrogen (>99.99% nitrogen, British Oxygen Company),
was drawn from a cylinder equipped with pressure gauzes and needle
valves to adjust the rate of flow. This passed to a ten litre stock
bottle (R) which acted as a storage vessel for the nitrogen, and also
served to reduce to a minimum slight pressure fluctuations caused by the
manostat (M) and the gas absorbers, not shown in diagram. ZFine control
of flow was obtained by carefully manipulating the cylinder needle valves
to give a pressure of 125 + 0.5 mms. Hg above atmospheric in the system,
which was kept at this constant value by the manostat.

The manostat is shown in Fig. 2. It operated from a simple Hg
filled U = tube manometer with a capillary inserted to prevent the
mercury see-sawing. With rising pressure in the storage bottle
electrical contact was made in one arm, as in a thermostat bath regulator.
Through a relay, this caused a leak=-off to be opened. The leak-off
consisted of a capillary closed by a 100 gm. steel weight with soft rubber
attached to the underside, which pressed against the ground end of the
capillary. A solenoid, fixed above this weight, was able to raise it
when energised. The relay opérated on a difference of pressure of less
than 0,1 mm Hg and kept the pressure in the nitrogen reservoir to within
0.2 mm of water.

From the reservoir (R) the nitrogen could be drawn off into any one
of three streams as indicated in the diagram, viz:-

Diluent nitrogen to adjust the concentration of vapour entering the
reaction tube in determining the reaction order, and to "dry out'" the

apparatus, especially the reaction-tube, after cleaning,
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(2) The saturator stream in which nitrogen was bubbled through liguid
hydrogen peroxide held at a constant temperature.

(3) The water vapour stream in which the nitrogen was passed through a
saturated solution of magnesium chloride held at a constant temperature
which enabled a known amount of water vapour to be added to the total
gas flow.

Each stream could be operated independantly, or in comjunction
with one or both of the others., This was accomplished by suitable
manipulation of stopcocks and screw clips controlling the gas flow from
the nitrogen reservoir.

The individual components in the flow system are detailed as
follows:=

(Al), (Az), (A3)° One litre B34 round-bottom flasks used as secondary
nitrogen storage vessels to reduce pressure fluctuations to an absolute
minimum., They were connected to the reservoir via capillary tubing
which helped to insulate the flow systems from the large storage vessel.

(Vi), (Vé), (VB). Fine adjustment needle-valves.

These gave fine control of the flow rate having a sensitivity of 2 mls/min.
per degree of dial revolution at normal temperature and pressure.

(V3) was later replaced by an Edwards needle-valve to give an even finer
degree of control, namely 0.5 mls/min. per degree of dial revolution,
which was required in adjusting the flow from the water saturator in
some of the later experiments.

CFl), (Fé), (F3)° Differential pressure type flow-meters as described by
Farkas and Melville (83). The meters were constructed in pyrex glass

with limbs 30 cm. long, internal diameter = Q¢5 cm. The flow capillary
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was comected to the exit limb of the meter by an A7 joint. Bach flow-
meter was securely bolted to a taseboard and scale from which the pressure
differential was easily determined. The capillaries used were 0.6 mm.

in diameter and of various lengths from 5-15 cm. depending on the range

of flow-rates required, and could be easily interchanged by removing the
quickfit spring and breaking the Bl9 joint which was lubricated by a
vacuum grease.

The capillaries were calibrated directly by a moving soap film
technique. This was a simple and accurate method in which the exit
nitrogen from the flow-meter was passed Jjust under the surface of a
"soap" solution, consisting of 40% "Teepol", 30% glycerol and 30% water,
This resulted in the formation of a thin film which moved along a glass
tube, one metre long by 3 cm, internal diameter, with the gas flow. In
order to prevent the film from bursting prematurely whilst moving along
the calibration tube, considerable attention was paid to the cleanliness
and freedom from grease of the tube surface, which was washed with
distilled water and dried with acetone. The time of travel between
selected fixed points was noted. By choosing suitable nitrogen pressures
a graph was drawn of flow rate against pressure differential on the flow-
meter water manometer. The volume of the tube between the points was
determined by filling it with mercury and weighing.

Alternatively, calibration was accomplished by connecting a flow-
meter in series with another of pre-determined characteristics. By these
methods it was possible to gauge accurately to within 0.5%, rates of flow
from 25-500 mls/minute which were required in the experiments.

The gas from the flow-meters passed through a further capillary to
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prevent the flow-meter registering minute pressure fluctuations from
the absorber/bubblers.,

(Bl)’ (32)’ (135). These were identical splash traps which prevented water
from discharging into the apparatus in the event of a flow-meter being
accidently overloaded.

(‘Dl), (ZD2). Identical cleaning towers, 60 cms. long by 4 cms diameter,
to remove all dust particles or water vapour carried over in the nitrogen
stream. The packing consisted of equal layers of filtering and drying
mterials arranged as follows:~
(a) glass wool, (b) calcium chloride, (c) glass wool,

(&) calcium chloride, (e) glass wool, (f) magnesium perchlorate and
(g) &lass wool.

(Dl) and (DZ) were connected in series to shorter towers, 30 cm. x 4 cm,
i.d., containing cotton wool and a G4 sintered glass disc which was used
to prevent any cotton wool fragments from being blown over in the inert
gas stream.

(Da) A cleaning tower filled as for (Dl) and (DZ) but of smaller dimensions
being 50 cm. long and 2 om., internal diameter.

(Sl) The hydrogen peroxide saturator, consisting of a  pyrex tube 15 cm.
long x 4 cm. id., the open end terminating in a B34 cone. The nitrogen
supply entered through a 5 mm. bore tube which passed through a B34
socket forming the head of the saturator; and was discharged into pure
or very concentrated hydrogen peroxide solution through a Gl sinter,
which effectively distributed the inert gas as tiny bubbles through the

body of the peroxide. The sinter was placed about 2 cm. from the bottom

of the saturator, which contained 20 mls. H202.
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The saturator was immersed in a 3 litre, stirred, thermostat bath.
The temperature control was operated by an electronic relay which emabled
the temperature to be held to + 0.01°C. The bath was maintained at a
temperature below that of the room (12-18°C, as chosen) to prevent
condensation of the saturated vapour elsewhere in the system. The bath
was continuously fed from the cold mains water supply and the volume kept
steady by a constant level device. If the mains water temperature was
too high, iced water from a gravity feed was added at rated of 50-110
mls/hinute depending on the temperature required.

(32) The water saturator, a pyrex tube 20 cm. long by 24 mm. i.d., the
open end being a B24 come; which contained a saturated solution of
magnesium chloride. The nitrogen in stream (3) entered the B24 socket,
which formed the head of the saturator, through a 5 mm. bore tube which
tapered to a 2 mm. orifice at a distance of 2 cm. from the magnesium
chloride crystals.

The saturator was immersed in a water bath, similar to that used
for the H’202 saturator described under (Sl). Care was taken not to
exceed the saturated water vapour pressure under the prevailing atmospheric
conditions when adjusting this temperature, - which was not, however,
necessarily below room.

A1l ground joints in the apparatus up to this point, with the
exception of the B34 joint in the peroxide saturator, were lubricated
with either "Silicone" or "Apiezon M" grease. The joints following,

i.e, those which came into contaét with the hydrogen peroxide vapour,

were not greased; in order to prevent contamination and possible
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decomposition of the peroxide.

Streams (1), (2) and (3) were now passed into the common manifold
as shown in Fig. 1. Stopcocks were provided in streams (1) and (3).
From this manifold the mixed gases passed in a common stream to the
preheater via a Bl0 joint.

(P) The spirel preheater which was a modified C3/12 quickfit condenser with
a coil length of two feet. It was used to bring the temperature of the
gases up to that of the catalyst, whilst serving also to mix the gases
before entering the reaction tube.

Two different types of reaction tubes were used in the experiments.
One was utilised in the examination of evaporated metal films and the other
for metal oxide, and mixed oxide compressed slips.

The flow reactor for metal films.

This consisted of an 18 mm. internal diameter pyrex tube, bent to
a right angle at the vapour entrance, which was coupled to the preheater
via a Bl4 socket (Fige3.) The tube, 30 cm long, was internally sealed
into a B24 socket 4 cm below the bend. This socket formed the head of
the reactor and comnected to the catalyst chamber by the B24 joint.
(The metal oxide film to be examined having previously been deposited on
the wall of the chamber as a circular band 5 cm. broad. The bottom edge
of which was a distance of 10 cm. from the base of the catalyst chamber.)
The gas stream from the preheater passed into the catalyst chamber
through the pyrex tube and came into close contact with the catalyst while
flowing through the 2 mm, annular gap. The effluent gas from the reactiom

was then bubbled into the gas absorbers through the two exit tubes sealed

into the B24 head.
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The unit was immersed in a stirred oil bath to just below the B24
joint. The bath was heated by a 250 watt immersion heater and the
temperature controlled by a mercury or toluene regulator comnected to the
mains through a "Sunvie" relay.

Reaction tube for oxides slips.

It was originally intended to examine the oxide catalysts impregnated
on a silica mesh support. Experiments were made in this direction by
boiling discs of the support with solutions of certain metal nitrates

followed by heating to the oxide. On examination, it was found that this
method resulted in irregular coverage of the support by the oxide and it

was virtually impossible to prepare reproducible surfaces,

To surmount this difficulty, and to obtain catalysts of similar
surface areas, it was decided to use the oxides in some form of compressed
plate or slip. The reaction tube was designed accordingly, and the final
unit is shown in Fig. 4.

It consisted of a 2 cm. bore pyrex tube 17 cm. long, tapering over
3 cm. to a rectangular cross-section, 1 cm x 0.25 cm x 10 cm. long. This
was blown out at the exit to form a B24 socket. The catalyst of dimensions
2.5 cm. x 1 cm. x 0,1 cm. being situated 1-2 cm along the rectangular tube.
A vapour jacket enclosed the tube and constant temperatures were obtained
by refluxing the vapour of a redistilled liquid, boiling at atmospheric
pressure, into the jacket.

The absorber.

The gas from the flow reactor was then passed into a "bubbler" which
acted as an absorption unit for the peroxide vapour. These were constructed

in pyrex glass, 15 cm. long by 2.5 cm. diameter., The orifice of the
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bubbler being 0.5 cm. bore, and its feed-end comnected with an AlO socket
to the reaction tube via an A10/B34 coupling. The exit tube of the
bubblers was open to the atmosphere, thus allowing the nitrogen carrier
gas to escape. It was found that only one bubbler, containing 20 mls.
distilled water, was required to absorb all the effluent peroxide. When
two or more were added in series and the contents analysed by titration
with 0,0lN KMnO4, no peroxide was detected in any but the first bubbler.

Temperature control.

In experiments with the oxidised metal film catalysts, the reactor
tube was fixed in position in a thermostatically controlled oil-bath,
preheated to the temperature required. Dry nitrogen was then passed
through the system which was allowed to stand for approximately 5 minutes
to attain temperature equilibrium before commencing a run. The temperature
of the oil-bath was controlled to + 0.01%C at temperatures up to IOOOC,
and over this control was to + 0.02°C. Unf ortunately, this system did
not allow temperature changes to be made as guickly as desired in
determining the temperature coefficient. There being a time lag of 5
minutes required to give a steady temperature 20c® higher when making
a change.

The temperature control with the slip - reactor was to + 0.01°C in
the range 38 - 183°C. This was attained by refluxing the middle fraction
of the following redistilled ebulliostatic liquids from a 500 ml B24
round bottom flask attached to the vapour - jacket; the boiling points,
4o the nearest 0.5°C; are given in brackets:-

(1) Ethyl Bromide (38°C) (2) Chloroform (60°C)

(3) Carbon Tetrachloride (76.5°¢)  (4) Benzene (80°C)
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(5) Water (100°c) (6) Xyleme (136°C).
(7) Aniline (183°%).

In this system, temperature changes were accomplished in less
than 60 seconds by quickly changing from a flask of one liquid to
another preheated to near the temperature required. The temperature
of the vapour was ascertained from a Bl4 quickfit thermometer enclosed
in the vapour jacket., This was recorded as the temperature of the rwm
which could differ slightly from the above boiling points, due to
contamination of the liquids from the drainage of the vapour jacket.
It was necessary frequently to redistill the liguids to rid them of
this contamination.

With the pre~heater comtaining methyl alchol boiling at 6490,
supplying a background heat to the peroxide vapour, it was shown by the
use of thermistors, that the peroxide stream attained the temperature
of the wvapour jacket at a distance of 4 diameters along the reaction
tube, i.e. 56 cm. from the entrance with temperatures up to IOOOC and
slightly more for temperatures of the higher order. Kven at 183°C the

peroxide vapour was within 1¢° of the catalyst temperature by the time

contact was mde.

(leaning glassware.

In all work concerning the flow system extreme care with cleaning
had to be taken in all experiments to obtain reproducibility of blanks.
Conventional methods of cleaning proved to be unsatisfactory e.g. chromic
acid could not be used, as it was shown that glass so treated decomposed

H O2 vapour, possibly by the formation of an invisible chromic oxide skin
2
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on the walls of the reaction vessel, giving decompositions of up to 5%

at temperaturesc.lBOOC. Similarly sulphuric acid was not suitable,
presumably because of metal ion impurities in this acid which again cause
tube contamination and decomposition of the vapour. Cleaning with caustic
alkalis was also attempted, without success, possibly due to an etching
attach on the pyrex glass surface exposing impurity occlusions and thus
making it less stable to hydrogen peroxide.

An effort to stabilise the reaction tube surface, after cleaning
with the above mixtures, was made by treating it with 25% boric acid
solution. This gave initially a fairly inactive coating but in about one
hour at temperatures > 100°%C. decompositions of 2-4% of hydrogen peroxide
vapour were recorded. Treatment with sulphuric acid and ammonium per—
sulphate, which proceeds through the production of H202, was fairly useful
but had to be discarded as sulphuric acid of sufficiently high purity
could not be obtained.

The cleaning treatment eventually adopted consisted of an ethanol
rinse followed by the addition of concentrated nitric acid, analytical
grade. The nitrous fumes produced were allowed to permeate the system,
which was later filled with dilute HNO3 and allowed to stand for several
hours. This was followed by immersion and rinsing with distilled water,
and the glass was finally dried at 100 - 15000. If necessary the cycle
was repeated several times.

After this treatment no decomposition was observed on the glass at
temperatures below 13600 and any which occurred between this temperature
and 183°C was less than 3.5% and involved a very small correction.

Thermal decomposition of H202 vapour was not an important factor since
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this does not take place until temperatures of around 600°C are attained
(McLane, 29).

Blank Determinations.

The system was first purged with nitrogen with the reactor at the
required temperature, in order to remove traces of moisture gtill possibly
occluded in the reaction-tube., This was continued for 30 minutes. The
dry nitrogen stream was then stopped and replaced by that from the peroxide
saturator.

The flowmeter was quickly adjusted to give the required flow-rate and
the apparatus allowed 15 minutes to settle dowmn. The gas absorbers were
changed every 5 minutes and the peroxide content of the gas stream
determined by a titration with O.0LN KMnQ4. Concordant results were
usually obtained with successive blanks, but if this was not the case,
the apparatus and especially the reaction-tube, was recleaned. The flow-
rate was checked when necessary at points between the flow-meter and gas
absorber, by the use of a sensitive rotameter which tested for leaks in
the system due to faulty joints. Only very rarely was such a leak
detected.

A specimen set of results and calculations for blank runs was as
followss—.

Temperature of Saturator 15%.
Concentration of H,02 in Saturator  99.90%

Flow Bate | 300 mls/min,
Sample Time 5 mins.

Table 1 shows the experimental figures obtained with these

conditions:-
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TABLE 1
Time (mins) Reaction Tube Titre
Temperature (°C.). MLS.0,OLN KO,

0 100 )

5 100 15.92
10 100 15.93
15 100 15.94
20 100 15.95
60 100 15.95
180 100 15,95
200 184 15.90
205 184 15.91
210 184 15.90
240 184 15.90
300 184 15.90

At the steady state at 100%.

Wt. of H2 >

At the steady state at 183°C.

0, in vapour in 5 minutes

Wt. of H202 in vapour in 5 minutes =

Comparison with theoretical.

Partial Pressure of H,0, over 99.,90%

Wt. of H202 in 1.5 litre

S

100 x 1000

2.72 x 10 gms.

15,90 x 17.01
100 x 1000

2,71 x 10 gm.

—

1%1202 solution.

0.96 mm, (Kavanagh, 84)

0096 X 105 X 34‘002
760 x .082 x 288

2,72 x 1072 g,
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+ o At the steady state, at lOOOC, Blank Decomposition = Q.
and , At the steady state, at 184°C, Blank Decomposition = 0.3%

Fig. 5 shows the deviation of the experimental blank from the
theoretical value at various concentrations of H202 in the vapour phase,
and it can be seen that the blank decomposition was small in the temperature/
pressure region studied i.e. 38-18300, and 0.3 - 0,96 mm. Hg pressure.

The decomposition occurs only over 100°C and increases slightly with rising
peroxide concentration. It was generally negligible in comparison to the
catalytic decomposition, so that in very many cases it could be neglected
entirely. (These blank deviations refer, of course, to the decomposition
on pyrex glass).

Efficiency of catalysts.

After obtaining a satisfactory blank, the catalyst was manocevred into
the reaction tube with the aid of surgical tweezers, taking care not to
damage or break the leading edge of the slip; which was so placed in
position as to give 1 mm. clearance between the catalyst and the top and
bottom walls of the reaction vessel. When this had been accomplished, the
nitrogen flow was switched into the hydrogen peroxide saturator, only a
few seconds being required to adjust the flow to the necessary value. When
the temperature of the gas stream was tested during this change no
fluctuations were observed.

When the H202 vapour had passed over the catalyst for 5 minutes, as
timed by a stop-watch, the effluent gas absorber was quickly changed over,
and the amount of H202 present estimated by a titration with O.OLN KMhO4.

Subtraction of this figure from the blank value gave the amount of vapour
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decomposed. These determinations were continued until the steady
decomposition value was reached. Generally, this level was attained
after 20-25 minutes, and the measurements were continued for 60-70
minutes. If the run was extended to 2 or 3 hours, steady changes in
activity of about 1% were sometimes observed. However, slow changes of
this nature were not studied in these experiments.

Initial changes of efficiency.

During the first exposure-of a catalyst to H202 vapour, the initisl
fast changes of efficiency were often determined by taking samples of
the effluent peroxide vapour every 60 seconds. Changes of absorber tube
could be made in about a second and there was negligible disturbance of
the flow rate in the change, providing that the volume of water in the
absorbers was carefully pre-adjusted.

Determination of reaction order.

The order of the reaction was ascertained by a method involving
quick changes of H202 concentration, whilst keeping the flow rate constant,
Thus, with a flow rate of 300 mls/bin, and a hydrogen peroxide concentration

of Ci in the gas stream; several determinations were made in the manner
previously described., When a steady decomposition value had been reached,
the inert gas flow through the Héoz saturator was cut to 200 mls/min.

i.e. to 2/3 Ci and the total flow brought tack to 300 mls/mm. by the
addition of dry nitrogen. Again, when a steady decomposition value was
reached 2/3 C,~1/2 C; and similarly 1/2 €, ~71/3 C;. This was followed
by the reverse procedure, 1/3‘01"'1/2 Ci‘ V2/3 Ci- fCi, by replacing the
dry nitrogen increments with peroxide saturated nitrogen from the H202

saturator. Bach of these concentration changes could, with practice, be
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completed in 15~20 secs,

Determination of temperature coefficient.

The temperature coefficient of the reaction rate was found by making
quick temperature changes within the limits of the decomposition. This
was accomplished by switching from one constant-boiling liquid to another,
after the steady decomposition limit had been reached at a given

temperature. By pre-heating the change-over liquid, the new temperature

of the catalyst and reaction-tube was attained within 60 seconds, as
recorded on the top thermometer, and by a thermistor attached to the
catalyst during test runs at the various temperatures,

The decomposition was allowed to come to a steady value, taking
about 20-45 minutes according to the temperature, and the temperature
changed to 2 new value by again switching to a different ebulliostatic
liquid. By this method decomposition figures were obtained, in the
temperature range 38 - 18300, for each catalyst studied; thus permitting
an evaluation of the temperature coefficient of the reaction rate for
each stepwise change.

In the case of the metal films it was more difficult to effect
immediate fast temperature changes. Even by employing two hot oil baths
it took about 5 minutes to attain the necessary steady values. So in
this instance it was not possible to attain the sudden efficiency change
in a given temperature interval, as with the other reaction tube.

Effect of oxygen and water vapour on the rate.

In studying the effect of oxygen on the decomposition rate, the

method employed was to0 change completely from nitrogen to oxygen as the
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carrier gas entering the storage vessel (R). The change from one gas

- cylinder to the other was accomplished within 5 seconds, and the time
required to give a steady pressure value in the flow system varied
slightly between 10-20 seconds. It would be incorrect to say that after
a change from oxygen to nitrogen, the total gas flow was immediately
composed of only one of the gases; because of the time required to
displace the existing gas in the storage vessel (R).

In this instance, and with the water vapour additions, the runs
were all carried out with over 99% w/w freshly distilled, unstabilised
hydrogen peroxide.

Water vapour was added by passing dry nitrogen into the saturated

solution of Mg Cl, at a constant temperature, chosen so that the saturation

2
pressure at atmospheric conditions would not be exceeded. By adjusting

the flow of the carrier gas passing into the saturator, suitable increments
of water vapour were added in the pressure region 1-16 mm, Hg. The total
flow was restored to 300 mls/min. by additions of a fixed amount of
peroxide saturated gas and variable quantities of dry nitrogen from the

other streams.,

Experiments to detect transport control.

The flow rate, dimensions of the reactor, temperature range, and the
arrangement of the catalyst were chosen so that surface processes and not
gas phase diffusion of H202 to the surface controlled the rate.

If gas phase diffusion was rate-controlling a first order process
would be found relating rate of catalysis to gas phase concentration of
H202 at a given flow rate, All effective catalysts of the same area would

be expected to give the same rate of decomposition. This was, of course,
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far from being the case, At quite low temperatures the best catalysts
could achieve > 98% decomposition while with the less active ones a much
higher temperature was necessary before decomposition could be observed
at all. This seemed to provide strong evidence that so long as
decompositions were not too close to 100% we could ignore gas phase
diffusion as a controlling factor,

Experiments to demonstrate the independence of kinetics on flow
velocity were made using gas flows in the region of 400-100 mls/min. at
various temperatures. Fig. 6 illustrates the results with catalysts of
widely different type, a surface oxidised nickel metal slip and compressed

ZnO/Mh It is shown that for flow rates between 150 and 350 mls/hin

203.
the rate of decomposition, at a fixed H202 concentration, is independent
of flow rate. As would be expected, above the higher flow limit the
fraction of peroxide decomposed for a given time of stay at the catalyst
falls slightly, presumably because average H202 molecules make fewer
collisions with the catalyst per second than they do at smaller flows, -
or put in another way molecules remote from the active surface when the
gas reaches the catalyst zone are not able to diffuse into contact before
the bulk flow has passed it. At flows slower than the limit a higher
decomposition is observed. This suggests that at these bulk flows the
time of contact with the catalyst is longer than it appears to be -

perhaps due to back diffusion.

(b) Metal evaporation unit.

The techmique adopted in the production of metal films was similar

to that used by Finch et al. (85) and later by Trapmell (86).



The apparatus shown in Fig, 7 consisted of a three-stage mercury
diffusion pump backed by a high efficiemcy two~stage mechanical oil pump
through a P205 trap., The diffusion pump led through two vapour traps
immersed in Dewar flasks containing liquid oxygen to the flashing unit
attached by a BL9 joint.

The flashing unit head was a B24 socket into which two tungsten
wires, 1 mm. diameter, were sealed., Both wires were encased in glass
capillary tubing. The tubing was held rigidly by glass rods, which
served to retain the tungsten wires in position. One wire was 5 cm.
shorter in length than the other and was placed centrally in the head.
The metal filament to be flashed was linked to the ends of these wires
so that deposition occurred radially from the centre, with the catalyst
tube surface interposed within the limits of the mean free path of the
evaporating systems.

Midway between the flashing unit head and the Bl9 trap joint, a
Bl4 socket was sealed to take the Pirani gauge head which was connected
t0 an Edwards vacuum indicator. The current used in the evaporation was
supplied by a bank of accumulators which were connected to the ftungsten
terminals via a rheostat and ammeter.

Evaporation technique,

The apparatus was evacuated for 16~20 hours accompanied by
intermittent baking-out, (heating with a bunsen to the point of collapse).
This enabled a vacuum better than lO-5 mn, to be maintained when depositing
the films., In all cases the deposition surface was cooled by liguid

oxygen. This procedure was intended to avoid preferentially oriented

films (Beeck, Smith and Wheeler (89) ).
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The film thickness of the metals deposited were in the region 5-10 /u
as calculated by dissolving the film in acid and analysing for Ni by
conventional methods. Deposition was completed in 15-20 secs. with a D.C.
current of 5~7 amps, Films of nickel deposited in this fashion were
transparent but on admission of air became black due to the formation of
an oxide at the surface. Air was admitted to the system at - 183°C, which
was then quickly brought to room temperature,

By this method films of many metals were spluttered, either as
"specpure" wires or as electrolytic deposits on a clean tungsten filament,

0,01 mm. diameter,

Magnetic Susceptibility Balance.
‘ The determinations were made with a Sucksmith type balance (87) as
used also by Dilke, Eley and Maxted (88).

Tjhe apparatus is shown in Fig. 8, and was constructed fromsimple
mterials, It consisted of a low extension micro-balance made from a
circular strip of phosphor-bronze which was 38, 42 or 46 s.w.g., according
to the sensitivity required. The width of each strip being 2 mm., bent
into a circle of 5 cm. diameter., The ring was supported at the top by a
slit in a brass rod and was enclosed in a brass box, 10 cm. x 10 cm. x
13 cm., with glass windows in three sides. Light from a galvanometer
lamp was reflected from mirror B to mirror A and then on to a vertical
scale at the focussing distance of 1 metre, by a system of plane mirrors
outside the box. A light mica scale pan was attached to the lower
extremity of the ring from which the specimen was suspended by means of a

fine glass or nylon thread.

The specimen was packed into a thin walled glass phial, 7 cm. long
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x 1 mm. diameter of uniform cross-section. The materials were thoroughly
ground in an agate mortar to pass 300 B.S. sieve and carefully packed into
the phial by tapping on the bench several hundred times in order to
minimise discrepancies in packing demsity, which is the principle source
of error in this method.

Since an electro~magnet was not readily available the measurements
were made with permenent mgnets of field strengths 10,600 8ersteds and
1,500 oersteds respectively. These were obtained from W, Jessop & Sons
Ltd., Sheffield, and were manufactured in the sintered "Alcomax III" alloye.

By means of a hydraulic 1ift (a modified lorry jack), the magnet was
smoothly manoeuvred into position, and the maximum pull, (when the tip of
the specimen was at the middle of the pole gap), was determined from the
galvanometer scale deflection. This was repeated until a constant
deflection was obtained. The specimen was prevented from attaching to
either pole by means of two fine nylon retaining threads attached to the
top of the magnet by a mica support.

The apparatus was calibrated with a saturated solution of ferrous
ammonium sulphate, for which X (magnetic susceptibility/gm)

6

00 x 10~ .
= L%ﬂ_—fr_ CoeSeSe unitse.

where T = °K. In addition, the susceptibility of various pure oxides

of known values was determined at the two field strengths and agreed to

within 1% with I.C.T. data.

The measurements were all made at room temperature and the final
value for each system was taken as being the average given by three

separately packed specimens. The X values may be criticised, on the
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grounds that determinations should have been carried out at different
temperatures to obtain susceptibility isotherms (Selwood, 67). This is
a useful method of detecting the presence of parammgnetic impurities but
was rather out-with the scope of this work. It was felt that careful
measurements at two field strengths would be sufficient to characterise
each substance, and a graph of X against 1/H would indicate whether any
ferromagnetic impurities were present.

The calculation of X was carried out in the following menner:-
Magnet moment induced/cc = kH.

Where kK = volume susceptibility and H field strength.

_ - .
Magnetic moment induced in volume O v = kHSv,

‘ 2]
Now, force acting on}‘b‘v, gF = moment . (f%
(Since v = A3 1) - KHASHE
' ' 2
= 4dE

Integrating over the whole length (1) of the specimen, we have:-

1 5
f TR TRy
° H (since H, = Hl).
icee F = % kAR, (Since B, = Hl).
But F =0 wg, wheregw = pull in gm. Weight and X (gm. susceptibility)
= k/o ‘(/o.—.- density of specimen)

‘e X = _2_§}_ng (W = Weight of specimen)

(d) Surface area apparatus and measurement.

The apparatus used is Bhown in Fig. 9 and was a modified version of

$hat proposed by Duncan (76) and Wooten and Callaway-Brown (77)e Mercury
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seals being replaced by vacuum stopcocks, and a series of three expansion
volumes introduced,

The measurements were made with ethylene adsorption at - 18300, and
preliminary trials were carried out to find a suitable stopcock grease
which would not absorb this gas. Various commercial high vacuum lubricants
were used, as were mixtures composed of fused dextrose/glycerol and mannitol
as recommended by Tyrer (90). These were applied without success, whilst
although very little ethylene absorption was detected, the greases were
liable to retain moisture and also to carbonise whilst flaming out the
apparatus.

This difficulty was finally overcome by using a fluorocarbon grease,
kindly presented by I.C.I., Widnes. For example, on allowing vapour/
greage contact for 12 hours, the pressure in the system remained comstant

4'mm. Hg, as measured on a McLeod gauge.

at 3.5 x 10~
The apparatus was evacuated by a high efficiency mercury diffusion
pump backed by a mechanical oil pump, attached to the vacuum manifold
through two liquid air traps. The total volume of the apparatus was
2,100 c.c. and an evacuation to 8.2 x 10-6 mm. Hg pressure when left for

60 hours changed to T.9 x 10-5 mm., Hg, a reasonable leakage for a vacuum

apparatus of this size and one which would not interfere with the surface
area measurementse.

The volumes of the various parts of the apparatus were determined
from that of the McLeod gauge - using the bulb volume of the McLeod as
a gas pipette. The McLeod Bulb volume was previously calibrated against
a flask attached to the manifold which, in turn, had been calibrated by

weighing the mercury required to fill it.
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4 500 ml. flask containing ethylene, (99% purity, I.C.I.) kept
over dry sodium or P205, was connected to the manifold via the release
valve, the expansion bulbs and manifold having previously been subjected
t0 a hard vacuum accompanied by flaming for 45 minutes. When this was
complete the bulbs were closed to the manifold and a liquid oxygen trap
placed around U-tube. The 02H4 was then allowed to issue into the system
and was successively evaporated, condensed and pumped off to remove
entrapped air, ¥Finally, the ethylene was admitted to the expansion
bulbs which were then closed to the manifold.

The measurements were made by having a liquid oxygen trap at a
constant level around the specimen tube. The whole system was evacuated
and a very small amount of 02H4 allowed into the manifold (not sufficient
to0 reach the condensation pressure) and the pressure measured on the McLeod
gauge by a cathetometer reading to .00L mm., Tap A was then opemed and the
02H4 allowed into the specimen side of the system. After about 15 minutes,
tap A was closed and the McLeod gauge reading taken. The adsorption was
then found by the usual difference method calculated from the total gas
charge and the quantity of gas in the gas phase.

The gas charge was checked at the end of each run by measuring the
‘pressure with the specimen at room temperature. According to Duncan (76),
with this system errors due to thermal transpiration are generally
negligible as is the Knudsen pressure drop through liguid oxygen cooling.

No minor gas law or glass adsorption corrections were applied; the

absolute accuracy of the surface area figures being probably of the order

of + 15%.
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(e) Static system.

The equipment is shown in Fig. 10 and was of simple design, con~
structed in pyrex glass. It consisted of a catalyst chamber, 4, 20 cm.
long x 2.0 cm. internal diameter, jacketed in an aluminium tubular furnace,
F, which was supplied from the mains via a "Sunvic" input control, the
temperature being registered by a standard chromel/alumel thermocouple
tightly jammed between the catalyst chamber and the close~fitting furmace.
The chamber was sealed to the vacuum line, in order to dispense with
greased joints.

The oil-manometer, M, contained freshly distilled dibutyl phthalate
and the peroxide reservoir, C, 12 mls. H,0, (>99% w/w). The vacuum was
supplied by a similar unit to that described under metal films and was
registered on a Pirani gauge.

Method of measurement,

The H202 in C was frozen by liquid oxygen, melted and then pumped
off to remove entrapped oxygen. This cycle was repeated several times.

4 s Hg).

(The system was previously baked out and evacuated to 5.0 x 10~
fhe peroxide reservoir was then brought to 2000, tap Tl opened and
the vapour allowed to escape into the volume between Tl and TZ‘ Three-
way tap T2 was then opened to allow the gas into the reaction chamber,
and the decomposition followed by the pressure change registered on
manometer, M. Readings being taken every 20 seconds.
It was originally intended to deposit the catalyst on the walls of
the reaction chamber in the form of an oxide film, to obtain a reproducible

surface. However, in the experiments reported the catalyst was 0.5 gm.

oxide ground to pass 300 B.S. sieve, dusted over the inside of the tube
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with slight excess at the bottom of the vessel. The investigations were
carried out in the range 30 - 120°C and 0.5 - 2 mm, Hg pressure of H202
vapour.

The unit was constructed towards the end of this research period, in
order to compare the efficiencies of high activity catalysts in a static

system with that found by the flow method, and so to examine the possibilities
of obtaining a correlation with other workers (34, 35) on similar static

systems with inactive catalysts.

Pellet press.

Since the single oxides and mixtures were to be examined as compact
slips of material, a suitable pellet press had to be comstructed for this
purpose. Considerable difficulty was encountered in making the die, and
many designs were experimented with, in this department and also by the
Admiralty, T.E.E., Greenock, whose assistance was most valuable in arriving
at the final form of press.

It was found that a pressure of 17.5 tons/sq. ins. was required to

give a compact slip of material without using an adhesive. At this pressure
difficulties arose through the buckling of the plunger and wear of the
ingside of the die. The press eventually used is shown in Fig. 1l and was
constructed in this College. The main body being of mild steel, the
plunger, anvil and four inserts being made of a high carbon, chrome steel,
This was used to press the dry material into slips, 2.5 cm x 1 cm x O.1 cm., ‘
which were used in the flow appa,ratﬁs. ‘j
The press was thoroughly cleaned after each use with an abrasive,
followed by a thorough water rinse and drying with acetone. The pellet

surface was at first gently rubbed with filter paper in order to remove
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any possible contamination due to contact with the steel plunger. It was
also found that when a slip was pressed between sheets of '"Fluon" no
difference was observed in the catalytic activity. Thus by adopting
stringent cleaning procedures, pellet contamination was so negligible as
to have no effect on the catalytic performance.

Agate mortar.

This was a mechanical mortar driven by a 0.25 H.P. motor, manufactured
by Thos. Dryden and Sons, Preston, and kindly loaned for the purpose of
this research by Admiralty Materials Laboratory, Holton Heath, Dorset., It
was used in grinding oxides to a uniform particle size and also served to
provide an intimate mixture of two oxides by grinding together.

The mortar capacity was 5 gme. and in 12 hours grinding,gave a range
of particle size from 1-5/u, starting with A1203 of 34 B.S. sieve. To
give the same reduction ratio with PbO, (20203 etc. & time of 7=8 hours

was required, The mortar was thoroughly cleaned after each run by
scrubbing with water and detergent, then finally washed and dried.
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(2) MATERIALS

(a) HBydrogen peroxide.

This was Laporte's stabiliser~free H.T.P. (High Test Peroxide)
supplied at 86 - 90% w/ﬁ. In experiments involving additions of water
vapour, and where relatively high concentrations of peroxide vapour, c.l
m.m., were required in the gas phase; the H202 was concentrated by
distillation in the apparatus of Fig. 12,

. 800 mls. of unstabilised H,T.P, were distilled using a straight
tube reflux columm insulated with quartz wool, at 55—6500 and 72 mm.
pressure. The peroxide distillate was condensed in a flask cooled by an
ice/ﬁater mixture, The oil pump was protected by a drying tower containing
calcium chloride and glass wool, and by another columm of gquartz wool
impregnated with‘Agéo and X MnO4 to decompose any peroxide vapour liable
to be drawn into the pump. The apparatus was constructed in pyrex glass
and the evacuation tubing was entirely in thick-walled pe.vec.

Each distillation lasted six hours and resulted in a concentrate of
97 = 98% peroxide as determined by refractive index and titration with
standard KMhQ4. About 60 mls. of concentrate was obtained from each run.
When 300 = 350 mls of this concentrate was collected it was concentrated
in the same apparatus until an H202 fraction was obtained for which ny =
1.4066 at 2560. This corresponded to 99.9% H,0, (Gigugre and Geoffrion
(91), and Wynne — Jones et al (92). The strength of this peroxide was
checked from time to time by perﬁanganate titration, and it was found

that the concentration did not alter by more than 0.5% on standing for

4~5 months. It was found also that during use in the saturator the
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concentration of the H202 solution was kept well up. This was because
any tendency to decompose was balanced by the slight fractionation

which occurs during passing of the nitrogen.

Catalysts.

These were of three types vizs~ Metal slips, bulk oxides and
evaporated films,
(i) Metal slips.

"Specpure" metals were purchased from Johnsoﬁ Matthey & Co., in a
form cut to fit the reaction tube. The method of surface cleaning and
preparation differed for each material examined and was as follows,.

(a) Fe., The "specpure" iron plates were etched with concentrated HCIL,

and chemically polished with Marshall's solution, i.e. a warm solution

comtaining 1,5 mls. HoTePo, 2.5 gms. oxalic acid and 1 drop conc. H2804

in 100 mls. water, then washed carefully in distilled water, dried, and
heated in an oven for one hour at 120°C. This would result in the formation
of a film of FeO/Fe,0;, ¢o2004° thick, as the surface oxide. Further

ocidation to Fe,0, takes place at temperatures above 200°C as has been shown

273
by FNelson (93).

(b) Ni. This was employed as a sheet of "specpure" metal, i.e. purity
greater than 99.99%, and was degreased in benzene, washed in distilled
water and heated in an oven at 120°C for one hour. The oxide film was
considered as NiO approximately 5OA° thick, similar to that found by
Rhodin (94) on copper.

(0) Al, This was cut from a sheet of electrolytic aluminium of 99.%
purity. It was rubbed down with fine gsand~-paper and then etched with

dilute nitric acid, washed, dried with filter paper and heated in an oven
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at 120°C for ome hour., This results in an oxide film of optimum thiclness
80A°%, consisting of 41,0, or partially hydrated 41,0,
Aluminium metal was also treated in hydrogen at 600°C in a tubular
furnace for 6 hours and quickly quenched before using in the flow system.
(d) Co. The surface of the"specpure" cobalt plate was prepared in an
analogous manner to the Ni above and was considered to have a similar oxide
surface film,
(e) Sn. The tin plates were made by melting A,R. tin granules, moulding
and machining to slip dimensions. They were then rubbed down with fine
sand paper, washed, degreased and dried at 120°C., The surface was then
considered to be covered with a film of SnO,.
(£) Ag. This specimen was 99.9% silver and was treated with dilute HNO3,
washed and dried at 120°C for one hour, This would result in a surface
covered with 4g,0, about 100-2004° thick (Cabrera and Mott, 41).
(g) Cu. The surface of the "specpure" slip was prepared as in (b) and
(d), avoiding the use of HNO3 which oxidises the surface to CuO., The oxide
film would be Cu,0 and approximately 60A° thick as shown by Rhodin (94),
and in previous work in the laboratory by Nettleton (%).
(b) Mn. Owing to the difficulty of obtaining this metal of high purity
in a form suitable for examination in the flow system, it was used as a
slip with a dopper content of 8%, which is less brittle than the pure metal.

The surface was smoothed with fine sand paper, treated with dilute HNOB,

washed and dried at 120°C.

It will be clear from the above that the metals were all covered with

that oxygen layer which would be formed by standing or heating in air for a
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short time. The films would normally be protective i.e. they would ﬁot
tend to increase much under normsl conditions.
(ii) oxides.

The method of preparation of an oxide catalyst is very important.
Attention must be paid to the temperature at which the catalyst is prepared,
the period of time that the catalyst is held at this temperature, and the
gas atmosphere in the fumace (Huttig and Heinz, 97). A catalyst is often
most active in a reaction if it is prepared in the gaseous atmosphere in
which it will be used catalytically as has been shown by several
investigators (21, 73).

Time and method of cooling after heat treatment will also be important
factors. A different active state will result if a catalyst is allowed to
cool slowly, than if the defects are "frozen" into the lattice by guenching
(Wizboer, 98). In addition to heat treatment, the mode of initial preparat-
ion and admixture of the two oxides is important. Such features as particle
size and method of mixing (as powders or by co—precipitation) can also be
varied.

In the experiments reported a mechanical mixing procedure was adopted.
Samples of the divalent oxides were either prepared by decomposition of
the A.R. nitrates etc., or by precipitation of the hydroxides, and ignition
to the oxide. The oxides thus prepared were ground in an agate mortar to

pass 300 B,S. sieve.

onia precipitation of the hydroxide from a 50%
M’nZO5 was prepared by amm P

solution of A.R. manganous nitrate. The precipitate was washed with

. . (o]
distilled water, boiled and filtered several times, then dried at 150°C.
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This product was then ignited in a fummace in =z flowing oxygen atmosphere
0
at 600°C for 40 hours. Subsequent analysis (by the bismuthate method)

showed 9% of the trivalent oxide. The change M1203-—-‘f ]!{15r1504 only takes

place at lOOOOC, and below this temperature Ih will result from

2%
ignition of any manganese oxide in air or oxygen.

Nickel oxide presented specific difficulties in preparation since it

readily occludes oxygen into the lattice and has been reported to exist in

many modifications (99). It is now accepted that the structures Ni.O

2732

and N1302 do not exist and that anomalies in the literature may be
explained by assuming a rhombohedral unit cell in certain high temperature
preparations (100). Previous investigators (101) made no allowance for the
presence of chemically bound water in low temperature preparations of the
oxide from Ni(OH)z.

The oxide was prepared by ignition of the A.R. nitrate in air, followed
by controlled heating for 6 hours at 4-OO°C. This removed all traces of
chemically bound HZO’ and the oxide was then ground to pass 300 B.S. sieve.
The resulting "black" NiO was analysed by the dimethylglyoxime method and
corresponded to the formula Niol.l65, or approximately 12% excess oxygen.

When this substance was fired in air at 800-900°C for 10-12 hours,
“oreen' NiQ resulted which on analysis showed a stoichiometric ratio of
nickel to oxygen. Magnetic susceptibility and X-ray determinations were
made on these oxides and the results are discussed later.

3 1 i obtained from Johnson Matthey & Co., and was of 99.%
Dy,0, This oxide was o

purity.



(4) f&ggi; This was prepared by precipitation of A](@'H)3 by ammonium
hydroxide from a solution of the A,R. nitrate. The precipitate was boiled
and washed several times and calcined at 900°C to give (- A1203 in the
manner prescribed by Day and Hill (102).

(5) ffgfﬁf and (6) Efggi' These were prepared by high temperaturé ignition of
the "specpure" nitrates. The resulting white, homogeneous powders were
then stored in an evacuated desiccator, over P205, until required.

(1 CoQ/Cozoz. Cobalt oxide was prepared by "ignition of A.R. CO(N03)2'

6 HQO at 1000°C in air. This results in the formation of a black powder,
which is considered to be 00304_with the spinel structurei(lOB).

(8) Fezo . The oxide was prepared by adding ammonia and ammonium chloride to

—23

a solution of A.R. FeClB. The precipitated hydroxide was filtered, boiled
and washed several times, dried in an oven at 13000, and finally ignited
t0 the reddish-brown oxide at 700-80000 in a tubular furnace.

(9) Cud. This was prepared by low temperature (0.45000) ignition of basic
copper carbonate. The resulting black oxide being stored in a desiccator

until required.

(10) Pv0 and (11) ZnO. Yellow lead oxide and white zinc oxide were prepared by

ammonium precipitation of the hydroxides from solutions of the A.R. nitrates.
The precipitates were treated as in (8) above, followed by heating in air
in a silica crucible to give the oxides.

(12) MgO. This was used as the A.R. oxide (Hopkins and Williams, Ltd.) and was
simply heated in a furnace at SOOOC to expel any H20 or CO2 possibly

present and then quickly cooled, and preserved in a desiccator.
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(13) Cd0. Cinnamon = brown cadmium oxide was formed by ignition of A.R.

ca(1¢03)2.4H20 in air at 300-400°C. It was also prepared by ignition of
the A.R. carbonate at the same temperature, and as A.R. Cd0 as supplied

by Hopkins and Williams, Ltd.

(14-) Li20. The white powder was prepared by decomposition of the A,R. carbonate

(iii)

(iv)

(v)

at 800°C in a stream of hydrogen, and stored in a desiccator over P205.
Metal films.

The metal films were prepared by flashing the metal from a “specpure"
wire, or from an electrolytic deposit on a clean tungsten filament., The
technigque used was described under apparatus. The films flashed were of
Cu and Ni, thicknesses 5-12 /u, and were all deposited onto a surface
cooled in liquid oxygen to avoid preferential orientation of specific
crystal planes.

Boquimolar mixed oxides.

The mixed oxides based on MnZO3 were heat treated, after mixing and
grinding for 5-6 hours, in a mullite tubular furnace at a controlled
temperature in a pre-fired mullite boat. The heat treatment lasted for
6 hours in an inert atmosphere.

The spinel=type systems based on CuQ were prepared in a similar

fashion only differing in that the sintering was carried out in air,

Trace impurities.

The geries of mixtures containing small percentages of foreign cations
were prepared by intimately mixing the required amounts in an agate mortar
for 3-4 houré and firing in air for six hours at 600°C. By this method
the impurity is dispersed into the "mother" oxide, although the dispersion

my not necessarily be evenly distributed throughout the lattice.
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RESULTS.
(1) General.

In the experimental section, results were reported in support of the
claim that with all the catalysts(even the most active ones), the decompositions
are controlled by a surface process and not by gas phase diffusion. Accordingly,
the following results are displayed in terms of a heterogeneous chemical
reaction,

The two types of measurement, based on flashed films on the one hand, and
metal and compressed oxide slips on the other, represent two distinct flow
patterns and the results will not be compared quantitatively. However, within
each series the flow characteristics of the system (contact time, type of flow)
are constant between one catalyst and another, and it will therefore be con-
sidered valid to compare the catalysts on the basis of the decompositions at
given temperatures and the temperature coefficient of the decomposition.

The calculation of the velocity constant, k, and the derived value EA’
the energy of activation, depend on knowledge of the order of the reaction and
on other factors dealt with more fully in the discussion. Here, however, the
method of determining the order and E, will be given in detail.

(a) Determination of Reaction Order.

Definition of "fraction decomposed", D.

Let the concentration of H202 vapour in the gas stream

before reaching the catalyst = 0 mols/litre.

Concentration of H202 vapour leaving the catalyst

=0, =fC, mols/litre.
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where £ (0<f < 1) is the fraction of vapour undecomposed.
We define D = (l - f) as a measure of catalyst activity.

If the titre in 0.01N I@Ino4 observed for a 5 minute absorption test is

W mls without the catalyst. Then:-

Ci = @ x, where # represents

the analytical factors.

If y is the titre at a given time during the catalyéis run, then:~

fCi-fﬂy

and thus f = y/
and D =X~y
D &
Kinetic treatment.
™. BB A
! >B</~= Aot |
2 J—
Flow —> Ci % £ 5 -~

fe— s
Consider the gas flow past the catalyst in the form of a rectangular
area as in the sketch. This will approximate quite closely to the actual
conditions with slips. It is assumed that gas/solid equilibrium at any

zone such as BB! is completely attained.

The time taken by the flow front to pass from 4 to B = t3
"oom M B o Bl=[At

n # 1] "ntoom " f
If ¢ is the average concentration in the increment of volume represented
by the position of the flow front between B & B'. Then for first order

kinetics if {\c¢ represents the concentration change in the time At, we

state s~
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Integrating and assuming that it is valid to include in kl any factors
associated with changes in surface itself along the slip, we have
-InC = klt + constant.
where t is the time of flow aéross the catalyst to the point at which
the concentration is C. The constant may be evaluated, since when
t = @; C= Ci and constant = ~ In Ci.
Also, when t = t2, CJ= fci. ‘

«’e Over the whole length of the slip from t = @ to t<t,, we have:-

ci
1n £, - K,

i,k = 2.303

1
t, %€ 1D (1)

Since t, is a constant for a given flow rate, if first order kinetics

2
obtain then D, fraction of H 02 vapour decomposed, remains constant for

2
any value of Ci‘
This may be represented graphically by plotting Ci against Ci
(or x against y)s For first order kinetics the points will all lie on
a straight line passing through the origin as illustrated in Fig. A,

For zero order kinetics:-

dc
@ - %

i.e. the decomposition rate is independent of the peroxide concentration.

It follows that: Ci - C = kotz = constant.

and DCi = constant.

showing that D varies inversely with Ci. 4ero order kinetics would appear

on the graph, Fig. 4, as a series of points on a line parallel to that for
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the blank (not passing through the origin).

For 2nd. order kinetics the fraction of the H202 decomposed will
increase with Ci in a rather complex fashion so that in changing from a
low Ci to a higher one the new D will be higher than if lst order kinetics
prevailed.

We have not attempted to interpret the result in terms of precise
fractional orders since no steady results leading to such an interpretétion
ever arose,.

Determination of the temperature coefficient,

The usual method‘of evaluating temperature coefficients is to obtain
the steady reaction rate at various temperatures and then to plot the
logarithm of the rate constant against the reciprocal of the absolute
temperature, The slope of this line being put equal to - EA/ «303R,
yields the value EA which is quoted as the “experimental activation energy".

This value may often be very different from the true surface process
activation energy, because of variable heats of adsorption at the different
temperatures, and in the method described above \H and EA cannot be
adequately separated. In the special case of a zero order process EA =
E true’ since the overall rate is not affected by the adsorption which is
regarded as complete, and consequently there is no variable AH factor.

The method used to find temperature coefficients or activation
energies in this investigatiom, was to follow the change of initial decom-
position at a new temperature after a fast temperature change from a steady

decomposition value., By a minor extrapolation to zero time, the decom-

position at the two temperatures could be compared, it was assumed, at a

constant  surface condition and constant A H. Since the disturbance of
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surface equilibrium is slew, by this method the adsorption on the surface
could be considered to be momentarily "frozen", and the temperature co-
efficient would be equivalent to the activation energy for the surface from
which the change was made. A more detailed treatment of this topic will be
given in the discussion section. |

The temperature coefficient may be calculated in the following way:-

Experiment shows the reaction to be first order with respect to H202
concentration. Hence from (1) above, we have:-

h

(2.303/t) 10g (1/1-D). 1)

Now, since k, = A exp. (-EA/RT)
or Ink, =1n4A-E,/RY
’ T, =T
EA 1l 2
Then Ink, - 1n = = . === (2)
’ I k) R T T,

if we may assume A to remain constant during the temperature change.
(This will be discussed later but for the moment the assumption may be
accpeted for a fast temperature change). Hence by substitution of 1)

in (2) we haves:-

Lt 1 1
EA = 44577, (T_l:ff.‘-z) itlog. log 755 - log. log l-lDz]
which yieldsthe experimental activation energy in terms of decompositions
ZDl and D2 at temperatures Tl and T2 %k respectively. Fig. 13 illustrates
the general pattern of rate changes found, and the small extrapolation
used to find D2 immediately after a temperature change.

The values of activation energy obtained in this fashion were

independant of the surface condition of the catalyst. For example, an

Ag/AgQO plate when prepared as described earlier had an E ) value for
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4.7K.cals/mol between 38-100°C. The same value was found after the plate
had been highly etched with H.T.P. solution which gave the catalyst a
white, pearly appearance - although the percentage decomposition at the
same temperatures was very much different,

Reproducibility with the flow system,

The steady value of the efficiency of a catalyst could usually be
duplicated with a similarly but separately prepared sample to within 5%
for metals or metal films, and with the bulk oxides to within 1%. The
following results demonstrate this. For the metals and metal films the
initial behaviour was not quantitatively reproducible but the same trend
was always exhibited. On the other hand, bulk oxides gave precise
reproducibility in this phase also. The greater spread with oxidised
metals may be held té indicate that the metal itself had not been brought
into a uniform state before use.

TABLE 2, Tllustrating reproducibility of flow measurements with

separately prepared samples of the same specimen.

Oxide Temperature of Time (mins.)
Sample Run (OC.) from initial Percentage Decomposition

exposure of
catalyst to Sample 1 Sample 2

H,0,.

ZnO/Mn203 60 5 64.01 63450
" " 10 56460 56.10

" L] 15 55950 55020

" " 20 55425 55.24

" " 25 55.25 55.24
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TABLE 2 (Continued.)

Oxide Tempergture of  Time (mins.)
Sample Run ( C.) from initial Percentage Decomposition
exposure of
catalyst to Sample 1 Sample 2
5505
Oxidised 100 5 2441 25.00
"specpure
Fe slip " 10 20,04 36450
" " 15 35652 3725
" " 20 35.05 36470
" " 25 35405 36470
NiO ('"green") 100 5 65450 56455
u # 10 54,00 54..50
" " 15 54492 55.63
" " 20 54.01 54..50

(] » ) " 25 54. 01 540 5 0
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(2) Catalysis on Oxide Films of Pure Metals.

(a) Oxidised flashed metal films. (Nickel and Copper)

Initial changes of efficiency.

The original object in studying the catalysis on evaporated metal
films was twofold. It was intended to compare the catalytic activity of
the bulk oxides with that of the same oxide on a pure, clean metal support.
Secondly, it was hoped to measure the change of conductivity of the oxide
film during catalysis, in the manner used by Gray and Savage (50) and
Suhrmann and Schulz (104) to study the adsorption of various gases on metal
films, A unit was constructed for this purpose but unfortunately could not
be used owing to the pressure of other experimental work.

The kinetics of the decomposition process were examined on copper and
nickel films and a detailed investigation carried out on nickel. The films
were deposited onto a surface cooled in liquid oxygen. During this process
the pressure was kept in the region lO.'5 - 10.-6 mn. Hg., s0 that there
would be negligible contamination of the film surface. Air was then admitted
and the films brought quickly to room temperature. After this process the
transparent nickel and copper films became black and bronze respectively,
due to the uptake of oxygen from the atmosphere. According to Beeck et al.
(89) films deposited in this fashion have a roughness factor of approximately
100.

The general pattern of the decomposition changes on the copper films
was similar to that found by Hart & McFadyen (81) using Cu20 covered gauzes
(Figs. 14 and 15). The efficiency after a quick drop recovered to a higher

steady value, dependant on the temperature of the run. On the other hand,
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the behaviour of the oxidised nickel films was more complex. Below 14£PC,
the catalytic efficiency fell exponentially to a steady value in about 30
minutes. At 160°C a fast increase was apparent which steadied to c¢.100%
decomposition after 45 minutes, At intermediate temperatures, cyclic
variations occurred which eventually levglled out, This is illustrated
in Fig. 16 for a Ni oxidised film 5.7/u thick, and geometric surface area
= 31 8Q. Ccm.

Determination of reaction order with films,

When the steady decomposition value had been reached at a given
temperature with a peroxide concentration of 0,88 mm Hg. in the vapour
phase; quick changes in concentration were made by reducing the peroxide
flow and making up to 300 mls/ minute with dry nitrogen from the alternative
stream. Fig. 17 illustrates the behaviour of an NiO film at lOOOC in
determining the kinetics.

Following a sharp change of H202 concentration to half the original
value, (i.e. from Ci to Ci/2)’ the fraction of H202 decomposed remained
unchanged for some time. This suggests first order kinetics - the fraction
decomposed was, in a given time of contact with the catalyst, independant
of the original concentration. Soon, however the amount of catalysis rose
rapidly and steadied out briefly to a new higher point before sinking
slowly to somewhere near the original amount. This cycle was repeated
once or twice before the rate settled at the final value, The upper limit
reached on the first cycle when compared with the catalysis before the
change to half concentration indicated apparent zero order kinetics, i.e.

the total amount of H202 destroyed was independant of the concentration
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reaching the catalyst.

A change back from Ci/2 to Ci gave the reverse of the above. First
a rapid movement t0 a lower decomposition rercentage, suggesting again a
temporary change which could easily be taken as zero order. This was not
allowed to revert to the first order value in the case illustrated.
However, on making the change Ci-» Ci/2 it remained steady at the original
"first order" decomposition, after a minor fluctuation. When the con-
centration was lowered to Ci/B, a similar though less marked result was
recorded; ,

With the Cu.ZO film studied at 3800, the initial changes were the
same as for nickel except that no repetition of the first cyclic variation
was observed. After an initial fall in activity at Ci (partial pressure
]1202 = 0.88 mm Hg.), the catalyst recovered in 15 minutes to a steady
decombosition value. Various changes of 5202 concentration gave few
deviations from a first order process., However, the changes Ci—¥ Ci/2

and Ci/2 — Ci/3 gave a decomposition rise indicating a pseudo zero order

process when compared with the steady value at Ci in the first case, and
Ci/2 in the second. In 10-20 minutes, these values deteriorated smoothly
to the original "first order" decomposition and then remained constant

at this value. The final change, Ci/3~—-7Ci, showed a slight efficiency
drop which in 15 minutes recovered to a steady level just below the

original "first order™ decomposition (Fig. 18).

. 0

The order of the reaction on nickel films was also examined at 80°C

and 140°C and the same variation in kinetic behaviour was observed, i.e.
there was always a tendency for the decomposition to rise higher than the

first order value in lowering the concentration and to fall lower on raising
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the concentration. Generally, however, these initial fluctuations
steadied in time to the original decomposition registered at Ci.

In all the experiments on the metal films the "fast change" kinetics
were of the first order, Only temporary fluctuations which were more
pronounced with NiO than CuZO, could lead to the suggestion of a zero
order process,

Temperature effect with oxidised flashed films.

The temperature dependance of the reaction rate with NiO was examined
in the region 60—16000, with a partial pressure of 0.88 mm Hg. of H20 .
The kinetics were taken as first order right through the temperature
range. Table 3 below gives the results obtained for the temperature co-
efficient in a detailed examination of a fully oxidised nickel film 5.7/u
thick,
TABLE 3, Experimental activation energies, oxidised nickel film

5.7/u thick. (pep. H,0, = 0.88 mm Hg.)

22
Temperature Change (°K) Decomposition Change (%) Activation

Energy

T T, D, D, (K.cals/mol. )

433 423 99 92 22.0

423 416 92 82 19.3

416 403 82 59 17.4

333 353 7 17 11.3

353 373 17 28 10.9

Above 120°C the stepwise temperature changes yield activation energies

in the region 17-22K,cals/mol. In the range 60-100°C the temperature
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coefficient indicates an apparent activation energy of 11 K.cals/mol.

Similar results were obtained with the other oxidised nickel films
as shown in Table 4 for the temperature changes, 60-100°C and 120-160°C.
TABLE 4. Experimental activation energies, oxidised nickel films.

(p.pe H,0, = 0.88 mm. Hg).

2
Oxide Thickness Activation Energy. K.cals/mol.)
Film ( /u) 60 - 100°%C 120 - 160°C.
NigQ Te22 1ll.2 20.3
NiQ 9.25 11.4 22.9
Nio 11.24 11.0 2042
Cu20 Te63 12-14 -

The value obtained with the Cu20 film, which was of the same order
as that found by Hart and lMcFadyen (81) with Cu20 covered metal gauzes,
was determined between 38-60°C, since the high activity prohibited deter-
minations above 6500 where 100% decomposition was recorded.

The values for the activation energy of the various NiO films can be
seen from Table 4 to be relatively unaffected by small differences in
film thickness,

Surface areas of films.

Attempts to measure the surface areas of the films by the B.E.T.
method, using as adsorbent 02H4 at 18300, were unsuccessful. A better
method has been demonstrated by Rideal and Trapnell (105). It involves
oxygen chemisorption, and the authors found that the surface areas of their

films were directly proportional to the weight. However as no comparative
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studies were made with the flashed films, the surface area determinations
were not pursued.

Oxidised metal slips.

The metals examined were cut to fit the flow reactor in Fig. 4.
The methods of preparation and cleaning have been detailed under the
section on materials,

I% is proposed here to deal with NiO/Ni first, as nickel oxide was
taken as the model in all the experiments, including the bulk oxide and
impurity addition studies.

Nickel/nickel oxide.

Initial activity changes and reaction order.

The course of the changes of the catalytic efficiency on first
exposure to H2O2 of the oxidised "specpure" nickel slips ﬁas similar to
that of the nickel films., The same cyclic changes of efficiency were
observed at ¢.100°C and also similar fluctuations on changing the HéOE
concentration.

Fig., 19 illustrates the changes of efficiency of the catalyst before
reaching the steady decomposition level at various temperatures. Figs.
20(a) and 20(b) show the variations found with the reaction order at 138°C
and 183°C respectively, with varying H202 concentrations.

Fig. 20(a) shows the temporary increase in efficiency of an Ni/NiO
"Specpure! slip on making fast concentration changes at 138°C. The first
change at point (1) gave a slight activity drop on doubling the original
H262 concentration, Following this, when the steady value had been

attained, a change back to Ci gave an increase of activity which in 10

minutes fell to the original "first order" decomposition; and remained at
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this value, after a temporary increase in efficiency lasting 25 minutes,
on dropping the concentration to 2 Ci/3.

The apparent deactivation of an Ni/NiO catalyst in runs of increasing
H202 concentration at 18300 is illustrated in Fig.20(b). The changes
Ci-—ﬁ?Ci/? *M"€?Ci/3 were accompanied by an initial efficiency increase,
exactly analogous to those recorded at 138°C. After the catalyst had
reached a steady value at Ci/}, the reverse change to Ci/2 was accompanied
by a fast efficiency drop which after 25 minutes began to level out and
" approach the original "first order" decomposition from below.

In all the experiments the departure from ideal first otder kinetics
was slight over the whole process. Again, however, like the Ni/NiO films
there was an initial tendency for the catalyst to M"activate" on lowering
the concentration of peroxide vapour, and to "poison" on raising the con-
centration. In this instance also, unlike the oxidised flashed nickel
films, initial cyclic variations of efficiency on making the concentration
changes were not apparent.

Temperature coefficient.

The temperature coefficient of the decomposition on the oxidised
metal slips was found by making fast temperature changes in the sequence:-
100°c —»138°C -~ 183°C -~ < 100°C. 1In all cases the initial changes of
the decomposition at the new temperature were carefully measured to enable
the evaluation of the rate change by extrapolation to zero time.

Table 5 below gives the values found with an HIZO2 partial pressure of

0.96 mm Hg. at a constant flow rate of 300 mls/min.
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TABLE 5. Temperature coefficient nickel/nickel oxide; fast

temperature changes.

Temperatgre Decomposition at Tl(%) Decomposition at TQ(%) Activation
Change ("K). Energy
Initial Steady  Initial Extra- Steady (K.cals/mol.)
Tl T2 Value Value Value ©polated Value
Value

373 411 11.2 8.0 521 54.¢0 46,4 11.7
411 456 5261 46,4 93,6 95.3 90.1 13,3

456 373 93.6 90.1 Te5 5¢2 9.1 15.7

373 456 2745 12,2 87+5 90.0 86,1 11.8

456 373 87.5 86.1 5¢6 4.1 6.9 16.1

The first three values in the table refer to figures obtained in the
course of a single run on one sample of catalyst. The last two figures
refer to a fresh slip, which toock 40 minutes to settle at 12.2% decom-
position at 100°C, When this had remained steady for a further 20 minutes,
a rapid temperature change to 18300 was effected and the steady value
attained in 15 minutes. Similarly after the drop to 100°C, the decom-
position value became constant in 15 minutes at 6.%%

The table shows that the surface prepared at 183°C was associated
with a higher energy of activation than the surfaces prepared at the lower
temperatures, (13800, lOOOC). This effect was similar to that described
with the NiO films and although the actual figures are not strictly com-
parable because of the different methods of surface preparation; they are
in very good agreement especially at the lower temperatures. Temperature

changes were made less quickly in the flashed film determinations.
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Other metal/metal oxides,

The other metals examined in slip form fall into three classes:-
(1) Cu, Ag, Co, In ~  Active Catalysts.

(2) Fe, Zn - Intermediate in Activity.
(3) Al, su - TInactive Catalysts.

All the metals used would bear a protective film of oxide as shown
by the work of Mott (38) and Rhodin (94, 106), as already described in‘
the section on materials. It is proposed to deal with each group
separately.

(ii) Class (1).

The metals in this class all form stable, coherent oxide films of
lower oxides with a slight tendency to pass to a higher valency state
at the surface.

Kinetic order of decomposition.

The kinetics of the decomposition on these surfaces showed much less

departure from first order behaviour on making changes of concentration,
than Ni/NiO. There was, however, a slight tendency, exhibited by all the
specimens, towards deactivation in making a change Ci/3 —»2Ci/3 —= Ci.
Figs. 21(a), (b), (c), (d) show the determination of reaction order on the
four materials at 78°C or 60°C, The points are numbered in experimental
sequence at 5 minute intervals, point (1) represents the steady decom~
position value at Ci (300 mls/min. through H,0, saturator; H,0, partial
pressure = 0,88 mm Hg) after the initial fluctuations had settled.

Initial activity changes.

The initial efficiency changes on first exposure of these catalysts

to H202 vapour are shown in Fig. 22. The general pattérn of the decom-
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position was similar with all of the specimens on which a fast efficiency
drop quickly recovered to a steady value in 20-25 minutes depending on the
temperature of the run. The higher temperatures generally accelerating the
attainment of the steady decomposition value.

Temperature coefficient,

The activation energies obtained from the temperature coefficients
in the range 38 - 100°C are summarised in Table 6 below.
TABLE 6, Experimental activation energies for class (1) metal/metal

oxides. PFast temperature changes 38-10000. Partial pressure

H202 = 0.88 mm Hg.

Metal Probable Temperatgre Decomposition Activation

Surface Oxide Change ("C) Change (%) Energy
(K.cals/mol.).
Co (1) Co0 71 60 78.0 40.0 14.5
60 100 50,0 90.0 12.3
Co (2) Co0 77 60 72.5  35.0 14.7
60 100 50.0 90.0 12.3
80 58 40.0 10,0 13.2
Gu Cu20 58 100 24,0 8T.5 11,8
100 38 84.0 5.0 13.4
*

Mn Mn O 7 59 64.0 47.5 4.0
59 100 60.0 84.0 4.1
100 38 83.0 42.5 4.7
Ag Ag20 38 100 19.5 51.0 4.7
100 38 49.5 17.0 4.9

%%

38 100 49.0 86.5 4.6
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Contained 8% copper.
*%

Etched.
It should be noted that the temperature change from 100-3800, could not
be accomplished with cobalt because at 100°C the decomposition was 100%
with this oxide.

Again, it is evident that the surface prepared at the higher
temperatures is associated with a higher activation energy than that
prepared at 3800. 4s can be seen from the figures with two separate
cobalt plates, the values are highly reproducible.

It is also interesting to note that whilst highly etching the surface
of the Ag/hgéo plate gave a decomposition of peroxide vapour at 38°C which
formerly was registered at lOOOC; no appreciable alteration was apparent
in the temperature coefficient.

(iii) Class (2).
The metals examined in this class were Fe and Zn, giving rise to

surface oxides Zn0O and in the case of iron FeO/Fe as has been shown by

203
Nelson (93) for treatment in air below 200°C.

Catalytic efficiency and kinetic order of decomposition.

These metal/metal oxides were less active than those of class (1).
No decomposition was observed below 7800 and the kinetics were therefore
examined in the temperature range 100-18300. The initial exponential
decay which was observed with the active oxides was not apparent in these
cases, In fact, steady catalysis was reached almost immediately, or, at
the most, 5 minutes from the beginning of the reaction. However, with
Zn/Zn0, but not with Fe/FeO/FeZOB, a slow poisoning of the surface was

observed so that, for example, at 138°C in 2 hours the decomposition fell
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from 55% to zero. This slow deactivation was much accelerated in the
process of order determination on Zn/ZnO and, in fact, became equally
marked under these conditions for the iron surface.

On reducing the initial concentration, Ci, a fairly constant efficiency
was obtained, but an increasing value from Ci/3 t0 Ci/2 or Ci showed a
sudden complete poisoning of the surface with both oxides. Tables7 and
8 illustrate this phenomena for iron and zinc respectively.
TABLE 7. Showing deactivation of iron/iron oxide in concentration

changes (10000). Samples taken every five minutes.

H,O0, concentration Percentage Time from start
22 (m. Hg.) Decomposition of run (mins.) Remarks
0.98 34.4 5
0.98 34..5 10
0.98 3445 65 )
g First order
0065 5500 70 kinetics
0.65 3447 75
0465 3446 110 )
} ) First order
0.33 34.6 115 ) kinetics
0.33 ' 34T 120
0433 34,7 T 135
0.65 14.9 140 Deactivation
0.65 <2.0 145 "
0.33 0.0 150 Poisoned
0.65 0.0 155 "

0.98 0.0 160 "
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TABLE 7 Continued, T = 138°C.

H202 concentration Percentage Time from start R X
(nm. Hg) Decomposition of runs (min.) SHATLS
0.98 TTe5 5
0.98 78.0 30 )
» , ) Pirst order
0.65 78.6 35 ) kinetics
0.65 ' 78.3 40
0.65 7801 65 )
; First order
033 7844 T0 kinetics
0.33 782 95
0.65 51,0 100 Deactivation.
0,65 27 .4 105 ) "
0.65 12.9 110 n
0.65 367 115 .- "
0.98 0.0 120 Poisoned
0.98 ' 0.0 135 "

It can be seen from the above table that whenever the surface becomes
inactive at a given concentration it remains so at a change to a higher
or lower concentration. It seems to be permanently poisoned. The iron
slips did not show the initial activity variations on lowering the
concentration that was displayed by the class (l) metal/metal oxides.
Indeed, in these experiments the steady decomposition was reached almost

immediately on making a change.
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TABLE 8, Showing deactivation of Zn/ZnO slip in concentration changes

(100°C). Five minute samples.

H,O0, concentration Percentage Time from start

2 tm. He) Decomposition  of run (mins.) Remarks
0.98 . 2743 5 )
0.98 o 27.2 10 §
0.65 23.0 15 )
0.65 20,0 20 3
0.33 15.9 25 % Steady
0.33 9.7 35 j  Deactivation.
0065 3.1 40 g
| 0.65 | o.b LI '~ Poisoning
0.98 ‘ 0.0 50 "
0.98 25,9 Overnight )
0.98 25.3 10 ;
0665 19.7 iS §
0.65 17.2 20 g Steady
0465 1649 25 § Deactivation.
0.33 14,0 30
0433 (<2.0) 35 Poisoning
0.65 0.0 40 "

0.65 0.0 50 "
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Table 8 indicates that zinc/zinc oxide deactivates on lowering the
concentration to 20i/3, and the surface is more readily poisoned thaw iron
(which at a steady Héoz concentration does not tend to lose activity). It
can be seen that the zinc catalyst recovered to a similar activity when
left overnight in the reaction tube, but gquickly "poisoned" again in a new
run when exposed to H202 V&pour.

The steady deactivation was too fast to permit satisfactory order
determinations with zinc but if the rate deterioration is allowed for,
approximately first order kinetics are found.

Temperature coefficient.

The temperature coefficient of the reaction rate on iron/iron oxide
was found to be in the region 16=20K.cals/mol for the temperature changes
shown in Fig. 23. For zinc/zinc oxide an estimate was made on the
assumption of the reaction being first order:-—

TABLE 9. Results of quick temperature changes on Zn/ZnO.

(p.p.H202 = 0.88 mm. Hg.) Freshly prepared sample.

Temperatgre Decomposition Change Activation Energy
Change (°C) (%) (K cals / mol)

100 78 26 3 3349

78 100 3 25 3345

(iv) Class (3) = Catalytic activity and kinetic order of decomposition.

The two metal/hetal oxides, based on aluminium and tin, in this class
were found to be even less active than zinc/zinc oxide. Detectable activity
towards H202 vapour was only displayed at temperatures above 140°C.

Aluminium, which had been exposed to the air for several days, gave no
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decomposition at 140°C and less than 2% at 18300. After treating this
surface in a flowing atmosphere of hydrogen at 500°C for several hours,

(with the object of activating the surface), guickly cooling and transferring
to the flow apparatus; steady decompositions were obtained, e.g. 19% at 100%.
After switching off the peroxide stream and leaving the specimen overnight

in air, the decomposition on starting the following morning had fallen again,
to 8%.

During a run in H’ZO2 vapour of 90 minutes duration, the activity fell
steadily from 8% to 6.5%. The slip was then removed and heated at 500°C in
air, for two hours. On testing at 100°C, a decomposition of about 2% was
initially recorded, falling to zero in ten minutes. The slip was again'
removed, treated in hydrogen as above, and quickly returned to the flow
apparatus. Immediate decomposition of 23% was found at 100°C, This remained
practically constant for two hours at which time 21% decomposition was
recorded.

Tin, unlike activated aluminium, became very rapidly poisoned during
the course of continuous exposure to H202 vapour. For example, original
decompositions of 40~55% registered at 140°C, fell to zero in the course of
80~85 minutes. With this behaviour it was difficult to establish the reaction

order on tin/tin oxide, since 6n making a concentration change almost

immediate poisoning of the catalyst occurred.
The order with aluminium/aluminium oxide was determined on freshly

sctivated surfaces and the results are given in Table 10.
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TABLE 10. Determination of reaction order on freshly activated

Al/A1203 surfaces.
Temperature H202 concentration Percentage Time from start
P (OC) (mm. He.) Remarks
of run - B8 Decomposition of run (mins.)
138 u 0.96 © 20.8 5
138 0.96 20.7 15 ) First
order
" 0.32 2067 20 kinetics
" 0.32 21,7 25
" ‘ 0.32 20.9 30
" » 0.32 2007 35
" 0.32 20.7 , 40 Steady decom-
‘ . , position
" , 9664 8.9 45 Deactivation
" 0.64 | 847 55 Steady de-
’ : composition
" 0.32. 849 60
" 0.32 20.7 65 Catalyst
o , . o . " Recovery
" 0.64 Te9 80 Deactivation
" 0.64 8.4 90 Steady de-
' composition
" 0.96 ' 6.8 95 Deactivation
" 0.96 0.0 100 Poisoned

" 0+96 0.0 120 "




TABLE 10 (Continued)

Temperature HﬁzO2

concentration Percentage

Time from start

o Remarks
of run (C) (mm Hg.) Decomposition of run (mins)
138 0.96 2342 5
n 0496 21.8 15 ) First
. ) order
" 0.64 22.7 20 ) Kinetics
A 0.64 21.9 25
" 0.64 21,8 35 ) First
order
" 0.32 22.1 40 ) kinetics
n 0,32 21,8 55
" 0.64 9eT 60 Desctivation
" 0.64 843 65 "
" 0.96 Tod 70 "
" ‘ 0096 208 75 "
é 0.96 0.0 80 Poisoned
L 0096 0.0 95 "
181 ' 0.88 89.6 5
" 0.88 89.1 10 ) First
) order
" 0.59 87.6 15 ) kinetics
" 0459 90,1 20
" 0459 8848 25
" 0459 87.9 30 Steady

decomposition.
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Temperature H

0, concentration Percentage

Time for start of

o 272 Remarks
of run ("C) (mm B, ) Decomposition  run (mins,)
181 0.59 87.9 40 JFirst
A Jorder
" 0.29 88.6 45 Jkinetics
" 0.29 88.1 50
" 0029 88.1 55 Steady
decomposition
" 0.59 T1.5 60 Deactivation
" 0459 59 44 65 n
" 0.59 47.6 70 .
" 0.59 4745 75 Steady
decomposition
" 0.88 42.3 80 Deactivation
" 0.88 3943 85 "
" 0.88 3943 95 Steady
decomposition
183 0.29 90.1 15
Fast
" 0.59 6646 20 deactivation
n 0.59 6304 25 Deactivation
" 0.59 63.4 35 Steady
) decomposition
" 0.88 52.1 40 Deactivation
n 0.88 50.9 45 "
" 0.88 50.9 55 )Steady
)decompositian
" 0.59 51,7 60 )First order
)kinetics
" 0.59 51.2 65
" 0«59 51.1 75 )Steady decom-
)position
" 0.29 51.3 80 )First order

kinetics.
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TABLE 10 (Continued)

Temperature H202 concentration Percentage Time for start of

Remarks
Decomposition run (mins.)
183 0.29 51.2 95 Steady
Decomposgit -
ion.

The variations in the kinetic behaviour of the aluminium surfaces
is somewhat analogous to that found with iron/iron oxide, in that in runs
of decreasging H202 concentration first order kinetics were observed with-
out the intervention of initial efficiency increases indicative of an
apparent zero order process, In addition, Al/A1203 (activated) showed a
marked deactivation, and even poisoning at the lower temperatures, on
making fast increases of H202 concentration.

Temperature coefficient.

The experimental values found for the activation energy of the

reaction on Sn/anzand Al/Al (activated) was found by assuming first

203
order kinetics and making gquick temperature changes as shown:-
TABLE 11, Experimental activation energies =~ Class (3) metal/metal oxides.

Partial pressure H,0, = 0,88 mm. Hg.

272
Mbtal/Metal Oxide Temperatgre Decomposition Activation Energy
change (°C) Change (%) (X.cals/mol. )
AL/AL05 (o ormal) 183 100 <2.0 0 -
Al/A1203(activated) 100 136 6.0 43 18.4
136 183 37,0 9845 18.3
n 100 136 7.0 42.0 18.1
" 136 183 24.0 92,0 18.7

" 183 136 90.0 20.0 19.1
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Metal/Mbtal Oxide Temperatgre Decomposition Activation Energy
change ("C) change (%) (K.cals/mol)
Sn/Sn0,, 138 100 55.0 3,0 26.8
" 100 138 4,5 56.0 2643

The first three figures in Table 11 refer to the same specimen before
and after hydrogen treatment. The next three were obtained with a

separately prepared, hydrogen treated slipe.

The influence of oxygen and water vapour on metal slip catalysis.
The effect of added water vapour and oxygen on the reaction rate was

examined with Fe, Co, Al (activated) and Ni slips. In all the experiments

the effect of adding H20 vapour was to decrease the decomposition., This
deteriorating action increased with increasing partial pressure of water
in the gas phase.

Fig. 24(a) shows the general pattern of the rate changes induced by
adding water vapour with the various catalysts, and Table 12 gives the
steady experimental decomposition values at the various water vapour
partial pressures. As Fig. 24(a) shows, short periods of 10-20 minutes
were necessary for equilibrium to be attained. No permanent effect of

water addition was discovered.
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TABLE 12, Influence of varying amounts of water vapour on the reaction

rate. Partial pressure H202 = 0.48 mm, Hg.

Catalyst Temper%ture of Steady Decompos- Partial pressure Steady Decom~

Run (°C) ition (%).No H,0. E,0 added (mm Hg.) position (%)
with H,0
Ni/NiO 183 | 38.1 Te58 14.9
" " 3648 5.05 2049
" " 3746 4,06 22.5
" o 3649 2,85 25.2
" oo 37.1 2,72 27.6
" " 37.6 1.35 34,0
" " | 37.1 0,78 357
Co/Co0 100 5442 7458 30.3
= 5445 5405 35.4
" " | 5448 4,06 38.1
" " 545 2,71 45.4
" " 5448 1.35 49.4
n n 54,5 0.78 5343
Fe/Fe0/ 183 < 31,7 7.58 10.7
*22% " 31,8 5,05 16,0
" " 32,7 4.06 19.0
" " 3249 2,71 23.1
" " 3249 1.35 27.4

" " 3243 0.78 2849
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TABLE 12 (Continued)

Catalyst Tenmerature of OSteady Decompos- Partial pressure Steady decom-

Ran (°C) ition (%).No H,0. E,0 added (mmHg) position (%)
with H,0
2
Al/Al 0 183 17.4 5405 845
(aotlva%ed)
" 17.4 3,80 10.8
" noo 17.4 0.78 16.7

In Fig. 24(b) loglo (rate constant) of the steady decompositions in
Table 21 are plotted against log, (p.p.HZO), where the partial pressures
of water vapour are those of the total pressure of wﬁter vapour present in
the system; found by adding the partial pressure of the water vapour
arising from the decomposition to the values in colum 4 of the above
table. A series of straight, parallel lines could be drawn of gradient
=0e5 with some deviation, especially for the more active surfaces at the
lower p.HZO. This suggests that the decomposition rate varies approx-
imtely inversely with the square root of the water vapour pressure,

[2]

i.e. Rate (- °((pH20) =05

The experimental set-up did not allow for the evaluation of the rate
constant with varying quantities of oxygen in the gas stream. The nifrogen
carrier was replaced totally by pure oxygen. Then, by determining the
rate with oxygen and that with nitrogen (plus oxygen produced in the
decomposition), an indication of the role of oxygen was obtained. In all
cases the decomposition was accelerated by oxygen. This procedure was
carried out for each specimen at two different temperatures. The pattern

of the acceleration is shown in Fig,. 25(a)., whilst the steady decomposition
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values are given in Table 13.

TABLE 13. Influence of added oxygen on the reaction rate.

(pepe H,0, = 0,96 mu. Hg).

Temperature of Steady % decomposition Steady decomposit-

Catalyst “po (°c) (02 carrier ion (N, carrier)
Ni/FiO 183 83.1 55.6

n 139 48,2 24.0
A1/A1,0 183 58,1 41.5
Qact)z 5

" 140 2849 18.0
Co/Co0 78 88.9 63.1

" 38 3942 13,2
Fe/Feo/Feza3 139 6646 41.5

" 100 25.6 6.9

Fig. 25(a) shows that replacing oxygen by nitrogen as the carrier
caused the catalyst efficiency to deteriorate to its original level.
(Rembving the added water vapour allowed the catalyst to recover - Fig.
24(a) ).

In Fig. 25(b), log) , k is plotted against log ), (p.p.Cb). The slope

of the lines for the activated Al/A1 catalysts is 0.08. The reaction

205
rate on the other catalysts was accelerated by oxygen addition to a
slightly greater extent and the slopes of these lines, which are nearly

all parallel, lie between 0.12 and 0.13 and may be taken as 1/8.

Hence, Rate o((poz)l/a
for the class (1) and class (2) metal/metal oxides.
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For the metal/metal oxides of classes (1) and (2), the dependance
of the catalysis rate on H202, HQO and 02 may then be represented in the
form of the following equation:~-

1/8
_ a[m,0,] . '[Hzﬂz-].p(zgr
pﬂzﬁ% o

at
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(3) Catalysis on pure oxide slips.

The catalysis was studied on a range of bulk oxides prepared as already
described under materials,

These included a wide range of single o6xides, mixed oxides of the type
XO/Y’ZO3 and oxides containing trace impurities. It is proposed to deal with
these separately, commencing with pure single oxides which, like the metal/
metal oxide specimens, may be subdivided into three activity classes: vizs:-

2
2, Zn0y Cdo0; Cul; Fe203 -~ Fairly active catalystise

I. NiO; Pp0; Mn, 0,3 003Q4 ~ Very active catalysts.

30 Mg0O; of = A1203 -~ Inactive catalystse.
Class I.
This group comprises those oxides found to be most active.

Nickel Oxide.

Special attention was given to this oxide because of the interesting
differences between the green and black preparations., If tﬁe oxide is prepared
below 400°C it ﬁas a black appearance and contains an excess of oxygen, which
may be as much as 16% by weight estimated on the bulk. (This may, of course,
be differentially distributed as between the bulk and the surface of a given
pérticle.) If the preparation is carried out above 600°C and quickly cooled
to room temperature, an apple~green oxide results which on analysis showed no
deviation from stoichiometry. This is illustrated in the following results

obtained by analysis with dimethylglyoxime:-



TABLE 14,
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Analytical results for "green'" and "black" nickel oxide.

Wteof Nickel Wt.of Nickel Wh.of oxygen Mds.Nickel %-Mols oxygen Ratio
Oxide (gm.) in complex in oxide in oxide in oxide Nickel to
(gm.) (gm.) oxygen
0.05940 0.04504 0.01436 77 x 1077 89.9 x 1072 1:1.165
0,10720 0,08126 0,02594 139 x 107° 162 x 1072  1:1.168
0.30510 0.24000 0.06510  40.8x 10°%  40.8 x 104  1:1.000

The first two results refer to '"black" NiO and the third to "green" NiO,

This detail was expanded further by magnetic susceptibility and X-ray measure-

ments and the results are given below.

(a) Structural investigation of "ereen" and "black" NiO.

The magnetic susceptibility results are shown in Table 15.

TABLE 15 Magnetic susceptibilities of "black" and "green" NiO at 20°C,

Magnetic Susceptibility (cCeg.s. units) Extrapolated Field
Oxide \ Value (in- Strength
10,600 oersteds 1,500 cersteds finite field) Dependance
. -6 -6 -6
NiO(green) 9.63 x 10 10.05 x 10 9.63 x 10 Independant
cgs. units.
R -6 -6 -6
Nio(green) 9.63 x 10 10.09 x 10 9.63 x 10
cgs. units. Independant
Nio(black)  12.25 x 107 18.78 x 107 11.00 x 10°  Ferro-
cgs. units, magnetic.
Nio(black) 12,70 x 1076 18.01 x 1078 11.20 x 10°®  Ferro-
cgs. units. magnetic.

The determinations were made Qn‘four different samples and the

values given above are the average of three determinations at each
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field strength for every sample. The value found at 1,500 dersteds for
the "green" NiO was so slightly different from the value at 10,600
Bersteds, that this latter value has been taken as correct. In any case
if this was a real difference between the two determinations then the
ferromagnetism was very slight in comparison to that of "black" NiO.

This ferromagnetic behaviour of "black" NiO seemed to indicate the
presence of metallic nickel in the oxide as has been postulated by Klemm
and Hass (107) and supported by Selwood (108); but on making three
separate X-ray examinations,with CuK, radiation in a powder camera, of
separately packed "black" NiQ specimens no trace of metallic nickel was
detected. The X~-ray powder photograph patterns are shown in Fig. B.
opposite.

In these experiments a 9 cm. camera was used with a 0,25 mm.
diameter specimen packed in a Lindemann glass phial. The position of
the various arcs on the photograph was measured by a travelling microscope
to 0.001 mm, and from this data the 4 values were found from the Bragg
equation:-

d/mn = A/2sinB.
By the usual method using a master graph of a cubic crystal, a=0

- SAP, the 4 values of the two oxides were found to correspond to crystals

of unit cell size, 4.15 = 4.24°.

At the widest angle of reflection registered on the powder photographs,

for "green"™ i.e. stoichiometric NiO, le = d333 = 0.805.
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1
2
.*e TUnit cell size = 0,805 (h4k>41%)
- 4.1834°
and for "black" NiO, o = 4@

333 é 0.801,

o TUnit cell size = 4.1624°.

The value for "green™ NiO is similar to that found by Fensham (119),
a = 4.181AP, and is slightly larger than that given in the A.S,T.M,.
index for "nickel monoxide" i.e. 4.172A°.

The literature on the structural and magnetic properties of nickel
oxide contains many anomalies, arising from the fact that the excess of
oxygen accommodated in the oxide is a variable factor dependant on the
method and temperature of preparation. In many cases (99) no allowance
has been made for the possibility of hydrate formation in the subseqguent
analysis or in heat treatment, which has led to the postulation of
formulae such as Ni,O

273

however, remains doubtful (110). That NiO can be prepared in a stoichio-

and Ni0, (109). The existence of such structures

metric ratio of nickel to oxygen is evident from this work and that of
Bhatnagar and Bal (111).

That "black" nickel oxide is ferromagnetic in character is estab-
lished; %but on the basis of magnetic evidence alcome it is hardly
justifiable to assume that this is due to the presence of metallic nickel,
The ferromagnetism may rather be due to the high oxygen content, which
has recently also been postulated by Perakis et al. (112), and the
slightly smaller unit cell size, reported here for "black" NiQ (i.e.

N ) can be accounted for on the basis of the oxygen excess being

10 1.165
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accommodated by a balanced proportion of vacant cation sites throughout
the lattice, affording the possibility of lattice distention.

Catalysis on nickel oxide slips.

Both the "black" and "green" nickel oxides were quite active towards
3202 vapour, The "black" oxide on first exposure to the substrate gave
a high decomposition rate but over the course of a run at 100°C of 90
minutes duration the "black" NiO changed colour to a murky green, and

tended towards the efficiency level of the stoichiometric oxide. Because

of the rapidity of this continuous deactivation, it was not possible to

determine the reaction order on "black" NiO with any satisfaction,

Fig. 26 illustrates the behaviour, similar with both oxides at the steady
efficiency value, on making fast concentration changes, to determine the
reaction order at 100°C. The change from Ci(0.88 mm Hg. p.pe B,0,) to
2/3 Ci was accompanied by an efficiency cycle before the rate settled to
the same steady value as initially exhibited at Ci, but the earliest
indication after a change was of a first order process, and remained so
after a similar fluctuation in the change to Ci/}. The reverse change

to 2 Ci/3 gave the first order requirement, but on restoring the HZOZ
concentration to the original Ci a smooth fall of activity was recorded
which settled to & new, lower decomposition value. The efficiency cycles
found with these slips had smaller amplitudes than those of the oxidised
metal films, and at no time did the peaks approach a decomposition value
which would have indicated zero order behaviour. However, like the metal/
metal oxides the catalyst always appeared to deactivate on restoring the

original concentration,
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Temperature coefficient of decomposition on NiQ,.

No two specimens of the non-stoichiometric NiO gave precisely the
same temperature coefficient., This was possibly due to the continuous
change on exposure to hydrogen peroxide vapour. The values found lay
in the range 4---8K.cals/mol° The tendency was always to settle at the
value of "green" NiO which was 7-8 K.cals/mol. The following table

illustrates this for runs with a series of separately compacted specimens.

TABLE 16. Temperature coefficients for nickel oxide.

Temperature (OC) Decomposition (%) Temperature
Oxide Coefficient
T T, 7 '.Iig (E.cals/mol. )

NiO {green) 100 38 48 7 8.1
Ni0 (green) 100 38 50 9 745
Ni0 (black) 100 38 65 36 4.5
Ni0 (black) 100 38 70 46 4.1
NiO (black/ 100 38 64 18 6.8

green)

The last figure refers to a specimen of "black™ NiO exposed to Hzcé
vapour for 40 minutes before making the temperature change.

Pig. 27 shows the initial cyclic efficiency changes given by "green"
NiQO, and the decay in time of the black oxide at different temperatures.

b0, Mn,0;, 000/00203.

These oxides were found to be very active catalysts in the decom~
position. PbO and M5n203 being perhaps the most active catalysts of all

the single oxides examined in this work.
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All the oxides showed cyclic activity variations for 25=35 minutes
at a given temperature before the steady decomposition value was reached.
This is illustrated in Fig. 28 for the three oxides in runs at 38°C, whilst
in Fig. 29 the oxides are contrasted according to the steady decomposition
giveﬁ by each one at various temperatures. It can he seen from Fig. 29
that even at room temperature (ZOOC) the oxides were exceedingly active
catalysts.

Table 17 below summarises the figures obtainéd for the experimental
activation energies in a fast temperature change for these oxides heat
treated at 600°C.

TABLE 17. Experimental activation energies, class (1) oxides. Fast

temperature changes (pep. H,0, = 0.86 mm Hg.)

Oxide Temperature (°C)  Decomposition (%) Experimental
0 T i p Activation
1 2 1 2 Energy (K.cals/mol)
1n, 0 59 57 95.0 76.5 6.9
Pbo 58 38 84.0 60.0 645
Coo/'c°203 100 38 90.1 41.0 59

It can be seen from the above table that the activation energies for
these very active catalysts do not vary much in the temperature region
100 - 38°C.

Magnetic susceptibility.

Table 18 gives the magnetic susceptibility values found for the

various oxides.
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TABLE 18, Magnetic susceptibilities at 20°%C. Class (1) oxides.

Oxide Magnetic Susceptibility Extrapolated Value Type
(cegss. units) at infinite field.

10,600 oerst. 1,5C0 gerst.

PbO - - - Diamagnetic

Mh203 92,0 x 10-6 108.7 x 10-6 91.0 x lCr6 Ferromagnetic

6 6 6

000/00203 30.9 x 10 30,9 x 10~ 30,9 x 10 Paramagnetic

Qrder of reaction.

The reaction kinetics were examined on Mn203 and PbO at 3700. The
findings are shown in Figs. 30(a) and (b) where it can be seen that the
process of fast concentration changes from Ci —% Ci/3 showed no
deviation from a first order relationship. The reverse changes Ci/3—~?

Ci/2 —> Ci point to the same first order dependance on Héoz concentration,
a slight loss of activity being indicated at the restoration of Ci. No
cyclic changes of efficiency were observed.

Influence of preparation temperature.

Manganese sesquioxide was also studied with a view to obtaining a
correlation between catalytic activity and the temperature of pre-treatment
in the region 300-76000. Bach sample was fired for six hours at the
required temperature in an atmosphere of nitrogen. The following table
summarisesthe results, with reference to the steady H202 decomposition

value found at different temperatures for each specimen.
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TABLE 19. M'n203 heat-treated at different temperatures. Steady

decompositions (p.p.H202 = 0,86 mm. Hg).

Temperature of Steady Decomposition Value (%) at 1%

Preparation (°C) 38°¢ 58°C % 100°
300 - 65 70 80 95
400 63 70 79 %
600 85 - 100 100
760 69 75 82,5 9745

N.B. The D values in the last 4 columms are not suitable for EA
determinations for which rapid temperature changes are necessary.
As the table shows the optimum efficiency was reached in the catalyst

prepared at 600°C. There was little difference in activity between the
300 and 400°¢ samples, whilst the sintered 760°C sample, resembled the low
temperature preparations in activity. ¥Fig., 30 shows the initial efficiency
changes of these oxides before attaining the steady value,
Magnetic susceptibility.

| Table 20 sets out the magnetic susceptibility data found for the

different oxides:=—

TABLE 20. Magnetic susceptibility (20°C) of Mn,0, samples.

273

Pemperature of X (cgs units) x 16-6 Dependance on
Preparation (°C) 10,600 Serst. 1,500 ferst. Toiiii'® Field Strength

300 89.0 8847 89.0 -

400 89.1 89.1 89.1 -

Slightly
L ) L] .O
600 92,0 108.7 91 Ferromagnetic

760 99.0 >250 95.0 Ferromagnetic
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There would appear from the susceptibility data to be an apparent
structural change in the 600°C and 760°¢C samples, which is more pronounced
in the latter.

(d) Class (2) Zn0; €dO; Cu0 and Fe203.

These oxides although not as active as the first class, still
decomposed H202 (vapour) fairly readily in the temperature range 80—183°C.
Table 21 summarises the experimental data obtained with this series.

PABLE 21, Steady level decompositions at various temperatures. Class (2)

oxides. (pepe B;0, = 0.86 mm. Hg. )

(STEADY

Oxide Percentage Decomposition LEVEL.).

38%  77°c  100°% 138°% 183°¢C

a0 0 2.0 32,0 55.5 -
Fe,0; 0 0 57.5 8041 100
Cu0 0 6.0 50,1  98.0 -
Zn0 " 0 0 14.0 - -

As the table shows the oxides so not become appreciably active until
lOOPC, like the metal supported oxide films of Fe and Zn, Apaxrt from ZnO,
the catalysts when freshly exposed to the peroxide vapour showed no cyclic
or other variation in activity; the steady value being reached almost
immediately. 242n0 when initially exposed to B202 vapour gave decompositions
at 38 and 7700 which fell to zero in 10 minutes at the lower and 30 minutes
at the higher temperature; similarly at 100°C the oxide slowly poisoned,
as shown in Fig. 31 where this behaviour is contrasted with that of the

other oxides in this group. The figures for Zn0O given in the above table



~ 108 -

were the decomposition values after 30 minutes exposure to H’202 vapour.

Temperature coefficient.

By msking fast temperature changes with these catalysts, the following
figures were obtained for the temperature coefficients:-
TABLE 22, Experimental activation energies. Class (2) Oxides.

(pepe H,0, = 0.86 mm. Hg. )

Temperature Change (OC) % Decomposition Activation

. Energy
Oxid
© iy T, T T, (K.cals/mol)

cao 100 183 32 87.5 10.8
cao 183 138 80.1 42,2 11.4
Fe,0; 138 100 80.0 25,7 22,0
Fe 0 100 78 37,1 0 -
Cuo 101 130 5049 95.2 16.5
Cud 130 7 82,1 8.0 18.4

Reaction order.

The order of the decomposition was studied on all four oxides and
showed little or no deviation from first order behaviour on lowering the
concentration from Ci to Ci/2 etc. However, on making a change Ci/3—>Ci/2->
Ci, all the catalysts deactivated markedly, a phenomena which was not
apparent with the class (1) oxides. In the special case of Zn0, the
catalyst showed almost complete deactivation even on making the original
Ci to Ci/2 concentration change. These points are illustrated in Fig. 32.

(e) cClass (3)

This comprises the inactive oxides MgQO and o(-Alzo « Neither of

these were catalytically active at 18300 when used as the freshly prepared
















































































































































