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ABSTRACT.

The purpose of this investigation has been to
establish the mechanism of the oxidation of methane over
supported palladium catalysts.

The Introduction contains an account of the
general features of heterogeneous catalytic reactions, and
a survey oi the catalytic oxidation of hydrocarbons. The
former section discusses chiefly the usefulness and
limitations of kinetic measurements in establishing the
mechanisms of heterogeneous reactions. In the latter
section, the adsorption and catalytic oxidation of some low
molecular weight hydrocarbons are described, and previous
investigations of the catalytic oxidation of methane are
reviewed.,

The Experimental Section describes the apparatus
and experinental procedures used. Most of the rate
determinations were made by a calorimetric method involving
measurements of the heat evolved at the surface of a "bead”
of the catalyst. In certain systems, these measurements
were supplemented by product analysis. The preparation of
catalysts, and their investigation by physical methods, are
2lso described.

The principel findings are presented in the
Results Section.With 20 atom % palladium / thoria catalysts,

the dependence of the reaction rate on the concentrations



of methane, oxygen, carbon dioxide and water vapour have
been determined, the concurrent oxidations of methane with
methanol, carbon monoxide and formaldehyde have been
investigated, and the oxidations of methcone ond some other
hydrocarbons have been compared. Measurements have also
becn made of the activities of palladium catalysts supported
by various materials, and the structures of the catalysts
have been investigated by means of X~roy analysis and
electron microscopy.

In the Discussion, it is shown that, in the
oxidation of methane over palladium catalysts, both the
reactants and the products are adsorbed on similar sites.,
Evidence for this proposition is obtained not only from the
results of methane oxidation, but also from neasurements
involving the concurrent oxidation of methane and its
partial oxidation products. Some conclusions are also
drawn concerning the nature of the catelyst surface and the

mechanism of adsorption of the reactants,
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1. INTRODUCTION,

1.1. The industrisl importance of the catalytic oxidation
of hydrocarbons. '

Large quantities of commercially important
materials are made from oxygen-containing organic compounds,
and the manufacture of these compounds from hydrocarbons is
therefore of considerable interest. Uncatalysed
oxidation is not in general suitable for this purpose,
maeinly bgcause of the high temperatures thst have to be
enployed. A8 a result of this, the oxidation of a single
hydrocarbon in general gives rise to a multiplicity of
products, whose separation would be difficult and expensive,
Partly because they proceed at lower temperatures, catalytic
rzactions are generally more specific, and are therefore
more suitable for operation on an industrial scale.

With the inereasing problems of air pollution,
and with the necessity to perfect devices for the estimation
of methane in places such as coal mines, attention has also
been focussed on the use of catalysts in effecting the
complete combustion of hydrocarbons and other fuels, Such
complete combustion is favoured by the more active and less
selective oxidation catalysts, and some of these have been
used as the detecting elements in methanometers 1.

Jf the course of a reaction is to be controlled
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scientifically, then its mechanism must first be determined.
Even the simplest heterogeneous reaction involves several
steps which are not readily studied in isolation. However,
much fundamental work has been done on processes such as
the adsorption of the reactants, although studies of this
kind often have to be carried out under conditions far
removed from those used in industrial practice. In
addition,a considerable effort has been devoted to the
correlation of the activities of catalysts with their
physicochemical properties. With regard to the oxidation
of hydrocarbons, it will be shown in this review that the
mechanism depends both on the properties of the catalyst
and on those of the hydrocarbon, and is understood in
detail only in a few cases.,. The oxidation of methane is
not one of these, however, and the object of the present

work is to remedy this situation.

1.2. Heterogeneous catalytic reactions.

1.2.1. A general description.

Reactions over heterogeneous catalysts involve
the interaction of molecules with a surface, the brosking
of 0ld bonds and the making of new bonds in the adsorbed
species, and finally the return of the resulting products
to the gas phase.

Such reactions are generally faster and more
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specific than the analogous homogeneous processes because
each involves the forrmation of at least one’adsorbed
intermediate", and the two separate energy barriers which
discourage its formation and further reaction are lower
than the single barrier that has to be overcome in the
homogeneous process. The adsorbed intermediates may be
breakdown products of the reactant molecules, or they may
be intermediate products of the reaction which can be
desorbed into the gas phase. Since an intermediate product
will have less frec energy when adsorbed than in the gas
phase, 1t has fewer possible paths for further reaction in
the adsorbed state.

Since heterogeneous reactions teke place at what
may loosely be termed "active sites", reaction rates are
proportional to the number of these sites in the system,
which in turn is nominally proportional to the area of the
catalyst, "Catalytic activity" is therefore most suitably
expressed as an overall rate comnstant per unit area. This
procedure permits activities to be compared at a fixed
temperature, Alternatively, comparisons mey be made of the
temperatures required for a fixed area of each catalyst to
effect a certain percentage conversion. The usefulness of
such measurements is limited because they are too superficial
to reveal mechanistic variations, However, for the purpose

of assessing the effectiveness of a catalyst in promoting a
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given reaction, measurements may be made both of its
activity and of its selectivity, i.e. the rote of a required
reaction compared with the rates of wnwanted concurrent
and consecutive reactions,

An elementary catalytic: reaction must proceed by
means of the following sequence of steps:

(2) The diffusion of the reactants from the gas phase
to the surface of the catalyst.

(b) The adsorption of the reactants, and their
migration to active sites. (The adsorption process may
involve dissociction).

(¢) The chemical reaction of the adsorbed species to
form the adsorbed products.

(d) The desorption of the products from the catalyst
surface.

(e) The diffusion of the products back into the gas
phase.

With the exception of some adsorption processes, these steps
are reversible, and the overall kinetiecs will depend on the
equilibria between the cémponents of the reaction mixture
and the surface, as well as on the kinetics of the slowest
steps. The surfoce reaction (e) may involve the formation
of reasonably stable intermediates, which may then be

partially desorbed into the gas phase.
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It will be noted that this formulation, originally
due to Sabatier 2, describes the changes taking place in
reacting molecules but says little about the mode of action
of the catalyst, Two more or less complementary theories
place more emphasis on the role of the surface.

The multiplet theory, developed by Balandin °, is
particularly dependent on the geometry of the catalyst.

The theory postulates that the dissociation of the molecule
AB is achieved by the attachment of groups A and B to
different surface atoms, which are separated by a distance
greater than that necessary to accommodate the molecule in
its normal form, The atoms or groups between which a new
bond is to be formed migrate to the same catalyst site,
where they react. The course of the reaction is determined
principally by the relative spacings qf the atoms in the
surface and in the reactant molecules,

The electronic theories of catalysis interpret
adsorption phenomena in terms of the exchange or sharing of
electrons between the adsorbed species and the catalyst
surface, Thus the criterion for a substance to be
catalytically active is its ability to accept or donate
electrons, This is in accord with the high catalytic
activity of semiconductors and transition metals and their
compounds. These principles have been formulated in terms

of valence bond theory and the band theory of solids 5.
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The valence bond theory treates a metal as a giant covalent
molecule bound by the overlap of filled hybrid orbitals of
8, p, and, if available, d electrons. The calculated
participation of d electrons in the cohesive binding of the
s0lid is known as the "% 4 character of the metallic bond",
and may be used as an inverse measure of the extent to which
the non-bonding d orbitals have been filled. Electron band
theory, on the other hand, treats a crystal as an assembly
of ions, through which electrons or positive holes move
randomly. The electrons in the crystal occupy permitted
energy "bands", which replace the energy levels of
individual atoms or ions, In transition metals and
extrinsic semiconductors the highest energy band is only
partially filled, and may therefore be stabilised by either
the removal or addition of electrons.

The elucidation of the mechanism of a particular
reaction involves an understanding both of the relationship
between the overall recaction rate and the rates of the
individual steps, and of the dependence of the latter on the
physical and physicochemical properties of the catalyst.

The present work has concentrated on the determination of the
chemical mechanism of the catalytic oxidation of methane by
means of kinetic measurements. It is therefore desirable

to consider in more detail the thermodynamics and kinetics of
adsorption and of surface reactions, as well as to discuss the

results of some of the previous studies of the catalytic
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oxidation of hydrocarbons.

1.2.2, The adsorption of pases on golids.

The primary distinction between various types of
adsorption is made by means of the heats of adsorption.,
Physical adsorption, which is rather similar to condensation,
is accompanied by the evolution of less than 5 keal.mole I,
Chemisorption, on the other hand, involves the formation of
chemical bonds between the surface and the adsorbate
molecules, so that heats of adsorption usually exceed
10 keal.mole™l, In the present work, the "relative
pressures" of the components of reaction mixtures were much
too low for physical adsorption to be of any significance.

Few chemisorption bonds are wholly ionic or
covalent, but most may be classified as being either
predoninantly of the former type, e.g. adsorbed oxygen, or
mainly of the latter variety, e.g. carbon monoxide adsorbed
on some transition metals. The adsorption of such
substances as oxygen and the hydrocarbons may be accompanied
by dissociation, and in these cases the geometrical structure
of the surface has some influence on the nature and extent
of the process. Geometrical factors also influence the
adsorption of such gases as carbon monoxide, which may form
a terminal bhond or & bridging bond with the surface.

Since the geometrical structures of solids are

related to their electronic properties, the assignment of
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catalytic properties to one or the other is not always
possible. Nevertheless, many measurements, e,g. of
dissociative adsorption on single crystal faces, show clearly
the importance of geometric factors, while the measured
activation energies of numerous surface activated processes
are readily correlated with the electronic properties of the
catalysts. Since, as will be shown, the palladium
catalysts used in the present work were in the form of small
crystallites that were probably randomly oriented, gepmetric
effects will not readily be apparent from the results. It
is therefore probably more satisfactory to consider the
relationships between heats of chemisorption and surface
coverage in terms of electronic theories of adsorption.

The thermodynamics of an adsorption process will
depend on the nature of the bond between the adsorbate and
the surface. Using the terminology of the band theory of

%, the partially filled d band of trensition metals

solids
may be stabiliséd either by being emptied by electron transfer
from the surface or by being filled up with electrons from

the adsorbate, In either case, the adsorptive power of the
surface usually decreases as coverage increases, partly
because of the accompanying modification of the electrical

properties of the surface and partly because of the

increasing repulsive interaction between adsorbed particles.
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Adsorption on semiconductors followas a similar
pattern but a slightly more detailed picture is required of
the process on each of three types. "Extrinsic"
semiconductors are non-stoichiometric compounds, which
therefore contain either an excess of electrons (n~-type)
or of positive holes (p-type). Adsofption requiring the
transfer of electrons from an n-type catalyst soon exhausts
the surface supply, so that for further adsorption electrons
have to migrate to the surface from within the crystal
lattice. This causes potential barriers to be set up, so
that the heat of adsorption decreases and the process
eventually stops. It, on the other hand, electron transfer
to the surface accompanies adsorption on an n-type catalyst,
there is plenty of space available in the marginelly
occupied energy band to accommodate all the electrons
acquired in the formation of a monolayer with & very much
less marked fall in the heat of adsorption. These two
processes are known respectively as depletive and cumulative
chemisorption, and the position is reversed for p-type
catalysts. "Intringic" semiconductors are stoichiometric
compounds, some of whose electrons may be thermally excited
to a slightly higher band. They will therefore be n~type
at low temperatures and p-type at higher tenmperatures,

With respect to adsorption equilibria, the

following points may therefore be noted. Firstly, the
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electrical properties of the surface of a solid differ from
those of the bulk material, so that correlations between
bulk properties and catalytic effects are of limited use.
(Some calculations of surface properties have been made; e.g.
Wolkenstein's calculations on semiconductors 6). Secondly,
heats of adsorption usually vary with coverage. The extent
of this variation depends on the nature both of the surface
and of the adsorbate. Thirdly, if two gases are adsorbed
at the same time on a single surface, and the processes
involve electron transfer in opposite directions, then both
gases are likely to be adsorbed to a greater extent than
they would be on their own. Lastly, not all chemisorption
processes are reversible, If, for example, carbon dioxide
is adsorbed on to some transition metals such as titaniun,
molybdenum and tungsten, subsequent desorption yields some
carbon monoxide and a surface layer of the metal oxide 7.
Another example is the desorption of water from the surfaces
of some metal oxides on to which hydrogen has been adsorbeds.
In these circumstances, correlations between heats of
adsorption and surface coverage cannot be made.

The rates of heterogeneous catalytic reactions may
depend on the rates of adsorption or desorption processes,
or, if the surface reaction of adsorbed intermediates is
rate-determining, on the equilibrium coverages of the surface

by the reacténts and products. Since the present work is
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largely concerned with kinetic measurements, the dependence
of these on the thermodynamics amd kinetics of the
elementary steps will now be considered in the light of the

general principles that have been described.

1.2,3. The lxinetics of heterogeneous catalytic reactions.

The overall kinetics of a heterogeneous reaction
are determined by thosc of the individual steps. A primary
distinction may be made between chemical rates, which
increase exponentially with the ‘absolute temperature, and
diffusion rates, which are proportional to some power of the
absolute temperature between zero and two. AS a general
rule, therefore, chemical processes control reaction rates
at low temperatures, while at high temperatures, diffusion
processes are at least of comparable importance. The
transition between chemical and diffusion control is marked
by a reduction in the overall activation energy as the
temperature is increased, so long as the‘activation energy
of the chemical process is not too small,

If the mechanism of a surface reaction is to be
investigated, it is preferable that rcaction conditions are
chosen such that diffusion processes are relatively repid.
This is not always practicable, however, and it is necessary
first of all to describe the experimental features by which
diffusion control may be recoguised, and the effects which

diffusion may have on the overall kinetics of surface resction
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1.2.3,1, The effects of diffusion'nrocessesg.

In describing the kinetics of gaseous reactions
over porous catalysts, account must be taken of two gaseous
diffusion processes: mass transport through the gas phase
to the outside surface of the catalyst, and the diffusion
of the reactants within the pores of the catalyst.

The rates of bulk diffusion in gas nmixtures are
proportional to their concentration gradients, and to the
absolute temperature to a power between 1.5 and 2; they
also depend on the composition of the mixture. Mass
transfer in the pores of a catalyst may, if the pores are
large, occur by bulk diffusion, or, if the pores are
narrower than the mean free path of the molecules by diffuse
reflection of the molecules from the walls of the pores.
This latter process is known as "Knudsen diffusion'", and
the relevant diffusion coefficients are independent of the
composition of gas mixtures.

Bulk diffusion is much more rapid than pore
diffusion. Thus the Arrhenius plot for a reaction over a
porous catalyst usually consists of three sections. At
low temperatures, diffusion processes are relatively rapid,
and the activation energy E obtained from the slope of the
graph is that of the surface reaction. As the temperature

is increased, Knudsen diffusion progressively slows down the
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increase in overall rate, and the apparent activation energy
decreases to a limit of E/2. This transition may occur over
a temperature range as wide as 200°, Then at still higher
temperatures, bulk diffusion becomes the rate controlling
process, and the observed activation energy decreases much
more rapidly to about 1 keal.mole . In the first region,
the observed kinetics are those of the surface reaction,

th order

whereas in the second they are modified so that an n
reaction appears to have an order of (n+1)/2, and in the
third the apparent order is half the true order. (It
should be noted, however, that these results have been
deduced for a spherical particle under isothermal conditions.
If there is a temperature gradient between the surface of
each catalyst pellet and its centre, then these effects may
be somewhat blurred.) Coefficients both of bulk diffusion
and of pore diffusion are inversely proportional to the
square root of molecular weight. Thus the heavier the gas,
the lower the temperature range over which diffusion
processes become important.

Although not of great importance in the present
work, it is of interest to note that the pore structure of
a catalyst has considerable influence on its selectivity.
The position may be summarised briefly as follows. Firstly,
if there is competition for surface sites between different

reactions of the same order, then the process in which
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reactants diffuse ‘most rapidly is favoured by more
porous catalysts, Secondly, if a single reactant undergoes
two concurrent reactions of the same order, the selectivity
of the catalyst is not affected by its pore structure. Iz,
however, the orders differ, then the process with the lower
order is favoured by more porous catalysts, since its rate
is less affected by the depletion of reactants inside the
pores. Thirdly, if the reaction proceeds via an intermediate
product, the yield of this product is greater if a non-
porous catalyst is employed. This is because intermediate
product molecules formed inside the pores stand a high chance
of reacting further, by collision with the walls.of the
pores, before they can escape into the gas phase,

I+t may be seen from this account that diffusion
processes modify but do not override the kinetics of surface
reactions. There now follows, therefore, a discussion of

the kinetics of the surface processes.

1.2.3.2., The “jnetics of the chemical surface nrocesses.

Three distinet chemical processes are involved in
an elementary heterogeneous reaction: +the adsorption of the
reactants, the surface reaction itself, and the desorption
of the products. It is necessary to consider the overall
kinetics observed when each of these steps is rate

determining. They cannot be completely isolated from each
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other however, because, for example, the rate of adsorption

depends on the availability of surface sites, which in turn

depends on the equilibrium coverage by the products.
Adsorption and desorption will be considered first.

These processes may be represented by the equations:

(a) Dissociative adsorption: AB + 2% T A* + B*

(b) Non-dissociative adsorption: AB 4+ n* =—AB(n*)

where A and B arec atoms or groups, * represents an adsorption

site and n is any number greater than or equal to one, ("n"

only exceeds one if AB is a large molecule which occupies an

appreciable surface area). Taking equation (a), the rate

of adsorption, Tg is given by

r, =¢ [**] Ppp (2nka)% e-Ea/RT

2 e-Ea/RT

k, (1 - 9)

(1.1)
where ka and Ea are respectively the rate constant and
activation energy of adsorption; m is the mass of the
molecule, 6 is the fraction of surface covered, & is the
"sticking probability"; more or less analogous to the "steric

factor" of collision theory, and other symbols have their

usual meanings. The rate of desorption, Ty is given by

rg = ky 02 e"Ed/RT (1.2)

- -

where k, an.Zi'Ed are respectively the rate constant and

activation energy of desorption.
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The further development of these equations depends
on the adoption of simplifying assumptions. For exanple,

10, which account for the observed rates

the Elovich equations
of chemisorption in a number of systems, have been deduced
by assuming firstly that adsorption is mobile, so that o is
approximately equal to one, and secondly that the activation
energies vary linearly with coverage, according to the
equgtions

E, = (B)), + oo (1.3)

By = (Bg), - j}8o (1.4)
where X and/Gare constants, and the subscript "o" indicates

zero coverage., These assunptions lead to the equations:

-
r - (1 - e)2 e e /RT

L .
1.
52 e+/3€9/RT (1.5)

Ta

Over intermediate ranges of coverage, changes in 92 and

(1—9)2 are relatively unimportant, so that to a reasonable

approximation,
r, = a exp ( -« 6/RT) )
Elovich Equations (1.6)
ry .= b exp ( +eX9/RT)

where a and b are constants.

10 that chemisorption is

It is considered probable
localised at lower temperatures, so that the Elovich equations

are then less likely to be obeyed, However, the activation
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energy of surface migration is usually less than that of
desorption, so that the mobility of reversibly adsorbed layers
does increase as the temperature is increased. With
dissociatively adsorbed species, this tendency is less marked
because desorption involving association is likely to require
a lower activation energy. Mobility is also likely to
increase as coverage increases, since the heat of adsorption
concurrently decreases,

The overall kinetics of a reaction whose rate is
controlled by adsorption may be seen from equation (1.1).
The initial rate is proportional to the partial pressure of
the reactant, so long as the partial pressures of other gases
in the reaction mixtures are kept constant. If the products
are slowly desorbed, or their strengths of adsorption are
appreciable, then the concentration of unoccupied adsorption
sites will decrease as the reaction proceeds, and the
apparent order with respect to the reactant will increase,

When product desorption is rate controlling, the
overall kinetics depend partly on the strengths of adsorption
of the reactants, If the reactants are only weakly adsorbed,
then for most of the reaction the surface is almost completely
covered by product molecules, so that the order with respect
to the reactants is zero.

In considering the kinetics of the surface reaction

itself, it is assumed that the gas phase components are all
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in equilibrium with their respective adsorbed species, so
that the coverage of the surface by each component depends
on its strength of adsorption, its partial pressure and the
coverage by the other components. Three possibilities must
be considered:

(i) the reactants may be adsorbed on similar sites,

or (ii) they may be adsorbed on different sites, or

(iii) the reaction may take place between one adsorbed
reactant and another in the gas phase.

In all these cases, the reaction products may compete with
the reactants for surface sites.

In the first instance, the discussion will be
simplified by the assumption that strengths of adsorption do
not vary with coverage. The fractional coverage of the
surface, Gx’ by a component x, whose partial pressure in the

presence of other components i is Dy is given by:

b 1) -
e, = L X for non-dissociative (1.7)
x 1+bxpx + Ejbipi adsorption
8, = bX ox for dissociative (1-8)
x 1+ /B, Py +3P3Ds adsorption

where the "b" terms are the equilibrium constants for
adsorption. The obsarved kinetics will then depend on the
molecularity of the surface reaction. Two cases will be

sufficient to illustrate these principles.
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(a) in which the rate determining step is:

Mgy + B(aqg)—>(Intermediate and/or final %gSQ?CtS)

(Rideal-Eley mechanismlo)

(b) in which the rate determining step is:

A(ads) + B(ads)———?(lntermedlate and/or final %fggucts)

(Langmuir-Hinshelwood mechanlsmll)

In case (a), the rate is proportional to the
frequency with which gas-phase molecules of A collide with
adsorbed species of B. Two rate expressions are therefore
possible.

(i) for the non-dissociative adsorption of B,

k, p, D
rate = —i—f B (1.9)
1+ by py + zbipi

(ii) for the dissociative adsorption of B,

ko Py /Pp

rate = (1.,10)
1+ /bB pp + }:bipi

In both cases, the reaction is first order with respect to A

throughout its course. The dependence of rate on the
concentration of B depends, however, on the strengths of
adsorption of B and the products, If both are equally weakly
adsorbed, and the reaction mixture is stoichiometric, then
the order with respect to B is initially slightly below 1.0

(case (i)), or slightly below 0.5 (case (ii)), but increases
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as the reaction proceeds. The kineties in other
circumstences may be deduced by inspection.

In case (b), if it is assumed either that the
adsorbed species are randomly distributed over the surface,
or that they are mobile, then the reaction rete is
proportional to the product of the surface coverages of A and
B. Rate equations may therefore be formulated as follows.
(iii) all species adsorbed on similar sites; no dissociation,
k3 Py Py

5 (1.11)
(1 + b,p, + by Py + Z:bipi)

rate =

(iv) all species adsorbed on similar sites; A dissociated,
other species not dissociated,

k, /o, P ’
rate = 4 JFZ B (1.122)

(1 +/B,By + by pp + Zbipi)2

(v) all species adsorbed on similar sites; both reactants
dissociated,

ke /Py P )
rate = 2 j‘_x“__)%,__* 5 (1.13)
(1 +/5,p, +/bg Pg + ) b;3P;)

(vi) reactants adsorbed on different sites; products
adsorbed on one type of site; no dissociation,

k Y Y '
rate = 2 A 7B (1.14)

(1 + bAPA) (1 + bppy + z:bipi)
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(vii) A dissociatively adsorbed on one type of site; B and
products non-dissociatively adsorbed on the other,

ko Py Pp

(1 +/byPy) (1 + bppg + 3 b3P;)

(1.15)

rate =

(viii) A adsorbed without dissociationy B dissociatively
adsorbed on similar sites to those on which the
products are adsorbed,

kg 1y J/Pg

rate = (1.16)
(1 + bApA) (1 + /beB + zbipi)

The overall reaction kinetics in any given circumstances may

again be deduced by inspection. Taking cases (vii) and
(viii) as examples, if reactant A is strongly adsorbed and
its partial pressure is high, then the rate will depend only
upon the strengths of adsorption of B and the products and
on whether or not these adsorptions involve dissociation.
Clearly, the number of rate equations required to
cover all possible cagses of uni-, bi-, and ter-molecular
surface reactions is very large. The possibility that some
of the products may be dissociatively adsorbed has in any
case been ignored. However, it may be rnoted that each
variable factor has an effect on the overall kinetics, and
should therefore be detectable from experimental measurements.
The amount of mechanigtic detail that may be deduced depends
chiefly on the accuracy and comprehensiveness of these

measurenents, For example, initial rate measurements
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indicate whether or not the reactants are dissociated on
adsorption, and also permit their strengths of adsorption to
be compared qualitatively. Measurements of rate as a
function of time show whether or not the reaction is inhibited
by its products, and if this is so, experiments in which the
products are previously introduced into the rcaction mixtures
should indicate Whether‘the inhibition is kinetic or
thermodynamic in nature.

There are certain ambiguities in this approach,
some of which may be resolved by means of further kinetic
measurements under different conditions, If, for instance,
the order with respect to the initial concentration of B is
between 0.1 and 0.5, it is not clear whether B is
dissociatively and moderately strongly adsorbed or whether it
is non-dissociatively and weakly adsorbed. This question
might be decided by means of experiments in which mixtures
containing much lower concentrations of B are allowed to
react, A more serious difficulty arises if the kinetics
show a first order dependence on the initial concentration
of B and an indication of inhibition by the products or the
other reactants. It is not then possible to distinguish
whether the non-dissociative adsorption of B on sites
different from those on which A is adsorbed is the rate-
determining process, or if the slow step involves the

reaction of adsorbed A with gaseous B.
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A further objection to this approach is that it is
based on a premise that is usually false, namely, that the
heat of adsorption of a component is independent of the
coverage of the surface by itself and other components.

Some attempt should therefore be made to assess the effect
of variations in heats of adsorption. The generalised

adsorption isotherm 11

is too complex for this purpose.
The Freundlich isotherm 11, which is besed on the exponential
decrease of the heat of adsorption with coverage, and the

Temkin isotherm.11

, in which a linear decrease is implicit,
may however be used. A large number of chemisorption
measurements are found to fit one or the other quite well,
particularly at moderate coverages.

The Ereundlich isotherm for a2 single adsorbate is:

e = (bo p)RT/qm for non-dissociative (1.17)
adsorption ‘

o = (b, p)RT/28y  £or aissociative (1.18)
adsorption

where bo is the initial strength of adsorption and a., is a
constant (units: cal.mole-l).
For intermediate coverages, the Temkin isotherm, which is
the same both for dissociative and for non-dissociative

adsorption, may be reduced to:

8 = ——=— 1n (bo P eqo/RT) (1.,19)
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where 9, is the initial heat of adsorption and oL is the
proportionality constant according to which the heat of
adsorption decreases with increasing coverage. It may be
noted that, if a reactant is adsorbed in this way, then

there will be no kinetic distinction between its dissooiative
and non-dissociative adsorption prior to reaction,

The formulation of rate equations from these
isotherms is not useful unless values of Q, etec, are
available from chemisorption measurements made under
conditions cqmparable with those used in making rate
measurements. Even if these were available, the assessment
of the effects of different adsorption processes on each
other would be extremely complicated. It may however be
said that marked variations of heats of adsorption with
coverage are liable to blur the distinctions that may be made
between different mechanisms on the basis of the Langmuir -

Hinshelwood approach,

1.2.4. Summary.

The essential features of heterogeneous catalytic
reactions have now been described, and rather more attention
has been paid to the reaction kinetics than to the properties
of the catalysts. This is because the relative activities
of numerous catalysts for the oxidation of methane have

already been determined, and it is now of more interest to
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focus attention on the mechanism of the reaction. Although
some physical measurements, for example of the changes in
the magnetic properties and electrical conductivities of
catalysts during reaction, might be expected to yield some
information regarding the mechanism, it is considered
probable that kinetic measurements will in the first instance
be most useful in establishing the general outlines. It
has been shown that, in ideal circumstances, the mechanisnm
could probably be established from kinetic measurements alone.
The difficulties of interpretation that have been mentioned
1limit only slightly the usefulness of this approach.

The remainder of this introduction will consist of
a survey of some previous investigations of the catalytic
oxidation of hydrocarbons. A general review of the
catalytic oxidation of low molecular weight hydrocarbons will
first be given, and then the oxidation of methane will be

considered in more detail.

1.3, The catalytic oxidation of hydrocarbons.

1.3.1. A general survey.

Many investigations of these reactions have been
concerned with the production of partial oxidation products
in useful quantities. Varying degrees of success have been
achieved in this respect, as may be seen from the general

12

review by Margolis , and a more recent survey of the
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catalytic oxidation of olefins 13.

The general results show that moderate yields of
intermediate products may be obtained by means of the less
active and more selective oxidation catalysts such as the
oxides of the transition metals of groups VA, VIA, and VIIA.
Catalysts of nickel, palladium, platinum and copper tend to
be more active, and so to favour complete combustion. Gold
is hardly active at all, but silver is of moderate activity,
and is by far the most suitable catalyst for the oxidation
of ethylene to ethylene oxide.

The ease with which intermediate products are
formed also depends on the nature of the hydrocarbon.

High unsaturated hydrocarbons may be oxidised at lower
temperatures than low saturated hydrocarbons, and the yields
of intermediates produced from the former are usually much
greater, Again, the oxidation of ethylene over silver
catalysts is something of an exception to this generalisation.

In discussing the factors that give rise to these
effects, it is convenient to describe the chemisorption of
the reactants on the catalysts before considering the

reaction mechanisms.

1.3.1.1. The ~dsorption of oxygen on oxidation catalysts.

According to the classification originally due to

Trapnell 14, oxygen is readily adsorbed on almost all metals
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and on many metal oxides. Measurements of the electrical
conductivities of some catalysts during their adsorption of
oxygen 15, indicate that negative ions are formed on the
surface. More detailed information has been obtained from
desorption measurements and from studies of the homonuclear

12,16

oxygen exchange reaction » Which show that, in

decreasing order of thermal stability, the species 02-, 0~
and 02— may all be present on a catalyst surface,

4t least in some cases, the chemisorption of
oxXygen is accompanied by its dissolution into the bulk of the
catalyst, For example, when oxygen is adsorbed on silver,
several surface layers of silver oxide are formed. The

actual nature of the oxygen adsorbed on top of these layers

is not known, but the existence of such complexes as

0
Ag/// \\\Ag
has been suggested by Twigg 17 to explain his observations
of the oxidation of ethylene over silver films.,
On the other hand, the reverse process is also
possible, For example, when oxygen is sorbed on cuprous

oxide 18, cut ions migrate through the crystal lattice to

surround the 02~

ions on the surface, thus leaving positive
holes in the catalyst.
It is clear that oxidation reactions over oxides

may involve either adsorbed oxygen or lattice oxygen.
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Kinetic measurements do not readily distinguish between

18O tracer studies have in sone

these possibilities, but
cases succeeded in doing so. It has been shown, for example,
that the oxidation of carbon monoxide over cupric oxide

almost exclusively involves adsorbed oxygen 19. On the

other hand, it is thought likely that many catalytic
oxidations over vanadium pentoxide proceed by means of the
alternate reduction of the surface by the hydrocarbon and the
re—oxidation of the surface by gaseous oxygen 20’12.

The formation of surface oxide layers on silver in
the presence of gaseous oxygen has already been mentioned,
Similar processes occur on most metals at room temperature 21.
Over rhodium, palladium and platinum, however, only chemi-

21

gorption is observed at room temperature , and bulk

oxidation occurs only at temperatures exceeding 200°¢ 16.
At these higher temperatures, the adsorbed oxygen is in the
form of monatomic ions. Whether or not a surface layer of
oxide plays an important part in a metal-catalysed oxidation
is likely to depend firstly on whether an adequate partial
pressure of oxygen is mainteined for the formation of the
layer, and secondly on the relative rates of bulk oxidation
and of hydrocarbon oxidation over the pure metal.

Volunetric and calorimetric measurements show that,

over most catalysts, the heat of adsorption of oxygen varies

appreciably with coverage. Adsorption measurements on



several metal oxides are satisfactorily fitted by the
Freundlich isotherm, and in some other cases a better
correlation is achieved with the Temkin isotherm 12. Except
when bulk oxidation accompanies adsorption, the surfasce is
usually saturated when the coverage is less than complete.

It is reasonable to expect that the oxygen which is least
strongly bound to the surface is that which is most likely to
take part in a catalytic reaction, and this supposition is
frequently borne out by experiment; see, for example, studies

of homonuclear oxygen exchange 16.

1.3.1.2. The adsorption of hydrocarbons on oxidation catalysts

Experimental measurements of hydrocarbon adsorption
and of concurrent changes in the electrical conductivity of
catalysts show that the process may or may not involve
dissociation of the adsorbate 12. Non-dissociative
adsorption is found to involve the formation of adsorbed Ru*
ions, whereas the dissociative process leads to the formation
of R, and H. groups bound to the surface by largely covaleut
bonds.,

The former process is more usual over metal oxides,
and occurs more readily with unsaturated hydrocarbons than
with saturated hydrocarbons. For exanple, Margolis has show%

that ethane, ethylene and a number of higher hydrocarbons

are adsorbed as RH' ions both on n-type catalysts and on
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p-type catalysts. Hydrocarbon adsorption on all these
catalysts is extremely rapid, and it appears that heats of
adsorption decrease as coverage increases. At higher
temperatures, the adsorbed species undergo pyrolysis and/or
oxidation by the surface. Since pyrolysis involves bond
fission, it is possible that the adsorption process becomes
dissociative at high temperatures.

It 1s generally accepted that saturated hydrocarbons
are dissociatively adsorbed on metals 22. At lower
temperatures, this process is more likely to involve the

breaking of C-H bonds than of C-C bonds, Thus, two

adsorption mechanisms are possible:
(a) RH(,) + 2%—R* + ¥
¥* *

At higher temperatures, adsorbed alkyl groups tend to

decompose:

(c) CH. + 3%—— 03235 + m¥

3
wefx 7 CH4 (g)

Unsaturated hydrocarbons tend to be adsorbed by means of =
electron donation on metals as well as on oxides, There are,
however, exceptions to this: for example, the adsorptions

24

of ethylene on nickel 23 and on palladium are thought to

proceed via the formation of 1.2.diadsorbed ethane.
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Some measurements have been made of the adsorption
of hydrocarbons on oxide films at metal surfaces. It has,

for instance, been shown 20

that whereas ethylene is rapidly
and reversibly adsorbed on a pure silver film, the process is
much slower and only partially reversible over an oxidised
surface. It appears that not many measurements of this type
have been made, but it seems reasonable to suppose that,
generally speaking, the adsorption of a hydrocarbon on a

surface oxide layer resembles the process on the bulk oxide

more than the process over the pure metal.

1.3.1.3. The reactions of the adsorbed species.

The ready formation of partially oxidisced products
from hydrocarbons appears to be associated particularly with
the attachment of unsaturated groups to adsorbed oxygen.

This is illustrated, for example, by the oxidation of
ethylene, which follows different routes over different
catalysts., The main products from the reaction over silver
are ethylene oxide, acetaldehyde, carbon dioxide and water17.
It is suggested that ethylene oxide is formed by means of the
reaction:

H20 CH

> H,C -~ CH,
~
\ — 0

Ag// \Ag Ag —— 4ig

ot -

Although the acetaldehyde is probably formed by the

rearrangenent of some of the ethylene oxide, it has been
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ghown by means of tracer studies 26

that, at least at lower
temperatures,.most of the carbon dioxide is formed directly
from ethylene,

When palladium catalysts are used 24, the major
products of the reaction are carbon dioxide and water, and
no ethylene oxide is formed. At lower temperatures, however,
the catalysts are progressively poisoned by the formation of
formic acid, which is thought to be formed from acetaldehyde.

It has been suggested that in this case ethylene is

initially adsorbed as:

?Hz - ?Hz
I
M M

It is much more difficult to obtain partially
oxidised products from the catalytic oxidation of saturated
hydrocarbons, particularly from those of low molecular
weight. Low percentage yields may sometimes be obtained by
means of high area catalysts of moderate activity, such as
the oxides of chromiun, molybdenum and vanadium, either
supported or in the form of powder. Trace amounts of
intermediate products have also been ohtained using silver
and platinum, but none appear to be formed over palladium
catalysts, These results may in part be attributed to the
higher temperatures required for the oxidation of saturated
hydrocarbons, and in part to the mode of adsorption of these

compounds,
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The kinetics of the complete oxidation of
hydrocarbons are hard to determine, because the reactions are
highly exothermic. A number of comparisons of catalytic
activities have, however, been made using reaction mixtures
with small hydrocarbon concentrations, and those for methane
oxidation are referred to below. Margolis and Todes 21
have found that, over copper chromite, magnesium chromite and
platinum catalysts, the oxidations of normal and unsaturated
hydrocarbons are first order with respect to fuel, while the
oxidations of alkyl-substituted paraffins are second order.

28 have obtained orders of

In contrast, Accomazzo and Nobe
less than one for the oxidation of 01 to 03 hydrocarbons over
copper oxide supported on alumina., Reaction orders were
found to decrease and ease of oxidation to increase with
increasing unsaturation of the hydrocarbons. Moro-oka

et al.29 have obtained a wide range of orders, both with
respect to fuel and with respect to oxygen, in their
investigation of the oxidations of acetylene, ethylene,
propylene, propane and i-butane over a series of transition
metal oxides, Their results show clear correlations between
reaction rates, reaction orders, strengths of adsorption of
the hydrocarbons as compared by means of competitive
oxidation experiments, and the heats of formation of the

metal oxides, There is evidence in this work, in Margolis'

work, and in several investigations of the catalytic



39.

oxidation of methane, of compensation effects, i.e. the
connection of the activation energies, E, and the pre-
exponential factors, A, for & reaction over different
catalysts by the relationship:

In.A = Ea + Constant.

To summarise, it appears that the mechanism of the
catalytic oxidation of hydrocarbons depends to & considerable
extent on the experimental conditions as well as on the
properties of the reactants and the catalyst. Although
some broad outlines have been drawn in some of the
investigations cited, 1itt1e precise mechanistic
information is available.

The catalytic oxidation of methane has been the
subject of a number of studies of catalytic activity, and
more recently & number of kinetic investigations of the
reaction have been carried out. These will be considered
in more detail, but first it is of interest to describe the
general features of the homogeneous reaction, which may in
gome circumstances influence the processes occurring on the

surface of catalysts.

1.4. The oxidation of methane:

1.4,1. The slow hgomogeneous oxidation of;methane.Bo

1.4,1,1, General characteristics of the reaction.

At sub-atmospheric pressures, the homogeneous

oxidation of methane begins to occur at temperatures above
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about 350°C, It is a chain reaction, characterised 31, in
a constant volume system, by an induction period, followed
by & pressure rise stage, during which the reaction rate
increases to a maximum before decreasing again. The

ma jor products of the overall reaction are carbon monoxide,
carbon dioxide and water, but small amounts of formaldehyde,
hydrogen peroxide, methanol, hydrogen and ethane may also

be isolated as intermediates and final products.
FPormaldehyde is an intermediate under most reaction

conditions 32

s but its yield as a percentage of the initial
methane concentration rarely exceeds 3%. The role of
hydrogen peroxide depends nmuch more on the reaction
conditions 33, Thus this compound is decomposed by basic
surfaces (e.g. Pb0) and at high temperatures. Carbon
monoxide may also be regarded as an intermediate, since it
is oxidised further to carbon dioxide 34. This reaction
is, however, inhibited both by methane and by formeldehyde.
These variations in the behaviour of intermediatos
are reflected in the sensitivity of the overall reaction
kinetics to experimental conditions. The trends of
observed reaction orders and activation energies as

temperature is increased are summarised in table 1,1,



General linetic features of the slow

Table 1.1.

Lomogeneous oxidation of methane.

L4,

Temperature Order in Order in Activation )
rangc methane oXygen energy
(°¢c.) (kcal.mole-l)
380 - 450 2 0.5 - 1.0 90
550 - 650 1.5 - 0.0 1.6 - 2.8 40
|
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1.4.1.2, The reaction mechanism.

It has been shown 50 that the slow thermal
oxidation of methane proceeds by means of a free radical
chain mechanism, which involves the formation of one or more
molecular chain-branching intermediates. A comprehensive
reaction scheme has been proposed which accommodates most
of the observed features of the reaction over a wide range
of experimental conditions (see Table 1.2).

Not a2ll the reactions in this scheme are important
under a single set of conditions: the following comments
refer to reactions at sub - amospheric pressures. Below
50000., all three major propagation chains may play an
important part in the reaction, and heterogeneous termination
steps are more important than homogeneous termination
processes. Most of the hydrogen atoms formed combine with
oxygen molecules according to step 13. As the temperature
is increased, the chain braonching step 14 overtakes step 13,
and there is an increased likelihood of explosion taking
over from slow reaction, This possibility increases in a
single experiment as the reaction proceeds, and the
competition for hydrogen atoms from methane and formaldehyde
decreases 34; this competition will also be increased by the
addition of small amounts of carbon monoxide to initial
mixtures. At temperatures exceeding 650°C, further

variations in the mechanism occur. I+ has been shown that,
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even at 950-1000°C, formaldehyde is still the principal
35

chain-branching intermediate s but there appears to be no
general agreement as yet regarding the details of the

mechanism at these high temperatures.

1.4.1.3. The possible cffects of homogeneous processes

on the heterogeneoug catalytic reaction.

It has been stated that stoichiometric mixtures of
methane and oxygen react slowly at temperatures below 50000,
but rapidly or even explosively at temperatures exceeding
650°C. Thus a catalyst of relatively low surface area
introduced into a stoichiometric mixture at high temperatures
will provide only a ninor alternative route for the reaction,
and may serve as a local heat source by means of which an
explosion is initiated. Under less severe conditions, e.g.
if the reaction mixture contains only a small proportion of
methane and & high area catalyst is used, some initiation and
propagation steps may proceed to a certain extent in the gas
phase, and produce species which are more readily oxidised
at the catalyst surface than is methane itself. Thus the
general éffect of these gas—-phase processes will be to increase
the apparent rate of the surface reaction. If the surface
reaction itself is under investigation, then the experimental
conditions should be chosen so that the importance of
homogeneous processes is negligible. In practice, this means
that only dilute mixtures of methane in oxygen or air should

be used at temperatures below about 650°C.



Table 1.2. Reaction gcheme for the homogeneous

oxidation of methane

Initiation:
CH4 + 02 ——3 (}H3
CHQO + 02 - HCO
Propagation:

Methane chain:

CHy  + 0y ————3 CH,0
CH, +  OH — > CHy
CH, +  HOp———y CHy

Formaldehyde chain:

CH20 + 0H ————— HCO
CH20 + H02—-——-——‘;HCO
HCO + 02 —_—) I-IO2
Carbon Monoxide chain:

co + 0H ———— GO2
Cco + H02-————-3 002
Other propagation steps:

£as
2HO, oo, Hp0,

Hy0, + (M) —~——— 2 O

Low temperatures:

50

H02
HO,

OH
H,0
Hy0,

H,0

Hy0,
co

OH
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Table 1.2 (continued)

High Temperatures:
H + O2 ——3 OH + 0

0 + CH, —— H + HCO

Low oxygen concentrations:

H + cH4 —— Hb + CH3
® + GHZO ——————4xH2 + HCO
Termination:

Low temperatures:

. surface
.1 .
surface 1

High temperatures, acid treated vessels:

H202 + H » OH + H20
2CH s C,H, (and other
3 7 7276 radical

combinations)

e o & s

® e 8 a9

LR R BN N 4

e e 0 090

U5,

14
15

20
21

16
17

18
22
23
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1.4.2. The Yeterogeneous catalytic oxidation of methane.

1.4.2.1, Catalytic .ctivities, and the formation of
Intermediate products,

The main products'of the heterogeneous catalytic
reaction are carbon dioxide and water, although sma2ll amounts
of intermediate products are formed over somc catalysts. The
results of_some of the earlier investigations are summarised
in Table 1.3, and it appears from these that the formation
of formic acid is usually associated with platinum catalysts,
whereas aldehydes (usually formaldehyde) are more generally
formed over copper and nickel catalysts and some metal oxides.
Carbon monoxide and hydrogen are usually preduced under
conditions favouring partial oxidation (e.g. over nickel
oxide 36) but some workers claim to have obtained up to 60%

37’66. More recently, it has been

yields of formaldehyde
claimed that quite high yields of formaldehyde may be
obtained from reaction mixtures containing traces of nitric
oxide which are allowed to react over rather inactive
catalysts 38. In general, however, it appears that
conditions favouring the formation of intermediate products
from the heterogeneous catalytic oxidation of methane are
hard to produce,

Some of the more recent investigations 207 2941

have been concerned with comparing the activities of different



Table 1.3,

Reaction produdds obtained from the

heterogeneous catalytic oxidation of

(2) Metal catalysts.

Catalyst

Platinum

Palladium

Silver

Support

Agbestos

Agbestos

Agbestos

Siliecs
Gel

Lsbestos

Asbestos
Silica
Gel
Agbestos
Asbestos

Silica
Gel

Silica
Gel

nethane.

Temperature

(%c.)

800

250-600
800
250-500
172-700
200~-400
150-350
200
250-600

172-700
200-400
200
450~-700
200-400

500
500

200~-400

Products
MAIN (trace)
CARBON DIOXIDE

WATER,
(formic acid)

ditto
ditto
ditto
ditto

ditto
ditto
CARBON DIOXIDE

WATER.
ditto

ditto
ditto
ditto

CARBCN DIOXIDE
WATER
(aldehydes)

ditto

CARBON DIOXIDE
W.TER

(formaldehyde)
CARBON DIOXIDE

WATER
(acetaldehyde)

L7.

Ref,

50

54
55
58
59
55

60
61



(a) Metal Catalysts.

Table 1.3 (continued)

Catalyst

Copper

Gold

Nickel

Support

Pymice

Oxide Catalysts.

VZO5

V205
Cu0
Nio

NiO

Pdao

Ce02

Zn0

Pao
Zno

U & Be
Oxides

Asbestos

Pumice

Asbestos

n

Temperature

(°C)
172-700

150-500

150-900

172-700

500
250-350
250-800C
100-350

350-500

50-500
350-1000

350-1000
350~500

500«600

Products:
MAIN (trace)

CARBON DIOXIDE
WATER.

CARBON DIOXIDE
WATER

CARBON DIOXIDE
WATER
FORMLILDEHYDE

CARBON DIOXIDE
WATER

ditto
ditto
ditto

CARBON DIOXIDE
WATED
FORMALDEHYDE

CARBON DIOXIDE
WATER

ditto
CARBON DIOXIDE

WATER
FPORMALDEHYDE -

ditto

CARBON DIOXIDE
VLTER

FORMALDEHYDE

L8,

Ref.
54
51

62

54

53,54 ,64
53
64

53

53
65

65
53

66
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Table 1.3 (continued)

(¢) Under Conditions for Low Conversion.

Catalyst Support Temperature Products Ref.
?OC) MAIN (trace)
Pt(wire) - 750-850 HYDROGEN 67

(hetero-homogeneous mechanism) CARBON MONOXIDE

Cu/Cu0 - 700 ditto 68

Cu/Uo2 - 700 ditto 68

Cu/Moo3 - 700 ditto 68

Pt,Pd - 700 ditto 69

Ag,Au

v205, CeO, - HYDROGEN 70
CARBON MONOZXIDE
C..RBON DIOXIDE

P+, Pd Silica CARBON DIOXIDE 71

Gel WATER

(formic acid)
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catalysts for the complete oxidation of methane. For
example, Stein e%t a1.39 have compared the activity of the
oxldes of some of the first-row transition metals, together
with that of palladium, platinum, silver, gold and molybdenum
trioxide. Activation energies of between 16 and 31
¥cal.mole™ ! were obtained, and these values did not vary
appreciably with the nature of the support. Pre-
exponential factors were also measured, but are of less
interest because the surface areas of the catalysts were not
determined. Comparison of the activities "per gram of
active metal" of catalysts supported by one type of alumina
gave the following decreasing order:

Pt Pdy Cr 7 In > Cuy Ce>» Coy Fe 7 Niy Ag

1.4.2.2. Previous investigations of the reaction nechanism.

Previous studies of the reaction mechanism have
usually involved the use of the more active catalysts such
as palladium and platinum, but some workers have instead used
less active materials such as silver or copper oxide.

The reaction over platinum was first studied in

detail by Davies +2

y who measured the heat evolved on the
surface of a platinum wire maintained at the appropriate
temperature (200-900°G) in dilute reaction mixtures. His
results indicated that the process involved the reaction of

adsorbed methane with adsorbed oxygen. This was in contrast
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with thé oxidations of hydrogen and carbon monoxide over the
same catalyst, which appeared to proceed by means of the
collision of gas phase fuel molecules with adsorbed oxygen.
In a more Tecent study, using temperatures between GOO and
130000, Lintz et a1.43 have confirmed Davies! conclusions
with respect to methane oxidation by showing that the
reaction does not proceed unless the temperature is high
enough for methane to compete effectively with oxygen for
adsorption sites. These workers have also concluded that
carbon monoxide, which was formed in increasing quentities
as the temperature was raised, is an intermediate product
of the reaction over this catalyst. 4t very high

temperatures 44

y platinum atoms and surface complexes are
vapourised from the catalyst, so that the mechanism is no
longer wholly heterogeneous in character.

The reaction over silver films has been studied at
580°C by Enikolopyan and Bel'gorskii 45. I+ was found that,
although under their experimental conditions the homogeneous
recaction was faster than the heterogeneous process, the
latter occurred exclusively in the presence of the catalyst.
Furthermore, the small yield (ca. 3%) of formaldehyde from
the homogeneous reaction was completely eliminated by the
catalyst. The same catalyst was, however, much more active

in the oxidation of methanol, and high yields of formaldehyde

were obtained from these experiments, Thus formaldehyde
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cannot be formed as a surface intermediate in the o%idation
of methane over silver.

The investigation of the reaction over copper oxide
by Bransom et al.46 emphasises the importance of lattice
oxygen. In each of their experiments, a regenerated
catalyst containing both cuprous and cupric oxide was used
for the oxidation of a number of hydrocarbons, including
methane, in the absence of gaseous oxygen. Thus most of the
cupric oxide was reduced to cuprous oxide during each
experiment. The addition of oxygen reduced the reaction
rate, These workers have concluded that the reaction starts

by means of the process:

Hydrocarbon + CuO-——~)COQ + H20 + Cu20

Then, when the resulting surface layer of cuprous oxide has
built up to an appreciable thickness, the diffusion of 02~
ions through this 1ayer'to the surface becomes rate-
controlling., The adsorption of the hydrocarbons is thought
to involve their acceptance of electrons, and their increasing
ease of oxidation with increasing molecular weight is
attributed to the concurrent increase in electron affinity.

It has been noted that palladium is one of the
most active catalysts in the oxidation of methane, and that

it is rarely associated with formation of intermediate

products. Firth 47 has investigated the importance of the
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electronic properties of the metal by means of kinetic
measurements over & series of palladium/gold alloys. His
results indicate that, at temperatures exceeding 400°C, the
rate-determining step is the slow reaction of an adsorbed
intermediate formed by the reaction of methane from the gas
phase with adsorbed oxygen. Palladium-rich alloys appeared
to pe saturated with adsorbed oxygen, but on gold-rich alloys,
i.e. those containing more than 60 atom % gold, the
adsorption of oxygen was weaker and decreased in strength
with increasing gold concentration. The products did not
appear to inhibit the reaction. Over palladium—rich alloys,

the activation energy was found to be 11 keal.mole ™t

, and
over gold-rich alloys it increased in proportion to the gold
concentration, A compensation effect was observed over

gold-rich catalysts. Mezaki and Watson 48

, and Ahuja and
Mather 49, have studied the kinetics of methane oxidation
over palladium catalysts, in the temperature range 320-380°¢C,

48 also concluded that the surface reaction

Mezaki and Watson
involved gaseous methane and adsorbed oxygen. Ahuja and
Mather 49 have critised this work, and claim that the surface
reaction involves methane and oxygen both adsorbed on
similar gites, In contrast to the results of Firth's study
these later investigations both indicate that the producfs
inhibit the reaction. These apparent discrepancies may,

perhaps, however, be attributed partly to the different

experimental conditions.
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1.4.2.3. BSummary.

It has been shown that, while intermediate products
are not formed in large gquantities from the heterogeneous
oxidation of methane, those that are produced tend to be
associated with particular catalysts. It is~therefore quite
possible that the overall reaction may proceed by a number
of alternative routes, one of which involves the direct
conversion of methane to carbon dioxide, while others involve
the formation of intermediate products which may be either
desorbed or oxidised further. Over all the heterogeneous
catalysts so far investigated the routes involving the
formation of intermediates are comparatively unimportant,
and appear to be of least importance over palladium.

Since alternative mechanisms would perhaps involve
different forms of adsorbed methane, the observed overall
kinetics would be a complex function of the various processes,
It secms advisable in the first instance to determine the
kinetic features of the main reaction. The present work is
therefore concerned with the oxidation of methane over low-
areapalladium catalysts at relatively high temperatures.

As has been shown, the mechanism of the oxidation of methane
over palladium catalysts has not been clearly established,
It is therefore intended to make further investigations by

means of classical kinetic measurcements both on the oxidation
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of methane itself and on the further oxidations of possible

reaction intermediates. It is also proposed to study the

behaviour of other hydrocarbons under similar experimental

conditions,
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2.1, Apparatus.
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2. ERIMENTAL

2.1. Apparatus.

2.1.1. QGeneral description,

The apparatus, illustrated in Fig. 2.1 and Plate 1,
was used to measure the heat changes taking place during
catalytic reactions. Its essential feature was the
calorimeter, or "bead", onto which the catalyst material was
deposited. This bead, and an uncoated compensating bead,
were mounted in the reaction vessel of a static gas-handling
system. The beads were maintained at a pre-set temperature
by means of internal electrical heating, and temperature
changes taking place at the surface of the catalyst were
measured indirectly by comparing the electrical resistances

of the beads, using a double Wheatstone's Bridge circuit.

2.1.2. Detailed description.

2.1.2.1. Catalyst and compensator beads.

The design of the catalyst beads, as shown in Fig.
2.2, was based on commercial "methanometer! slements,
originally developed at the Safety in Mines Research
Establishment, Sheffield1. Zach consistcd of a bead of
alumina, in which was embedded an eleven turn, 0.005 in.
pitch coil of platinum wire (0.002 in. diameter). The

electrical resistance of these coils was between 1.0 and 1.5

ohms at room temperature. Each bead was formed by successively
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Key to Fig. 2.1.

Component. Description
1 to 20 High vacuunm stopcocks.
S Gas storage globes.
RV Reaction vessel.
Tl to 3 Traps.
C1 Ground glass joint, Btlo.
02 Ground glass joint, B.7.
BS Ball and socket jJjoints.,
A Side arm, capacity 5 ml. approx.
M Mercury manometer. _
W Water bath, fitted with 0.75Kw.

immersion heater, stirrer,
"Sunvie" temperature control
unit and 0-110°C thermometer.



(approx.)
A ;WR\ " platinum
SRS, wire
\ N
- catalyst alumina

Pig. 2.2, A ocatalyst "bead™. -
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dipping the coil into a concentrated aqueous solution of
aluminium nitrate, and heating it electrically to around
600°¢, The process was repeated eleven times to produce a
bead of approximately 1 mm. diameter. A catalyst bead was
then coated further by a similar process using an aqueous
solution of the appropriate metal salts. Further details
of the preparation of the various catalysts will be given in
section 2,2,

During a reaction, a constant fraction of the heat
change taking place at the surface of a catalyst bead was
registered as a change in the electrical resistance of the
platinun wire. It was necessary, however, to compensate
for other changes, due to variations in the thermal
conductivity and ambient temperature, by comparing the
resistances of catalyst and compensator beads maintained at
about the same temperature. The compensator beads were

uncoated, but were poisoned to prevent their playing any

chemical part in the reaction.

2.1.2.2. Reaction vessels.

The catalyst and compensator beads were mounted in
a reagtion vessel of volume ca. 80 cm3 as illustrated in
Fig.2.3. Tach was constructed from a B,34 pyrex cone and
socket, the four support wires and the capillary tube leading

to the vacuum line being mounted in the socket, and the cone



\
\
wax N
~%
nickel support L EHE
leads | ]
™
5in.
catalyst — T comparison
\__j A

le——. 51—

Fig. 2.3+ The reaotion vessel.

66



67.

being sealed off to form an envelope. The vessel was attaehe
to the vacuum system by a B,7 capillary cone and socket,

The support wires, obtained from Jencons Ltd.
(Scientific Glassware), consisted of nickel/tungsten + glass/
copper-nickel braid "electrodes". The copper-nickel braid
wires, which were coated with wagx to minimise atmospheric
corrosion, were soldered to coaxial cable leads connected to
the bridge circuit. The catalyst and compensator beads were
nounted by spot-welding their platinum leads to the nickel
support wires. Care was taken to keep the platinum leads

as short as possible,

2.1.2.3, The static gashandling system,

The vacuum system,; which wos cqngtructed of pyrex
glass, is shovn diagrammatically in Fjig.2.1l. The "dead
space' above the reaction vessel, between stopcocks 2,4,5 and
6, was made as small as possible, Furthermore, this section
was lagged with heating tape and maintained at about 70°¢
during experiments, in order to prevent the condensation of
vapours., Ag shown, the system was connected at various
points to a high vacuum line, which was maintained by a two-
stage mercury diffusion pump backed by a rotary oil pump.

Joints and stopcocks in the reaction section were
lubricated with Apiezon T, a grease which, though hard at room

temperature, was found to be both reliable and suitably £luid
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under operating conditions. A1l other taps were lubricated
with silicone high wvacuum grease. Benzene and acetone were
used for cleaning purposes: frichloroethylene, a more
satisfactory solvent, was avoided because of its drastic
inhibiting effects on catalytic oxidation reactions.

Condensable gases entering the system were
liquified in trap T2 at —18900, and were purified by
redistillation, while non-condensable gases were passed
through trap T3’ which was also maintained at -189°¢,
Vapours, such as water and methanol, were admitted to the
system from vessels attached to side arm 4, Samples of the
reaction products for gas chromatographic analysis were
collected in tube U, which could be attached either to the
vacuum line or to the gas chromatography apparatus by ball-
and-socket joints. When necessary, the calibration vessel
was attached to the vacoum line by ground glass cone C,.

The regotion vessel was maintained at a constant
temperature (+ O.5°C, neasured with a mercury-in-glass
thermometer) by means of a thermostatically controlled water

bath.

2.1.2.4. The bridge circuit.

The electrical network for the measurement and
comparison of bead resistances is shown diagrammatically in

Pig.2.4., and the specifications of the components are as



r

1]
42 R43

Ry

Fig.2.4. The oircuit for the measurement of the electrical

resistances of the catalyst and comparison beads.
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Rey to Fig., 2.4.

Components Description
Rl’ Rl’ Decade resistance box, 0.1 to

9999,9 ohm in steps of 0.7 ohm.

Rz, R3' Standard resistance, 3000 ohm
+ 1%.
Rp1,0 & 3 '
° Standard rc¢sistances, 9,00 ohn
1
By'1,2 03 x 1.
A to J Coaxial plugs and sockets,
type BNC.
H 10 turn oil filled helical
potentiometer, with dial and
lock, 1 ohm + 0-20%.
H 0.5 ohm + 5%.
W 1 ohm wire wound helical
potentiometer.
A "Avometer".

Supplementary apparatus:
Pye "Scalamp" galvanometer.
AE, I, 10 in, potentiometric recorder, model 10 M,

Solartron power unit type AS 1410,
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shown in the key. All internel connections were made with
thick copper wire and soft solder, and the system was mounted
in an aluminium box (seec Plate 1). External connections to
the galvanometer, recorder and beads, were madc with earthed
coaxial leads which were connected to the circuit by means of
type BNC .dtugs and sockets, lettered A to J in Fig.2.4.
The circuit was powered by a Solartron type AS 1410

supply unit with the following specifications:

Voltage: 0 - 30 V., variable in steps of 0,1 V,

Current: 0 - 1,1 A,, continuously variable.

Temperature coefficient: 0.01% per degree Centigrade.

Long term stablllty 0.05% in 1000 hours.

2.1.3. Calibrations.

2,1,3,1, The bridge c'ircuit (see Fig.2.l).

Resistances Ry o ang 3) Ré and R% were measured
by means of & post-office box, and were found to be within
the mekers! specifications, (see key to Fig.2.4). The
conbined resistance R4 of the parallel components R4(1 %0 4)?
and the combined resistance H' of the helical potentiometer
H and its shunt HS were measured by balancing the bridge
formed by short-circuiting W and connecting points C with D,
and 4 with E or F., (It was not necessary to disconnect
resistances R3 and R% on account of their large values).

Five separate measurements using decade-box resistances of
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between 1000 ohms and 9000 ohms gave values of R4 and H!
which were consistent to within 0,05%.

The resistances of the leads from the bridge circuit
to the beads were measured by short-circuiting the nickel
support wires inside the reaction vessel at the points where
the beads would otherwise be connected, and balancing the
two bridges Ry, Ry, Rg, R4, and R{, R4, Ré, Ri, (see section
2.3.2), The resistances of the leads to R, and R} were 0,103
and 0,106 ohms respectively.

The results of these calibrations, and the combined

limitations of the electrical components, are set out on the

simplified circuit diagram shown in Pig.2.5.

2.1.3.2., The temperature-registance characteristics of

catalyst beads.

The temperature variation of the resistances of a
number of catalyst and comparison beads betwéen 20 and 750°C
was determined by maintaining each bead at the required
temperature in a furnace and measuring the voltage drop across
it on passing a known current of between 10 and 30 mA. Sone
typical plots of resistance vs. temperature are shownvin
F'ig.2.6; the behaviour both of catalyst beads and of

comparison beads conformed to the equation:

R Ry (1 + (0.00325 + 0.00006) (T - 20) )  (2.1)

T
where RT is the resistance of the bead at TOC, and R20 is the

registance of +the bead at 20°C.
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el O/
W
1
R’
01.to ; O1 to
99999 ohm. 307103 chm- 30106 o 99999 ohm
J
R, A
]
I
A e B oc Qo 1
0338 ohm: T
3000 ohm | 30060hmn,
;, 3.000 ohm. R,
S 2701 Ohm, p
Ry
R, Ry + 0.1 ohm.
[} +
R2,R2 -lOoOOB ohm.
R3, RB' - 3 ohm.
' *
R, R, 0.003 ohm.

Fig. 2.5. The simplified cirouit diagram.
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Pig. 2.6. Some plots of elecirioal resistance against temperature

for "catalyst" and "ocomparison" beads.



5.

It should be noted that an unaveidable uncertainty
is introduced into calculations of temperature from resistance
measurements by the platinum leads from the nickel support
wires to the beads, since there is & temperature gradient
across these leads. As previously stated, the leads were
made a8 short as possible, but it was not practicable to

standardise their length.

2.1.3.4. Volume calibrations.

The volumes of reaction vessels and of the
appropriate sections of the static system were measured by
expanding some known amounts of gas from a standard volume
attached at cone 01. Measurements were made with reaction
vessel maintaiped at 2100, and were found to be consistent

to within 0.8%,

2.2, Meterials and reagents,

2.2,1, The preparation of catalysts.

Catalyst coatings were deposited on the alumina beads
as already described, by dipping in standard solutions of
individual metal salts, followed by strong heating of the
adhering material.

Where possible, solutions were prepared by
disgsolving the metal salte in water, but in some cases it was

necessary to dissolve the metal oxides in the minimum
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quantities of A,R. concentrated nitric acid and then to make
up the solutions to stendard volumes with water. Solutions
of each catalyst and support material were prepared
separately, and appropriate proportions of both were mixed to
form the solutions used for coating the beads. The
solutions used in the_preparation of various catalysts are
summarised in Table 2.1. All the chemicals used were
Johnson Matthey "Specpure" reagents, in which the '
concentrations of single impurities did not exceed 5 p.p.m.
Distilled water was purified further by means of a #"Deeminac"
model 32-6 de-ioniser, and solutions prepared in clean pyrex
apparatus were used immediately.

The catalyst coatings were deposited as follows,
Zach bead was suspended between two stainless steel artery
clips, which were connected across a 12 V accumulator via an
amneter, a variable resistance, a switch anq a l-amp fuse.
The current passed when the bead was hot (i.e. about eight
seconds after the circuit had been switched on) was adjusted
to 0.40 &, which corresponded to a temperature of approximately
700°C. With the circuit switched off, a2 drop of solution
was placed on the bead, which was then electrically heated in
air for 15 sec, This process was repeated according to the
thickness of coating required. With 0.23 M, solutions, the
process was repated six times, and the number of times the

process was repeated increased with increasing dilution of the
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Table 2.1. Solutions used in the preparation of catalysts.

Substance dissolved to form Proportions No.of

. of
Catalyst Palladium C?Eg, Support C?ﬁg. solutions coets
' used
Pd/Ce02 (NH4)2Pd014 0.460 Ce(NOa).6H20 1,843 1:1 6
Pd/szoé n n Smy,05 0.457 1:2 6
Pd/Pr6011 n n Pre0y 4 0.152 1:2 6
Pd/Uo2 n n (UOz)(NO3)2 0.185 1:10 20
.6H,0 |

Pd/Erzos " " Er203 0.0922 1:10 20
Pd/leos P4 * 0.24 T1NO4 0.183 2:5 12
Pd/Tho2 (NH4)2Pd014 0.255 Th(NO3)2 0.260 1:9, 12

in zH,0 2:8,
various
proportions ete.

* Used because of the formation of a precipitate by thallous

nitrate and ammonium chloropalladite.
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solutions., The beads were then mounted in the reaction
vessel of the static systen.

The usual procedure for activation was as follows.
A 12% methane/air mixture was admitted to the reaction
vessel at a pressure of about one atmosphere, and the bridge
circuit was switched on at a current that would heat the bead
to about 45000 in one atmosphere of pure air. The bead
temperature on admnission of the reducing mixture was increased
by the heat of reaction to an initial value of between 750
and 900°C. 4ifter one minute, the current was switched off
and the reducing mixture was replaced by dry air, in which
the bead was maintained at about 600°C for 15 sec. These
two processes werc repeated four times for 15 sec. each.

Compensator beads were poisoned so that they would
play no chenical part in the system over the temperature
ranges investigated. This was done by dipping the uncoated
bead into & boiling 1% solution of potassium hydroxide ahd

then heating it to 800°C for about 1 min.

2.262. Gases and vapours.

Methane, with a specified purity of 99.98%, was
obtained from Air ILiquide (Division Belge). It was
transferred to its storage globe from the cylinder and was
used without further purification.

Carbon monoxide and oxygen, supplied by the British
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Oxygen Company, wers purified by redistillatlon. Care was
taken on each occasion to store only a small middle fraction
of the boiling ligquid.

Air, "oxygen free" nitrogen, and hydrogen, also
supplied by the British Oxygen Company, were further purified
by being passed slowly through cold trap TB’ wnich was
surrounded by liquid nitrogen.

Water vapour was cevacuated from distilled and
deionised water, and methanol vapour was produccd from A.R.
methyl alcohol supplied by Burroughs Ltd., which was used
without further purification.

Formaldehyde vapour was generated by gently warming

paraformaldehyde. The powder was previously dried by

cautious eva.uation (via a U-tube trap ssparated from the

main vacuum system) accompanicd by very gentle warming. The
dry peraformaldchyde was stored under vacuum. When
introducing formaldehyde into the rcaction vessel, the heat
source was rcmoved from the paraformaldchyde before the vapour
was admitted to the apparatus through stopcock 5, so as to
minimisc the risk of powder being blown into the reaction

system.
2.3. Procedure,

2.3.1. Gas handling.

In sach expcriment, the manometer M, the rcaction
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vessel and the line from the storage globes, were first
evacuated to ca. 10°% mn,Hg. Gases and ges mixtures could
then be admitted to the reaction section of the apparatus from
the storage globes, Reaction mixtures were prepared in the
reaction vessel, and their compositions were determined by
means of pressure measurenments using M, For the more
accurate measurenent of small partial pressures of methane,

a nixture containing about 20% methane in oxygen was prepared
previously in one of the storage globes, Vapours of
substances normally liquid at room temperature were introduced

into the reaction vessel before the gaseous components.,

2.3.24 Electrical measurements.

Before each series of kinetic experiments, it was
necessary to measure the cold resistance of the catalyst bead,
so that the temperature variation of its resistance could be
calculated., This was done by passing a small current
(ca. 25 mA.) through the circuit and balencing the bridge
containing the catalyst bead with the aid of a Pye Spot
galvanome ter,

In each experinent, the power unit was first set to
give the required constant current, and the recorder was
connected across terminals B and C so as to measure the 'out-
of-balance potential” across the bridge network formed by R2,

Ré, R4 and Ri. Then, when the gas nixture had been prepared
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and the reaction section had been closed off, the recorder
chart motor and the bridge circuit were switched on
simulianeously, and the helical potentiometer H was quickly
adjusted so that the balance point was within the scale of

the recorder. This state of affairs was maintained by means
of further periodic adjustments of the notentiometer. At

the end of the reaction, indicated by a constant balance point,
the recorder was disconnected, and the resistances ofthe .
catalyst and compensator beads were measured by balancing

bridges R R2’ R3, R4 and R!

1’ 1’
experiment, the catalyst was degssaediby heating under vacuunm

Ré, Ré, Ri. Before each

at ca. 800°C. for 1% to 2 minutes.

2e3e34 analytiecal,

2.3.3.1¢ [The onalysis of reaction products by gas
chromatography.

Reaction mixtures were analysed by means of a
Pye Sefies 104 gas chromatograph, which used a thermal
conductivity detector, The instrument was
fitted with two 2-metre columns containing silica gel and
Linde 5A nmnolecular sieve respectively, so that either
could be used for the separation of the components of the
sample, In all measurements, the columns and the detector
were maintained at SOOC, and the flow rate of the argon

1

carrier gas was controlled at 50 ml,. min — at atmospheric
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pressure. Thé retention times and the response of the
instrument to various gases is shown in Table 2.1. All
peaks were sherp and symmetrical, so that peak heights were
proportional to concentrations. It should be noted that the
linit of detection of carbon monoxide in the presence of
appreciable quantities of .oxygen is not as low as would be
expected from the sensitivity of the instrument, because the
separation of these two components is not quite adequate,

Sanples were taken by sharing the contents of the
reaction vessel with the larger section of a previously
calibrated double "U" tube, shown in Figs. 2.7 and 2.4,
Water vapour was removed by means of trap T2, which was
loosely packed with glass wool and cooled by an ice-salt
mixture. The pressure of the sample was measured by means of
manoneter M. The tube was then removed and connected to
the carrier gas supply to the chromatograph, &s shown in PFig.
2.8. alr from the connecting arms was then swept out by
passing carrier gas through the by-pass tube. When this air
had passed through the chromatograph, the carrier gas was
diverted through the tube containing the sample, A11
analyses were carried out in duplicate.

Gas mixtures containing methanol or formaldehyde
were glso analysed on a Perkin Elmer F.1ll gas chromatograph

with a single flame-ionisation detector, fitted with a
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Table 2.2. Gas Chromatograph Calibrations.

(a) Calibrations for the thermal conductivity detector and

the silica gel column meintained at SOOC, argon carrier gas

flowing at 50 ml. min -

at 1 atmosphere pressure and room
temperature. "x" is the amount of gas, in moles, giving a

peak 1 cm. high on the chart paper.

Gas X Response time
(moles) (sec.)
Hydrogen 5.2 + 0.2 x1077 56
Oxygen 2.4 + 0.1 x107° 86
Carbon monoxide (4.0 + 0.1 x10™8 102
Methene 2.0 + 0,2 x107° 138
Carbon dioxide [5.2 + 0.4 x10~7 758

(b) Calibrations for the thermal conductivity detector and

the molecular sieve column, with conditions as in (a)

Gas X Response time
(moles) (sec.)
Hydrogen 3.3 + 0.2 %1079 96
Oxygen 5.4 + 0.2 x107° 130
Methane 6,3 + 0.1 x107° 354
Carbon monoxide |2.0 + 0,1 x107' 578

N.B. continued

PSP
v
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Table 2,2 (continued)...

(¢) Calibrations for the flame ionization detectors and

the squalane column maintained at 3000, with nitrogen

carrier gas flowing uvnder a pressure of 4.5 1b. infz.

Methane : |1 cm. peak height is equivalent to 1.72 + 0.4 x1072
mmHg in a sample of 1 ml,. The response time

was 42 sec.

Methanol: | 100 em® peak area are equivalent to 2.9 + 0,02
cm, Hg in a sample of 1 ml,. The response time

was 180 sec.
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2-metre column of squalane (15% w/w) coated on "Chromosorb PV,

The optimum operating conditions were found to be:

Hydrogen pressure: 10 1b.in"2

) to the flame
Lir pressure: 25 1b.in
Nitrogen pressure: 4.5 1b.in"2 carrier gas
Oven temperature: 3000.

Under these conditions, the methane peak was very sharp, so
that the peak height was proportional to the concentration
of methane, The methanol peak, however, exhibited
considerable "tailing", so that peak area measurements were
necessary for the estimation of this component. Retention
times and sensitivities are shown in Table 2.2,

Sanples for this instrument were taken by sharing
the contents of the reaction vessel with an evacuated volune,
fitted With.a gtopcock, connected to the main vacuum line at
Cy (see Pig: 2.1). This volume was then transferred to a
vacuurn line connected to the gas-sampling valve of the
chromatograph. This line was fitted with e manometer, so
that standard samples of 0.5 ml. at known pressures could be

introduced onto the column by means of the gas-sampling valve.

2.3.3.2, Colorimetric Analysis.

Investigations were made of the usefulness of the
chromotropic acid test 72 for detecting formaldehyde among the
reaction nroducts. This test involves the measurenment of the
intensity of the purple colour formed by adding a small

quantity of chromotropic acid solution, and then a larger
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anount of concentrated sulphuric acid, tc & small samnple of
an aqueous solution of formaldehyde. The absorption
intensity of the solution is normally measured at 570 M
However, it was confirmed that, as stated in the literature,
the smallest quantity of formaldehyde that can be detected
by this method is ca. '3 x 107° moles. Typical reaction
mixtures contained 5 x 102 moles nethane, so that
formaldghyde would only be detected at conversions of more
than 69, No previous investigations of methaone oxidation
over palladiun have reported formaldehyde formation in
anything like this quantity, and reaction mixtures were not

therefore analysed in this way.

2.343¢3 X-ray <nalysis of the catalysts,

The structures of the catalysts used were studied '
by procedures similar to the "powder difiraction pattern
method" of X-ray analysis. Since the quantity of catalyst
material in each bead was insufficient for the preparaﬁion of
a sanple in a thin-wallecd glass capillary tube, two 1ess
satisfactory nmethods of sanple preparation were used, The
first merely involved suspending the bead in the sample holder
of the ceonera by means of its platinum lead wire. It will be
noted that the sample dizmeter (ca. 1 mn.) was rather larger
than is desirab}e. In the second, a cylindrical sanple

approximately 0,5 mm x 10 mm was formed by crushing the bead,
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renoving the platinum wire snd mixing the powder with gum
tragacanth and a trace of water. Samples of palladium and
platinunm were in wire form, and samples of metal oxides
were prepared by sealing some of the pow@ered form of each
oxide in a thin-walled capillary tube (0,25 nn,internal
diameter).

Sanples were mounted in a circular "rotating
sanple’ camera of diameter 9 cm. and were photographed using
nickel screened copper—alpha radistion accelerated_across A
50 &V, (Wavelength 1.5428), Exposure times of 0.5 to 3 hr.,
with a filament current of ca. 15 ni., were used. Hicrq~
densitometer traces of some of the films were kindly made by

the Safety in Mines Research Egtablishment, Sheffield,

2.3.3.4. Electron microscopic studies of the oatalyst

surfaces.,

Hlectren micrograpns of the surfaces of catalyst
beads were kindly taken by Mr...E.B.Presland of the
Department of Chemical Engineering and Chenical Technology,
Inperial College. + was not possible to photograph the
surfaces directly because of their curvature,. Instead, a
plastic "replica' of each was made by covering the bead with
cellulose acetate, and then stripping this naterial off the
surfoce., he replica was covered with carbon by evaporation,

and in sone coses also “shadowed" with gold, and it was then
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photographed under the electron microscope at magnifications

of between 8,000 and 40,000.

2.4, The interpretation of eiperimental r.ate measurements.

The measurement of reaction rate from the out-of-
balance potential from a Wheatstone's Bridge circuit was
described in section 2,3%.2. In addition to the surface
reaction itself, a number of physical factors are involved
in producing the observed rate. The effects of these factors
must therefore be analysed so that the significance and
limitations of the measurements can be assessed.

The catalyst reached the reaction temperature within
about ten seconds of the start of each experiment.

Thereafter, electrical energy was dissipated from both
catalyst and comparison beads by convection, conduction and
radiation, while heat was evolved by the reaction at the
surface of the catalyst bead. A reaction proceeding at

x moles of methane per second evolves heat at the rate of

1 1 is the standara

x. AH.J joules sec —, where AH cal.mole”
heat of reaction under the prevailing conditions, and J is

the electrical equivalent of heat. If a fraction, £, of this,
transferred through the bead to the central platinum wire,
raises the temperature of the wire by AT degrees, the
resistance of the wire increases by an amount AR ohms,

given by:
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AR AT, dR/4T (2,2)

Neglecting the small reduction in the current through the
bead, and the consequent small increase of power dissipated
by the comparison bead, the out-of-balance potential V mV.

is proportional to AR, and thus to the rate of reaction.
Thus, if power of dh/dt watts is required to maintein the

bead at T°K, then the increment A (dh/dt) required to increase

the bead temperature by 0 is given by:
A

at daT y
Since:
L\%% =  x.f.AH.J (2.4)

we have, combining 2.2, 2.3, and 2.4, that:

AR = x.f.AH.J.(dR/dT).(d(dh/dt)/dT)_l (2;5)

Now, if the total bridge current is i A., then the current

through the catalyst bead ix is given by:

N

iy, — 1.(R3+ Ry)/ (R, + Ry + R, + Rf) (2.6)
Therefore:
Vo= 11008+ RY) .J.x.f. AH.(dR/AT)
(R, + Ry + Ry + Rj) .(d(dh/dt)/dT)_J"
(2.7)
so that:

logx = logV + constant (2.8)
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Equaﬁion (2.8) provides a basis for the caleculation of kinetic
data. However, certain factors in the constant term may vary
during the course of a reaction, and furthermore, the

reaction conditions are not strictly isothermal. Thus both
the thermal properties of catalyst beads and the effect of
temperature variations on reaction rate must be considered

in more detail.

2.4.1. The cffects on rate measurements of temperature

variations during reaction.

In most experiments, the measured initial rates
corresponded to surface temperatures which were 7 to 150
higher than the "final® reaction temperature. The effects
of these non-isothermal conditions are less marked at higher
temperatures, and in reactions with low activation energies.
For example, it may readily be shown by means of the Arrhenius
equation that the rate constant of a reaction the activation
energy of which is 11 kcal.mole_1 decreases by approximately
15% as the temperature falls by 13° from 427°C, and by about
9¢) for the corresponding temperature fall from 62700. The
effects of these variations on kinetic measurements are to
increases slightly both the order with respect to
concentration and the order with respect to time. it is
therefore necessary to correct the'experimental results for

these effects wherever practicable.
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2.4.2. The rate of dissipation of energy of chtmlgst beads,
dh/dt, as a function of temperature.

In a non-reacting system, the electrical power
required to maintain a bead at a fixed temperature, TOC, is
readily measured as a function of T and of the atmosphere
surrounding the bead. Pig.2.9 illustrates the parabolic
form of this function., It appears, (see Tables 2,3 and 2.4)
that the power required to maintain a bead =2t a constant
temperature is proportional to the pressure of the gas
surrounding the bead, and is also approximately proportional
to the thermal conductivity of the gas. Tith respect to the
experimental measurments, it is necessary to assess the
variation of dh/dt over small ranges of temperature, and also
its variation with small changes in the composition of the
surrounding atmosphere, Values of the temperature
coefficient d(dh/dt)/dT may be measured as the slopes of
curves of the type shown in Fig. 2.9, and the variation of
this qoefficient as a function of temperature is shown in
Fig.2,10. It may be noted that the coefficient increases
both with increasing temperature and with increasing thermal
conductivity of the gas. Values of the fractional increase,
v, in d(ah/at)/aT over 30° intervals at various temperatures
were found to be independent of temperature and pressure, but

to be higher in gases with higher thermal conductivities
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(see Table 2.5), Thus, for a bead cooling in oxygen or
carbon dioxide, d(dh/dt)/dT may be expected to decrease by
about 7% for each 30° fall in temperature. This variation
tends to offset the effect of temperature change during the
reaction,

The situation in a mixbture inwhich composition is
changing is less easily clarified. It may be seen from Fig.
2.10 (curves 3 te 6 ) that the variation of d(dh/dt)/dT with

composition at constant temperature is appreciable. For

example:s
a4 (dn/at) _ 0.8 & (an/dt) '
aT o0 ar ° (2.9)
4 ,750%K 3 ,750°K
a (ah/at) _ 0.64 d (dh/at) ’
a7 o, = ar 0 (2.10)
6 ,750°K 3 ,750°K

However, the differences in composition hetween mixtures

C,D etc. are very much greater than the variation in the
composition of a typical reaction mixture during an experiment.
It seems reasonable therefore to suppose that the variation

in the temperature coefficient due to the small composition

changes involved in most experimedis is negligible.

2443, The variation with temperature of the fraction, f,

of the heat of reaction transferred to the ceentre
of the bead.

The heat of reaction liberated at the catalyst

surface is dissipated partly by conduction through the bead
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Fig+2.10. Some plots of the temperature coefficient of the power

disgipation agahiat texperature in various gases.
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Table 2.3. The rate of dissipation of energy by a catalyst
bead at various temperatures in a number of
gases and gas mixtures.

Composition of

Power dissipated (watts) at

gas mixture temperatures:
Pressure| Component (s) 310°¢ | 377%¢ | 534°¢ | 691°¢ | 808°¢C
(mm.Hg) , A
90 Oxygen 0.229 | 0,394 { 0,612
181 Oxygen 0.222 | 0,400 | 0.629
402 Oxygen 0.245 | 0,415 | 0,642
524 Oxygen 0.246 | 0.427 | 0,664
139 Methane 0.178 } 0.327 | 0.609
273 Methane 0.182 } 0.340 | 0,620 !
439 Methane 0.194 | 0.348 | 0,639
549 Methane 0.199 | 0.354 0,655 _ _
120 Carbon dioxide 0.361 | 0.557 {0.731
194 Carbon dioxide 0,362 {0,591 | 0.801
85 Methane and 0.264 |0.478
105 Carbon dioxide
50  |Methane and 0.234 |0.423 [0.682
165 Carbon dioxide
53 | Oxygen and 0.211 {0,374 {0,540 | 0.813
155 Carbon dioxide
57  |Carbon dioxide, 0.234 |0.403 |0.631
281 Oxygen
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Table 2.4. Comparisons of the power dissipated by a

catalyst bead in different gases at constant

temperature and presgsure.

[ Ratio of *

Gases Temp. | Ratio of power dissipated
(OC) at pressures: Thermal
20 30 20 50 Conductivities
mm,Hg | mm.Hg : mm,Hg {mm,Hg

Oxygen : ' ’
377 0.695 | 0.695 | 0.694 | 0.693 0.77

Methane

Oxygen : ' T T ;
534 0.656 { 0.654 | 0.655 | 0,653 0.77

Methane

Carbon dioxidel 534 0,592 | 0.598 0.49

Methane

Carbon dioxide C
534 0.905 | 0.914 0.63

Oxygen

Carbon dioxidef 691 0,941 | 0.898 0.63

Oxygen '

* Oalculated from values at 25°C given in "Tables of

Physical and Chemical Constants"

13th Ed., Longmans, 1966,

G.7.C.Kaye and T.H.Laby,




Table 2.5, The fractional increase,y, in d(dh/dt)/4T

over 30° temperature intervals.

99.

Gas Partial pressures Temperature y
. range
(mm.Hg) (oC)
Methane 130 - 500 287 —- 467 0.079 + 0,008
Methane + : ;
5% + 268 237 - 467 0.080 + 0,002
Carbon dioxide
Methane + : : :
85 + 105 357 - 577 0.081 + 0,002
Carbon dioxide
Methane + ; -
50 + 165 317 - 637 10,076 + 0,002
Carbon dioxide
Carbon dioxide 120 - 190 477 - 767 0.065 + 0,005
Oxygen 90 ~ 530 387 - 707 0.063 + 0,005
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to the central platinum wire, and partly by conduction,
convection and radiation through the surrounding atmosphere.
Thus, although the direct measurement of f is not possible,
the quantity may in principle be calculated for a hollow
spherical bead by the.application of the simple physical

laws of heat transfe?. Approximate calculations_for a bead
of intermal radius 0,005 cm and external radius 0.05 cm, shows
that, as the temperature is increased from 350 to 650°¢, f
decreases from 0,57 to 0.43. Thus f might increase by about
2% during the course of a single experiment. It appears that
the remaining heat is dissipated mainly by conduction through
the surrounding atmosphere and by radiation, and that it is
the incressing importance of radiation that leads to the
decrease in f as the temperature is increased, The
calculations are likely to have underestimated the values of
f, since a proportion of the reaction may take place at pore
surfaces inside the catalyst bead, Thus the relative
importance of radiation losses has probably been overestimated,
so that the variation of f during a single experiment is
probably negligible, Over wider temperature ranges,

however? possible variations in the value of f cannot be

ignored.,
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2,4.4, Summary.

It has been possible to make only a qualitative
asgessment of the validity of the kinetic results obtained
with the present experimental systen. However, this
assessment does show clearly, firstly that the main source
of experimental error will be due to the effiet of non-
isothermal conditions on the reaction rate, and secondly that
the effects of temperature induced rate variations on the
measured bridge output are likely to be counteracted by the
concurrent variations both in 4 (dh/dt)/dT and in f. The
lack of absolute values of f as a function of temperature
make it necessary to use equation (2.,8) for the interpretation
of experimental data, rather than to substitute equation (2.7)

into integrated rate equations.
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RESULTS,
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3. RESULTS.

3.1. A general survey of the experiments performed.

The oxidation of small amounts of methane by air
or oxygen over 20% palladium/80% thoria catalysts has been
studied over the temperature range 350 - 650°C. The |
dependence of the rate of reaction on the concentrations of
the reactants and products has been determined by means of
thermal measurements made with the catalyst bead system.

The effects of possible reaction intermediates have also been
investigated in this way. A number of experiments involving
product analysis have been carried out, both to correlate
composition of the reaction mixture with reaction rate, and
to detect any products of incomplete oxidation.

The oxidations of several other low molecular
weisht hydrocarbons have been carried out over the same type
of catalyst, for comparison with the oxidation of methane.

For the purpose of assessing the effect of the
catalyst support on the catalytic properties of palladium,
the activities of palladium catalysts supported on several
different materials have been measured. Furthermore, the
activities of catalysts consisting of palladium and thoria
in various proportions have been determined, The catalysts
used in this work have been analysed by means of X-ray powder
diffraction photographs, and the pore structures of their

surfaces has been investigated by means of electron microscopy.
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3.2, The kinetics of the oxidation of methane over
20% palladium/80% thoria catalysts.

3.2.1. The dependence of the rate of reaction on the

concentration of methane.

3+2s1ele The order with respect to methane,

The order in methane, n,, has been determined by
measuring initial reaction rates as a function of the initial
concentration, [CH4]O, in gas mixtures containing 3%-25 mm,Hg
methane and 200-600 mm.Hg oxygen. Measurements were made
at various temperatures between 380 and 680°¢., Initial
rates were obtained as voltage output measurements, VO mvV,
from the electrical circuit, and values of n, were obtained
from the slopes of plots of log,, V, against log,, [CH4]0‘
Corrections for the small temperature fluctuations between
experiments nominally at the same temperature made no
signifiqant differenge to the results, which are shown in
Table 3.1 and in Pig.3.1. It appears that the order with

respect to methane is about 0.8 over a wide temperature range.

3.2.1.2, The order with respect to time.

The order with respect to time, L has been
assessed from measurcments of the gquarter-life, t1/4, the
half-life, t1/2’ and the three-quarter life, t3/4, these
values being defined (somewhat unconventionally) as the time

taken for the reaction rate to decrease from its initial



108.

value by the appropriate factor. Thus, 1f the rate

expression for the reaction is
rate = k. [CH4]n (3.1)

then the methane concentration, [CH4]1/2, corresponding to
the half-life is related to the initial methane concentration

by the equation:

[o8,)y /5 = 21/% [og, ], (3.2)
where the subscript "t" has for convenience been omitted.
Substitution of equation (3.2), and similar expressions for
the methane concentrations corresponding to the quarter-life
and threce-quurtor 1ifo, into thc intearatcd fornm of th- rato

cqu-tion (3.4, leads to the following relationships:
2(1 - 1/11) -1

(a5 (@ - 1/m) _ ty 0/t /4 (3.3)
(1 - 1/n)

4 -1

(a/3)(1 = 1/n) _ 4 s/4/%1/4 (3.4)
(1 - 1/n)

4 -1 _

o(1 = 1/n) _ = b5/t (3.5)

Equation (3.5) is readily rearranged to give:

il

ng (log 2) / (log 2 - log(c-1)) (3;6)

where ¢ = t3/4/t1/2, c# 1, ¢ # 3.
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The roots of equations (3%.3) and (3.4) may be computed* by
means of an approximation method.

Alternatively, the different reaction "lives" may be
compared for the reaction at a given temperature of mixtures
containing different amounts of methane. In these ceses,
the lifetime, tx’ is related to the initial methane

concentration by the muation:

ktX

It

constant . ([CH4]O yI-n (3;7)

Thus the apparent order may be obtained from a plot of
log,y t, against log,, [CH4]O.

Neither method can be expected to give more than
a qualitative outline of the overall reaction kinetics as a
function of the extent of reaction, because the rate
expression (3.1) cannot be applied to heterogeneous reactions.
Indeed, all methods of analysis based on integrated rate
equations are liable to give misleading results when applied
to complex reactions 73. It is, however, possible to decide
whether or not the products inhibit the reaction by
determining whether n., as obtained from equations (3.3), (3.4)
and (3.5), exceeds or is equal to n,. Thus in the present
case, values of n, between 1.0 and 2.5 may be taken %o
indicate moderate inhihition of the reaction by its products.

Larger positive values and all negative velues of nt

probably indicate much stronger product inhibition.

* Acknowledgment is due to Mr. P. Sharkey of the Department
of Mathematics at Portsmouth College of Technology, for
assistance with these calculations.
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Orders with respect to methane at various
temperatures.
Temperature Range of initial Oxygen n, Mecan

methane . pressure pressure deviation
(°0) (mm.Hg) (mm.Hg ) (%)
403 7 to 10 330 + 10 0.82 2
451 6 to 10 0.19% -

10 to 16 300 + 10 0.76% -

497 8 to 15 330 + 10 0.75 2
554 6 to 15 290 + 10 0.9 5
587 6 to 15 330 + 10 0.8 7
600 6 to 16 320 + 10 0.60 1
658 3 to 14 300 + 10 0.62 2

* See Figo 3.1,
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log1o( Initial rate)

0.9

A (lCQ‘OfCH4jo) + 1
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]

Fig.3.1. A plet of log,, (initial rate) against leg,, (initial methane

concentration) fer the exidstien ef methane at 451%C.
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Apparent values of the order with rcspect to

time (n.) obtained from run-to-run comparisons

of guarter-lives and half-lives.

Temperature Values of n, obtained from:
(°c) .
t1/4 error % t1/2 error %
451 0.25 1.3 0.35 1.3
600 1.0 3 1.0 10
658 0.45 1.0 0.47 0.9




Table 3.3.
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Values of the order with respect to time, Ny
for the oxidation of methane, obtained by
comparing the half, one-quarter and three-
guarter lives of each reaction.
Temperature Initial methane Values of ny obtained from
(°c) pressure
t., 0/t to s/t
(. He) 1/2 %1/4 3/47°1/2
451 6.2 6.9
Tal 2.9
8.7 1,7
906 -ve
12.7 ~-ve
15.5 1.1 *
534‘ 901 =-ve 1'3
9.4 1.6 1.4
3.6 1.3 1.0
12.6 1.0 1.0
600 5.8 -ve 1.4
T7 1.0 1.6
10.0 1.0 1.0
12.6 1.1 *
15.7 1.2 1.3
658 3.3 1.1 1.0
4.9 1,9 1.3
5.7 1.7 1.3
10.6 1.2 1.2
15.0 1.0 1.5

%

unobtoinable
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Fig. 3.2. Flots of log,, (rate) against time for 0.6 and

1.5 order reactions with half lives of 200 gec.



Curve| Initial mixture composition Temperature
no. ! (mm.Hg) (°C.)
Methanz oxygen
1 15.7 320 590
2 10-0 320 590
3 15-5 330 430
4 6.2 330 430
Rate (rmv.)

114

\ (1)
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B~ .
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(3)
3 (4) _
—
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6 IO 1%0 1810 2140 3?0

Fig. 3.3. Some typioal plots of 10310 (rate) against time

for the oxidation of methane.
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The run to run comparisons give apparent orders
with respect to time that are much lower than the order with
respect to concentration, particularly at lower temperatures
(see Table 3.2). The measurements on individual runs show,
however, that, in methene oxidation, the order with respect
to time was almost invariably greater than one. This may
be seen by comparing the hypothetical curves‘of "1og10 (rgte).
against time" for reactions with orders of 0.6, 1.0 and 1.5
(Fig.3.2) with some typical plots obtained in methane
oxidation experiments, (Fig.3.3). Values of n, in these
experiments have been calculated from eQuations (3.3), (3.4)
and (3.5), and a selection of these is presented in Table 3.3.
It may be noted that n, exceeds n, over the whole range of
temperature, but that n, decreases as the temperature is

raised.

3.2.1.3. Catalyst poisoning.

The necessity to de-gas the catalyst at ca. 800°¢C
under vacuum between experiments in order to obtain
consistent results has already been mentioned (see Section
2.3.2). The process was carried out for ca. 90 sec. each
time; more vigorous conditions were liable to result in the
failure of the resistance wire in the bead. It was usually
found, however, that the activity of the catalyst was not

completely restored by this process. Most of the catalysts
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used in this experimental work were deactivated by about 2%
per run. There were, however, a number of appreciable
variations on either side of this figure, the cause for which
was not apparent. The rate at which the catalyst was
deactivated was strongly influenced by the contents of
reaction mixtures. For example, the presence of small
quahtities of water vapour considerably increased the rate of
deactivation (see below, Section 3.2.6) while the oxidation
of methanol together with methane prgvented deactivation
completely (see below, Section 3.2.7.1). These effects are

described in more detail in the appropriate sections.

3e2e2e The dependence of the rate of reaction on the

concentration of oxygen and on the total pressure.

Since, in all experiments, the reaction mixtures
contained oxygen in considerable excess, the dependence of
the rate of reaction on the concentration of oxygen was not
directly observable from the kinetic measurements. Thus the
experimental rate constant, k, in equation (3.1), is related

to the true rate constant, ktr’ by thec equation:
_ X

where x and y are the experimental reaction orders in oxygen
and the total pressure, P. (It should be noted that this
formulation is over-simplified for a heterogeneous reaction,
and that the orders in methane and in oxygen may not be

independent),
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Two series of experiments were carried out. One
involved reactant mixtures containing a fixed pressure of
methane (ca. 10 mm.Hg) and pressures of oxXygen varying betwéen
150 and 650 mm,Hg, while the other involved mixtures
containing a constant ratio of methane and oxygen, at total
pressures of between 100 and 650 mm.Hg. Experiments wcre
carried out at between 517 and 600°C. Values of n, were
calculated for individual experiments (Table 3.4), and values
of x or of (x+y) were obtained from plots of log,q k against
1og1O [02], (Table 3.5). Due to the considerable run-to-run
variqtions in the overall order of reaction, an average order
of 1.5 was assumed for the calculation of values of k from
half-life measurements.

If values of n, are taken as an indication of
the importance of product inhibition, then the results
presented in Table 3.4 show firstly that the inhibition is
not affected by the concentration of oxygen (see results at
555°C) and secondly, that the inhihition increases as the
initial concentration qf methane is decreased (see results
at 517°C and at 600°C). The values of x and (x+y) in Table
3.5 indicate that the kinetics with respect to oxygen vary
little over the range 517-587°C, and that the total pressure,
as varied by the addition of an inert gas, has no appreciable

effect on the kinetics.
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Table 3.4. Orders with respect to time in experiments

to determine the reaction kinetics in

oxygen and total pressure.

Reaction conditions Init%;i.§§§ssures Values of n, frog

Me thane Oxygen tl/yl té/t_l

2 7 f 7
Variable methane 1.1 401 3.7 2.7
and oxygen; prescure 7.0 223 2:6 176
made up to 430410 7.4 536 1.7 2.1
mnm,Hg with nitrogen. 5.8 396 2,3 3,1
Temperaturc: 600°C 7.7 332 1.0 1.6
10,0 326 1.0 1:0
15.7 327 1.1 1.3
Reaction mixtgres 191 3:3 1.1
containing 12,6+ 5 195 1.6 1.6
mm,.Hg methane and 489 1f2 1.8
various amounts of 488 1.0 1.8
oxygen (no nitrogen) 340 1.4 1,6
Temperature: 555°C 590 1.2 1.5

N.B., continued...



Table 3.4 (continued) ....
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Reaction conditions

Initial pressures

Values of n_t from

(mm.Hg )
Methane | Oxygen tl/tl t3/t1
2 4 4 2

Reaction mixtures 3.9 186 -ve 2.2
containing methane 631 297 236 2.4
and oxygen in the 8.4 388 3.5 242
ratio 0,0216+0.0015 10.6 491 ~ve -
21, at va?ious total 12.8 591 3.2 2.0
pressures.
Temperature: 587°¢.
Reaction mixtures 2.2 106 ~ve 9?6
containing mecthane 2.7 128 -ve 3.3
and oxygen in the 4.1 189 -ve 3.1 - 4.1
ratio ‘ 4.6 219 -ve 2.7 - 4.4
0.0214+0.,0005 : 1 5.6 265 =ve 2,6 - 3.0
at various total 6.3 297 1.5=2.7 1.4(0)
pressures. |
Temperature: 517°C.




Table 3.5
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Orders of recaction in oxygen, and in
total pressure.
Temperature Conditions Order in Order in oxygen
e} +
(7¢) oxygen order in total
pressure
600 Constant total ~0.14+0.09 -
pressure (P) and
initial pressure
of methane.
555 Constant initial - 0.14+0.05
pressure of methane
P=(pCH4+ Po,, )initial
587 Constant ratio -~ 0.8+0,2
of initial methane
and oxygen pressures
517 Constant ratio of 0.9+0.2

initial methane and

oXygen pressures
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3.2.3. The dependence of rate on temperature.

The oxidation of 5-15 mm.Hg of methane in mixtures
containing 200-400 mm.Hg of oxygen proceeds at a conveniently
measurable rate over palladium bead catalysts at temperatures
greater than ca. 380°C, Two methods have been used for
calculating the overall activation energy, both of which use
rate measurements obtained for mixtures of fixed composition.
The first involves calculating rate constants from the
"average slope'" of loglo rate against time plots, assuming
first order kinetics. The second involves measuring the
half life of the reaction, as defined in 3.2.1.2, at various
temperatures. The first method, applied to a large set of
results, procduced an activation energy of 11 + 2 kcal.mole—l.
The second, applied to several scts of results, produced a
wider scatter, with most values in the range 4-10 kcal.mole_l.
The greater importance of product inhibition at lower
temperatures has the effect of reducing the reaction rate
more rapidly in the early stages of the reaction, so that
half lives at low temperatures obtained from rate measurements
are misleadingly short. Thus the value of 11 kcal,mole~1
for the Qverall activation energy is probably the more
reliable.

As the temperature is increased above ca. 650°C the

observed reaction rate decreases rapidly, and at ca. 75000, the
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surface process apparently becomes endothermic; that is to

13
say, negative rate - time curves are obtained (see Tig. 3.X8).

34244, The correlation of the experimental rate mecasurements
with the analysis of the reaction products.

These measurements were made in order to check the
validity of the overall kinetic results obtained, and to
detect possible reaction intermediates. Rether than using
a flow system to produce relgtively large quantities of
products, mixtures from the static system were sampled in
order to maintain comparability between the rate measurements
and the analytical determinations.

Two series of experiments werc carried out with
methane-oxygrn mixtures using the silica gel column for
separation, and a third series was performed using the
molecular sieve column for the more clear cut detection of
carbon monoxide (see Table 2.2, Section 2.3.3.1). Each
series consisted of a number of runs in which gas mixtures
of a constant composition were allowed to react at a fixed
temperature for various times between 15 sec, and 90 min,

At the end of each run, the equilibrium was "frozen'" by
switching off the bridgce current and the products werc
analysed as previously described. The first and last runs in
each series were taken to completion so that composition and

ratec measurements could be compared and the progressive
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deactivation of the catalyst could be assessed.

One result common to all serices was that about 5%
of the initial concentration of methane was 1eft unoxidised
the the end of each Y"complete" reaction, i.e. when the
measured reaction rate was zero. This indicated that the
bead was temporarily deactivated by the reaction itself,
and/or that the methane from the "dead space" was diffusing
only very slowly into the reaction vessel. That both effects
were probably operating is shown firstly by the necessity
to de-gas the catalyst between runs, and secondly by the
consistent discrepancy between the duplicate samples taken
from each reaction mixture; the first sample was generally
slightly richer in methane than the second. Accordingly,
average values were taken for the analysis of each run, and
corrections were made for the amount of reaction mixture
contained in the "dead space'.

A second result is that no formation of hydrogen
or carbon monoxide was observed. The 1owe? limits of
detection (Table 2.1) correspond to about 1.1 x 1077 moles
of hydrogen and 1.1 X 10_6 moles of carbon monoxide in a
reaction mixture. Typical reaction mixtures contained
5x 10—5 moles of methane, so that carbon monoxide cannot
exceed 2% and hydrogen cannot exceed 0.4% of the initial
quantity of methane.

Measurements of reaction rate have been compared
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with those of product analysis by plotting on the same axis:

Rate at time %

Initial rate vs. T

and

Methane concentration at time t

Initial methane concentration VS .

In both cases (sce Pigs. 3.4 and 3.5) the rate decreased more

rapidly than the concentration of methane, thus indicating, in
agreement with the rate measurements, thgt the reaction order

with respect to time is greater than one.

34245, The effect of added carbon dioxide on the rate
of oxidation of methane.

It has been established that the overall order with
respect to time exceeds the order with respect to methane.
This indicates that the reaction is being inhibited by at
least one of the products, or perhaps by an intermediate
whose presence was not detected. Measurements were therefore
made of the cffects of several additives on reaction rates.

In the experiments involving added carbon dioxide,
the dependence of the reaction rate on the amount added was
measured for mixtures containing 6-16 mm.Hg of methane,
200-400 mm.Hg of oxygen and 10-350 mm.Hg of carbon dioxide,
at temperatures between 450 and 660°C, but mainly at around
590°¢C. Some product analysis measuremenss were carried out
on the veriation of rate with concentration, and in order

to detect carbon monoxide and hydrogen, In this latter
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(1) Rate!/ Initial rate

(2) Methane cencentration / initial methane concentration
1.0

Time (sec.)

1%0 2100 3?0 4?0 5?0 6?0 7100

Fig.3.4. A comparison of rate measurements with product analysis

for methane oxidation at 59o°c.
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(1) Rate/ Initial rate
(2) Methane concentration / Initial methane concentration -

~—

Time (sec)
190 200 300 40 500 600 700

Pig.3.5. A comparison of rate measurements with product analysis

for methane oxidation at 554°c.
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connection, a few experiments were performed in which methane
was allowed to react with carbon dioxide in the absence of

oxXygen. The results were as follows.

(a) Rate measurements at 587 + 6°¢, *

It was shown, by carrying out periodic check runs
involving the reaction of mixtures of methane and oxygen
only, that the presence of large amounts of carbon Qioxide
does not cause additional poisoning of thg catalyst.
Furthermore, the addition of up to 100 mm.Hg of carbon
dioxide to reactiqn mnixtures had no measurable effect on the
reaction kinetics. However, larger pressures (100-200 mm.
Hg) reduced the initial rate of reaction and altered its
overall kinectics: the overall order with respect to time

increased, By plotting:

(Initial rate)
0.8
(lew, 1))

it was found that the spparent order with respect to carbon

log,, Vs, log, g [00210

dioxide at partial pressures of 100-350 mm.Hg was
approximately -0.3 (see Fig.3.6). It should be noted that
the graph indicates that the influence of carbon dioxide
cannot be expressed in terms of any fixed order, and also
that the inhibiting effect shown may be exaggerated by the

increasing thermal conductivity of the reaction mixture as

* The uncertainty in the final reaction temperatures is due to
the differences between the thermal conductivities of the gas
mixtures, which made it difficult to adjust the power supply
correctly for each experiment.
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the partial pressure of carbon dioiide is increased.

The reaction of some mixtures containing 200-230
mm,Hg of carbon dioxide showed unusual kinetic behaviour.
The reaction rate decrecased rapidly over the first few
minutes, and then suddenly increased quite sharply,
- subsequently decreasing only very slowly until the reaction
was complete (sece Fig.3.7). The precise experimental
conditions required to produce this unusual behaviour were not
obtained., The presence of still larger amounts (300-350 mm.
Hg) of carbon dioxide was found to inhibit the reaction
considerably, and in these conditions the bridge output became

unstable about two minutes after the start of a reaction.

(b) Ratc measurements at 654 + 3°C,

) Measurements at this temperature, summarised in
Table 3.6, indicate that the presence of excess carbon dioxide
causes appreciable poisoning which may be partially reversed
by more prolonged de-—gassing (compare initial rates and half-

lives for experiments 1, 7 and 8).

(c) Rate measurements at 450 + 3°¢0,

Adéditions of up to 200 mm.Hg of carbon dioxide to
mixturcs containing 6.6 mm.Hg of methane and 320 mm.Hg of
oxygen made little difference to the observed initial rates of

reaction, but caused the rate to decrease more rapidly as the
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reaction proceedcd. The presence of larger amounts of

carbon dioxide caused almost complete inhibition.

(d) Product analysis measurements.

These measurcments were made at intermediate
temperatures, The products of one series of experiments at
510°C were analysed using the molecular sieve column, and
those of another series at 494°C were analysed using a silica
gel column. Reaction mixtures contained 4.0 - 5.4 x 1072
moles of methane, 0.6 ~ 1.3 x 107 moles of carbon dioxide
and 0.8 - 1.4 x 1072 moles of oxygen.

No hydrogen was detected among the reaction
products. With the molecular sieve column, however, small
carbon monoxide peaks were obtained, indicting the formation
of appreciable amounts of this product. Both sets of
results (see Tables 3.7 and 3.8) show that the presence of
large amounts of carbon dioxide prevents the coﬁversion of
methane approaching completion.

The products of the reaction of mixtures of methane
and carbon dioxide, in the absence of oxygen, were also
analysed, and found to contain quite large amounts of hydrogen,

and, in some cases, small quantities of carbon monoxide (see

Tables 3.9 and 3.8).
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The dependence of the initial rate of methans oxidation on

the initial partial pressure of carbon dioxide at 587°C.
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Table 3.6, The effects of carbon dioxide at 654°C.
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Run | Partial pressures(mm;Hg) of: | (Initial rate) t1 (sec.)
no. - - . ( [CH4]O)O‘8 =
4 2 2

1 6;2 - 328- 13;0 106

2 6;5 151 327 11;6 135

3 6.3 258 322 10;8 104

4 6.3 258 315 11;0 106

5 6;4 211 324 9;4 o1

6 6.5 - 322 9;0 128

7 6;5 - 329 9;8 122
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Table 3,7. Product analysis measurements on the reaction

of methane-oxygen-carbon dioxide mixtures

at 510°C.
Run |[Initial mixture composition Analysis tength of ta
no. (noles). (moles) run 2
CH,x10° | C0,x10° | 0,x10° |cH,x10° | co x107| (8ec.) | (sec.)
1 5.4 1.06 1.40 2,2 14 5400 ~
2 5.7 1;04 1.38 0.9 3.6 infinity [360+30
3 4,0 0;87 0.95 1.2 2.3 i 360+30
4 4,0 1.30 0.97 4.0 3;2 360 ~
5 1.2 1;24 0.99 3.0 ~ 720 -
6 4,1 0;64 0;99 0.6 2.7 infinity 400450
7 4.0 0.71 0.94 0.4 1.4 u 41745
8 4.2 0;87 0;83 2.0 0;97 180 -
check| 4.2 0;98 1;08 4.2 - 0 -




Table 3.8,
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Product analysis measurements on the reaction
of methane — carbon diloxide - oxygen mixtures
at 494°¢.
Run | Initial mixture composition Analysis Length of run
no. (moles) (moles) sec, ).
CH,x10° | 00,x10° |0,%10°  |cH,x10” | Hyx10°
1 5;3 8;5 9.9 3.3 - "infinity"
2 5.4 8.9 10.1 1;3 0;03* 242
3 5.2 8.8 10.8 3.0 0:02* 600
4 5.4 8;8 10.0 5;0 0;04* 120
5 12;9 10;5 - 1241 50+10 "infinity"
Carbon monoxide was not detected.
*¥ These quantities are probably due to_traces of hydrogen

present in some initial gas mixtures.
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Table 3.,9. Product analysis measurements on the reaction

of methane - carbon dioxide mixtures at 59700.

Run Initial mixture comp.' Analysis Length
no. (moles x105) (noles x105) (moles x107) r&i

CH, co, 0, CH, CO, co H, (sec.)

1 5.5 - 141 0.45 5.0 ~ 0.2 infinity
2 18.8 18.6 - 19+1 19+1 1.1 153 600
3 18,4 51.1 - missed | 50+2 1.2 | 25 600
4 40,3 1G.3 - 40+2 |missed - 8 1800

N.B. Reaction mixtures were found to contain up to 5 xlO"7

moles of hydrogen as impurity.
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3.2.,6, The effect of added water vapour on the rate
of oxidation of methane.

Experiments to determine the dependence of reaction
rate on the amount of added water vapour were carried out at
480 and 547°C. In addition, one series of product analysis
measurements was carried out at ca. 582°C. Reaction
mixtures contained 8.2 - 8.8 mm.Hg of methane, 285 + 11 mm.Hg
of oxygen and up to 70 mm.Hg of water wvapour.

In contrast to the small inhibiting effect of
carbon dioxide, water vapour was found to reduce the rate of
methane oxidation considerably. Thus at 480°¢C, the
presence in the initial reaction mixture of 20 ma,Hg of
water vapour was almost sufficient to stop the reaction
completely, and no quantitative measurements were obtainable
at this temperature. Some comparable rate~time curves for
the reaction at 547°C both in the presence and absence of
added water vapour, are shown in Fig.3.8. Since it is
probably impossible to assign a fixed order with respect to
water vapour, the magnitude of the inhibiting effect is bhest
expressed as the fractional reduction in initial rate of
reaction. Values of this quantity, corresponding to various
initial'partial pressures of wgter vapour are presented in
Table 3.10.

The poisoning effect of the presence of water

vapour mey be estimated by comparing the initial rates and
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overall orders of "check runs", using mixtures not containing
water vapour (see Table 3,11), It appears that water
vapour greatly increases the rate at which the catalyst
becomes deactivated. Furthermore, the overall order of
methane oxidation increases as deactivation of the catalyst
progresses. There is some indication that more prolonged
degassing between experiments restores the activity of the
catalyst to a slight extent (compare experiments 5 and 6).
One series of product analysis measurements was
carried out at 582°C using a silica gel column. Also,
mixtures containing only methane and water vapour were
allowed to react completely at 46000, and the products were
analysed in the same way. Neither hydrogen nor carbon
monoxide were detected in mixtures containing oxygen, and the
rate vs. time curves obtained in these experiments confirmed
the inhibiting and poisoning effects of water vapour.
However, both carbon monoxide and hydrogen were obtained
from the reaction at‘the lower tempercture of mixtures
containing no oxygen. For example, a mixture containing
11,1 x 10'.5 moles of methane and 11,9 x 10“5 moles of water
vapour yielded 1.3 x 102 moles of carbon dioxide, 1.8 x 1072
moles of hydrogen and 8 x 10_7 moles of carbon monoxide.
It is clear thcrefore that water and methane may interact at

the surface of palladium catalysts to produce partial
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The % reduction in the initial rate

caused by the presence of water vapour.

(Reaction mixtures containing 8 mm,Hg of

methane and 285 mm.Hg of oxygen).

Pressure of Reduction in |
water vapour initial rate
(mm.Hg) (%)
28 34
|
69 42
|
!
75 ; 50
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Table 3.11, Catalyst poisoning due to the presence of

water vavour: half-lives, initial rates and

orders with respect to time for check runs.

Run ; Initial mixture comp. n % : ty ;Initial Poisoning***
! ' 2 ! e
NO'; 285+5 mm,Hg Oxygen,& ¥ ; grate,V per run
ot e - o e ceomad | i *¥*
CH, § H,0 i I(sec)i (mV) | (%)
! : 1 H ;
(n.Bg) | (memg)
1 8.5 . - 1.0 1 180 ' 29,5
L | : . 247
; , . '
3,4 8.4 ; 28 P- | ; 10.0
| ! i ’
5 | 8.5 0 - 1.0 ; 249 | 20.2 |
6 8.4 L - 231 z 21.7 |
| o |
7,8 i 805 ! 76 | - | ! 7-0
i : ; 4 : |
; ; - 1.0 ¢ 160 | 16,5 .

* Calculated from t1/2/t1/4

¥¥* Corrected for the cffect of temperature on rate

X% . . _ -
* POlSOHlng = V(l) V(2)

x 100
V(1)

v -V
(2) ~ () 10
(2)

(corrections made for varying initial partial pressures of
methane.)

or

1
3
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oxidation products of methane in the absence of oxygen, but
that formation of such products is very slow in comparison

with their further oxidation.

Z3eCals The effects of added intermediates on the rate
of oxidation of methane.

The purpose of these experiments was to see whether
the addition of substances which could conceivably be formed
as intermediates during the catalytic oxidation of methane
have any effect on the rate of reaction. It was anticipated
that the two fuels might either be oxidised independently,
or that they might compete for the available catalyst surface,
or that thc presence of appreciable quantities of an
intermedicte might facilitate the oxidation of methane. of
the various possible C1 products, methanol, carbon monoxide

and formaldehyde were chosen for these experiments,

3.247e1. The concurrent oxidations of mcthane and methanol.

Meésurements were made of the rates of oxidation
of methane and methanol, both separately and togethey, at 410,
554 and 722°C. Reaction mixtures contained 5-15 mm.Hg of
methane, 4 - 20 mm.Hg of methanol and ca. 300 mm.Hg of oxygen.
Product analysis measurements were also carricd out at 196°C.
uging both the silica gel column/katharometer detector system
and the squa;ane column/flame ionisation detector system

(Section 2.3.3.1). The results were as follows.
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(a) Rate measurements at 410°C.

Methanol was found to be oxidised fairly rapidly at
this temperature, while the rate of oxidation of methane was
only Jjust measurable over the catalyst used. The rate~time
curves for methanol oxidation were rather irregular, Fig.3.9,
suggesting that the reaction proceeds via an intermediate
formed in appreciable quantities. Exemples of the rate~time
curves fqr the concurrent oxidation experiments are shown in
Fig.3.10. It appears that the rates of concurrent oxidations
are appreciably higher than would be expectced from the
measured rates of the separate oxidations of methane and
methanol, The "kink" in the rate-time curve for methanol
oxidation is accentvated by the presence of methane,

However, quantitative comparisons are not possible between

these two sets of rate-time curves.

(b) Rate measurements at 554°C.

Both methane and methanol are‘oxidised rapidly and
smoothly at this temperature (see Fig.3.11), but methanol
oxidation is by far the faster process. Some kinetic
measurements of methanol oxidatidn were made at 517, 554, and
587°C, and the results are given in Table 3.12 (orders with
respect to methanol) and 3.13 (orders with rcspect to time).
It may be noted from these that the kinetics of methanol

oxidation are similar to those of methane oxidation, except
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Eu _Initial mixture composition (mmHg)
B no- Methanol Oxgg(en Methane
1 10-5 332 —
2 Q.5 351 —
-20 3 -— 338 }.2
18
Rate (mV)
-16
~74
12
—-10
-8
~6
4
(3 | Time (min)
2 4 - 6 8 10 12
] ] L ) 4 1 1

Fig. 3.9. Same plots of rate sgainst time for

the oxidation cf methanol at 410°¢C.
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“Rate (mV.)
lCur\Jlnitiul mixture composition (mm. Hg)
no-| Methane Meth anol Oxygen
1 ®.4 9.7 324

186.7 344

5.9

Time (minJ)

12

Fig. 3.10. Some plots of rate against time for the conourrent

oxidation of methane and methanol at 41o°c.
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Curve| Initial mixture composition (mm. Hg)
no. | Methane Me thanol Oxygen
1 8.6 -— 297
2 — 14.0 276
3 —_— 6.5 295
4 14 .2 — 299

Time {(min)

9

Fig. 3.11. Some plots of rate against time for the separate

oxidations of methane and methanol at 5s4°c.




144

Initial mixture composition (mm.Hg)
Methane Methanol Oxygen .

9.4 6-8 298
83-0 61 291

\

Time {min)

i i ® i 3 U N ¢

Fig. 3.12. Some plots of rate against time for the concurrent

oridation of methane and methanol at 554°C.
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Table 3.12, The kinetics of methanol oxidation:

orders with respect to methanol.

(Initial mixtures contained ca. 300 mm.Hg

oxygen and various amounts of methanol)

Temperature Orders with respect to Range of partial
(°c) methanol pressures of

methanol (mm,Hg)

517 0.73 + 0.01 4 - 19
554 0.90 + 0.02 6 - 14

587 0.8 4 - 19

1+
o
KN




Table 3,13,
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The kinetics of methanol oxidation:

orders with respect to time.

Temperature |Partial pressure Ty Orders with respect to
1 h
(°c) of methanol time
(mm,Hg) (sec) tl/z/t1/4 t3/4/t1/2

517 4,2 62 1.0 2,

517 734 70 3.2 1.4
517 10,2 85 1.2 1,5
517 11.0 87 ~-Ve 1.1
554 6.5 108 1,8 O:9
554 114.0 172 1.8 1.4
587 4.5 52 -ve 1.8
587 8.1 68 -ve 1,2
587 12,7 85 4.1 1.1
587 18.4 104 1.3 1.1
722 10.1 123 1.4 0.8
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that product inhibition is much less marked in the former
process., The activation energy for m;thanol_oxidation over
the renge 517-587°C was 3.7 + 0.5 kcal.mole r,

Some of the rate vs. time curves obtained from
concurrent oxidation experiments at this temperature are
shovn in Fig.3.12. These curves were sufficiently smooth
for initial rate measurements to be obtained, by the backward
extrapolation of plots of 1og10V against t, for comparison with
the initial rates of "separate" oxidations. Calculations
were made on thc basis of orders of 0.8 with respect to both
methane and methapol, and activation energies of 11 kecal.
mole™t and 4 kcal.mole ™t for the respective oxidation
processes, Fach calculation was madc as follows.,

If Xq mm,Hg of methane are oxidised at an initial
rate corresponding to Pl (mV) then the expected
contribution, P1; of methane oxidation to the initigl rate
measurement for a reaction mixture containing 71 mm,Hg of
this fuel is given by:

8

Pt o= By (yy/x)% (3.9)

If the corresponding values for methanol are P2, PQ', Yo and

Xop s then the total initial rate, R, which would be expected

if the two oxidations proceeded indepcendently is given by:

R = P1’ +. P2' .
Pl(yl/xl)o‘S + Pg(Yz/Xg)O.B (3,10)
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R, Pl and P2 have to be corrected to the same temperature;
in other words, account has to be taken both of the increase
in the temperature duec to the reaction at the catalyst surface,
and of the small differences in the temperatures of the
catalyst at the end of different experiments. In each case
this is done by substituting into the Arrhenius equation the
difference between the temperature at which the initial rate
has heen measured and the arbitrarily chosen final
temperature T, This difference, !!D, is given by:

a4 + R/10° 1

T = , (3.11)
{ e

where d is the difference between the final resistance of the
bead and the resistance corresponding to a temperature of T,
i is the current through the bead, and Ro and o are the cold
resistance and the temperature coefficient of the bead
regpectively,

The comparisons of the initial rates of "concur;ent"
and "separate' oxidation experiments are shown in Table 3.14.
These show that the oxidations of methane and methanol on the
same catalyst do not in any way inhibit each other, and there
is a strong indication (e.g. Tesult (2)) that a cooperative
effecet is involved. This'effect is not as large as it
appears to be at lower temperatures (see above). In
interpreting the ceffect, the possibility must be borne in mind

that the observed bechaviour is due to differences betwesen the
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Table 3,14, Comparisons of the calculated and measured

values of the initial rates in the

concurrent oxidation of methane and

methanol at 554°C.

Run Initial mixture composition
no. (mm,Hg) R(obs.) R(calc)*
CHBOH CH4 O2
1 6.8 9.4 29444 53.0¢1.0 | 51.9+4
2 6.1 8.0 294+4 53.0+1.0 46,8+4
3 4.2 14 .4 294+4 53.0%1.0 49,743

¥ The uncertainty in calculeted values of R includes
possible errors both in the gas mixture composition

and in the calculations.




Table 3.15.

The absence of catalyst poisoning during

150-

methanol oxidation experiments: the kinetics

of methane oxidation before

and after the

series of methanol oxidation runs.

Run Initial mixture composition Initial rate ta1
no, (., Hg) =
CH, 0, (V) (sec.)
1 8.7 289 16.6 213
26 8.3 332 16.1 207




Rate (mV) 151

Cu Initial mixture composition (Mm. HY)
no. Methanol Methane Oxygen
1 101 — 302
2 8.3 39 334
3 103 8.7 340
4 6.7 8.3 332
R 5 —_ 8.4 334

Time (min-)

Fig.3.13. Some plots of rate agalnast time for the oxidation of

methane and methanol at 722%,
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thermal conductivities of the gas mixtures.

It will be noted that the progressive poisoning of
the catalyst (see above, 3.2.1.3), has not been allowed for
in these comparisons. This is because mcthane oxidation
experiments carried out at intervals during the series showed,
within the limits of experimental error, that no
deactivation occurred, The kinetics of the first and last
methane oxidation runs, between which some 24 other runs

were carried out, arc compared in Table 3,15,

(c) Rate measurements at 722°C.

The oxidation of methanol proceeded very rapidly at
this temperature, but, as found previously (3.2.3), the
oxidation of methane was accompanied by a relative cooling
of the catalyst bead (see Fig. 3.13). No reaction orders
were determined at this temperature. The rate-time curves
for concurrent oxidation experiments (Fig. 3.1 ) indicate
that the two surface processes take place indepcndently, but
quantitative comparisons of the rates of "separate! and

Yconcurrent'" reactions are not possible.

(d) Product analysis mcasurements,

A serics of experiments was carried out at u96°C.
in which reaction mixtures of approximately constant
composition were allowed to react for various lengths of time,

and then analysed by gas chromatography (2.3;3.1).
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The results are presented in Table 3.16. These show that,
while methanol is reacting extremely rapidly until over 95%
has been oxidised, the oxidation of methane proceeds much
more slowly, and stops with at least 10% of the methane
unchanged, No carbon monoxide or hydrogen were detected in
the reaction products. In some analyses, two unidentified
carbon-containing products, denoted I and II, were detected
in small quantities, appearing between methane and methanol
in the separation. Neither could have been formaldehyde,
since the squalane column used for separation would not allow
this compound to pass. Both products are probably
intermediates in the catalytic oxidation of methanol, whose
Tormation was suspected in view of the irregular rate-time
curves for methanol oxidation obtained at low temperatures,
The results indicate that vi=2lds of intormediate IT, whickh was
formed before intermediate I, were increased by the presence

of methane.

340272 The concurrcent oxidations of methane and

carbon monoxide.

A series of rate measurements was coarried out at
557°C and some product analysis measurements were made at
521°¢C. |

At 557OQ, the order with respect to carbon monoxide

was found to be 0.75 + 0.1. Orders with respcct to time,
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Product anelysis measurements for the concurrent

oxidation of methane and methanol at 496°C.

Run | Length of |Initial mixture Analysis
rio. | run. comp. (moles) (moles) )
(sec.) CH;OH | CH, |0, CH, | CO, | 0O, CH30Hpébk dak
x10° | x10° | x10° [x10° |x10° | x10%| x10°| T | IT
1 "infinity¥| 4.3 | 6.0 (1,06 | 1.2 8.6 {9.,3 | 0.28 -~ -
F.l | +.6 | +.2 | +.,01
2 600 4.2 | 5.4 (1,02 2.848.,3|9.6 | 0.5} - -
» +.04 +06 | +.2 | +.1
3 360 4,3 5.8 1.01 2.99 7.7 { 9.45) 0.74} 1.3 2.1
' » +.07 +.4 i.QS ifoz i15 +a3
4 240 5.2 4.7 1,12 3.5 6,0 10.2] 1.12 3,0} 7.8
_ .l | xe2 4.1 | +.09] +.9( +.3
5 150 a2 5.3 0.99 4,13 5.4 1 9.5 1.,16] 3.0 16
+.03 +.2 | +.2 | +.16 t.1
6 90 4.4 5.4 1.00 3.814.719.7 2,06f 3.5| 12.8
iol iol io3 _'_*'_.03 iozlr i-8
7 60 4.2 5.5 0.98 4,71 2.2} 9.5 1.9 1.8| 4.3
Fo3 ] 42 | 143 | +u4 +.9
8 42 4 563 0.98 4,91 1.5 9.6 2.7 2.6 18
_ ‘ +.2 | +o1 | .2 | 2.3 +.T| 16
9 20 4-.2 600 Ol99 509 0.8 908 2.8 - 10.8
' +ud | +,2 | +.1 | +,6 +1.0

N.B. continued..
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Table 3,16 (continucd) ....

Length of Initial mixture Analysis
run (sec) | comp. (moles) (moles)
CHng CH45 O2 5 CH45 0025 0240H30§ peak [ peak
x10 x10 x10 x10 x107 |x107 %10 I IT
3 2
Minfinity" 4,2 - 0.84 0.31f - -
+.3
15 4.3 0.88 3.2 | 2.2 2.8
i.l _‘t.l i.l
30 444 0.87 3.8 |12.7 | 2.4
+.2 [ +,1 | +.1

peak area X pressure of reaction mixture
pressure of sanmple

*¥ Value given =

N.B. Peaks I and II were absent from analyses both of
initial mixtures and of much larger samples of the

methanol used in these experiments,
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shown in Table 3,17, indicate that some product_inhibition
takes place in the oxidation of carbon monoxide. The
catalyst was slowly poisoned during the course of these
experinents, but its activity was restored by heating it in
about 1 atmosphere of oxygen at ca. 70000 for several minutes,

The initial rates of "separate" and "concurrent!
oxidation experiments were compared in the same way as phose
for the oxidation of methane and methanol. The results were
not corrected to take account of the catalyst poisoning, but
nevertheless show clearly (Table 3.18) that the two oxidation
reactions inhibit each other.

The product analysis measurements showed that, at
equilibrium, 211 the carbon monoxide had been qxidised,
while 25-30% of the methane remained unchanged,

F3e2+7e3« The concurrent oxidations of methane and
formaldehyde,

A series of rate measurements was performed at
558°¢, Product analysis was not carried out because the
squalane column used with the flame ionisation gas
chronatograph would not allow formaldchyde to pass.

The oxidation of formaldehyde proceeded extremely
rapidly, but caused a marked loss of catalytic activity, which
was only partially restored by prolonged heating in oxygen

at ca., 700°C. This rapid loss of activity prevented the



157.

full determination of the kinetics of formaldehyde oxidation
and the quantitative comparison of the rates of "separate"
and "concurrent" oxidations. Sone information with regard
to the former is however shown in Table 3.19, qnd_some rate-

time curves obtained are illustrated in Fig, 3%.1lL.

342.8. A comparison of the catalytic oxidation of methane

and of other low molecular weight hydrocarbons.

The purpose of these experiments was to compare the
kinetics of the oxidation of methane over palladium with that
of other hydrocarbons, which are known to be more readily
oxidised and which may give appreciable quantities of
intermediate products in some circumstances. The
hydrocarbons used were_ethane, ethylene, acetylene, propane,
n~butane and isobutane. The same catalyst bead was used for
all experiments, and periodic methane oxidation runs were
carried out to check its activity.

In cach case, rate measurements for the recaction of
low fuel : oxygen mixtures were made over a range of
temperatures, and the lowest temperature a2t which the
rcaction would proceed was determined. Orders with respect
to fuel were measured at one or two ﬁemperatures,_and orders
with respect to time were calculated for each run.

Activation energies for each oxidation were obtained from
measurements of the half-lives of the reaction of mixﬁu;es

of constant initial composition at various temperatures.
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Table 3,17, The kinetics of the oxidation of carbon

monoxide

orders with respect to time at

557°¢.

(Reaction mixtures initially contained ca. 230 mm.Hg of

oxygen and various amounts of carbon monoxide.)

Partial pressure t1 Values of ng calculated from:
2
of
carbon monoxide (sec) t1/2/t1/4 t3/4/t1/2
(mm,Hg)
5.8 73 1.8 2.5
11,0 78 2.0 1.2
18.4 98 1.7 0.9




Table 3,18,
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Comparisons of the calculated and measured

values of the initial rates of the concurrent

oxidation of methane and methanol at 55700.

Run |{Initial mixture Initial rates(mV):
no. |composition
(mm,.Hg) Calculated contributions |Observed | Diffcr-
CH4 610) O2 CH4 CcO Total e?%§
1 8.6 15;3 305 15;0 23.6 38;6 27;2 30
2 6;2 10;3 312 11;3 17.2 28;5 16;1 44
3 6.2 16;8 308 11:3 25.2 36;5 24;9 32
4 4;4 20;2 310 8;3 29.5 37;8 22;4 41
5 8;2 4.1 308 13;7 8.2 21;9 15:6 29
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Table 3.19. Some kinetic measurements of the oxidation

of formaldehyde at 558°C.

Run | Initiel mixture comp. j Initial | Values of n, t1
no. (mm.Hg) rate from 2
(mV) (sec)
CH,,0 CH, 0, ti/tl té/ti
2 4 4 2
2 - 8.4 338 15.5 large -ve 192
+ve
3 4‘02 - 363 1507 1'8 1.9 56
4 4.3 - 332 12.9 large | large 46
+ve +ve
5 17.7 - 317 22.1 ~ve 0.9 161
+ve
11 - 8.6 354 8.0 ~ve -ve 280




r-20 161

Rate (mV.)

Curvel Tnitial mixture composition (mm. Hg)
no. Methane Form aidehyde|Oxygen
—_ 12 360

2.4 — 340
6 -3 14 340

Time (min)

12 14
% | ? | i | |

Fig. 3.14. Scme plots of rate against time for the oxidation of

methane and formaldehyde at 5589,
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Table 3,20, Kinetic measurements on 'check runs'" carried

out at 53000 during experiments on the

catalytic oxidation of various low molecular

weight hydrocarbons.

gun In;tial pressure Other fuel Initial t1/2 nt*
0. of methane rate
(mm,Hg) (mV) (sec)

1 9;2 - - 120 1;2
5-20 - Acetylene
21 9.4 - 50;0 113 1.3
23-32 - n-Butane
33 9.1 - 47;1 121 | 2.1
34=14 ~ Isobutans..
45 9;5 - 45.7 121 | 2.3
46-57 - Ethane
58 9;2 - 42;5 124 1;0
59-70 - Ethylene
71 | 12;6 - 50.0 135 1;0

¥ (alculated from t3/4/t1/4
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Table 3.21, Kinetic measurements of the catalytic oxidation

of some low molecular weight hydrocarbons:

orders with respect to time and orders with

respect to hydrocarbon.

Fuel Order w.r.t.| Temp. Order Temp. Partial
hydrocarbon o w.r.t. o pressure of
n, (“¢) time (“¢) hydrocarbon

_ ng* (mm.,He )
Methene 0.83 403 1.0 401 7.6
1.7 466 9.7
1.5 530 9.4
Acetylene 1.7 34‘3 107 343 /‘r 07
0.8 417 1.0 378 4.6
. 1.8 417 416
Ethylene 0.74 534 1.6 373 4.4
2.1 AT 4.5
_ 1.0 534 4.4
2.3 477 1.9
. 1.5 535 4‘.8
Propane 0,76 487 1.0 374 1.5
1.6 4—76 ‘!Ir./‘.L
1.0 526 !
n-Butane 0.7 492 1.3 316 2.8
2:4‘ 4’14‘ 2'7
2.9 132 2.7
Isobutane 0.6 192 1.0 345 3.3
3-2 4—15 304"

* Calculated from ty,,/t, /




Table 3,22,
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Kinetic measurements of the catalytic oxidation

of some low molecular weight hydrocarbons:

minimum temperatures at which the reactions

proceed, and comparisons of catalytic activity

at 372°C.
Fuel Minimum oxidation temperatures | Catalytic activity]
at 3729C¢,
pCH4 po2 T t% (scc. )
(nm.Hg) (mm.Hg) (°c¢) (to the nearest
10 sec.)
Methane 7.8 330 337 160
Acetylenc 4.6 338 333 90
Ethylenc 4.3 344 279 120
Ethane 3.3 340 327 190
5.0 338 No reaction
at 337
Propane 4.4 349 305 240
n~Butane 2.8 355 314 230
Isobuteane 3.4 331 260

303




1
| |

1

4
I

Curve | Tempercture|initial pressure
no- (°C.) of acetylene
(mm.Mg)
1 376 4.6
2 343 36
Rate (mV)
-6 0
S0\ (1)
—40
=20
~10
Time (min
: 3 5 ©

Fig. 3.15. Some plots of rate against time

for the oxidation of asetylene.
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It was found that the catalyst used for these
experiments was, for no obvious reason, rather more active
than most of the others used in this work, and that its
progressive deactivation was much slower than usual. The_
kinetic measurements on '"check runs", presented in Table 3.20,
show that the activity of the catalyst remained constant over
about the first 40 runs and only decreased by about 12% over
the whole series of experiments. None of the hydrocarbons
contributed more than the others to the poisoning of the
catalyst.,

The orders of reaction, shown in Table 3,21,
indicate that all the hydrocarbons except acetylene are
oxidised by similar mechanisms at temperatures’exceeding ca.
4QO°C. The orders with respect to hydrocarbon are 2ll around
0.8, and the values of ny indicate the occurrence of product
inhibition, the importance of which increases as the
temperature is decrcased. The oxidation of acetylene appears,
however, to proceed in two stages, separated by a sudden drop
in the heat output.at the surface of the catalyst (see rate-
time curves in Pig.3.15). |

The minimum oxidation temperatures (Table 3.22)
appear to depend as much on the partial pressures of fuel and
oxygen as on the nature of the hydrocarbon. The value for

ethylene was however much lower than all the others. The
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activation energies for the saturated hydrocarbons were
between 3 end 5 keal.mole™', and those for ethylenec and
acetylene were 1,3 + .2 and 9 + 2 keal.mole ™t respectively.
Thus, ot temperatures at which the reactions were all well
established, theloxidation of acetylene was by far the

fastest (Table 3.22),

3.3+ The influence of the support on the activities of

palladium catalysts,

The purpose of these experiments was to investigate
the influence of the support on the mechanism of the surface
rcaction, on the resistance of the catalyst to progressive
deactivation, and on the mechanical stability of the catalyst.
An attempt hes also been made to discover the precise form
of the catalysts, which were prepared by the thermal
decomposition of aqueous solutions of salts of palladium and
the support (see Section 2.2.1).

Two serics of experiments were carried out. The
first consisted of measurements of the cctivities of a series
of catalysts containing different proportions of palladium
and thoria, and the second involved similar measurements on
catalysts of palladium supported by a number of other -
metal oxides. X-ray "powder" photographs were taken of
most of the catalysts used, and electron micrographs were

obtained for a few of them.
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3.3¢1« The activities of catalysts containing various
proportions of palladium and thoria.

The activities with respect to methane oxidation
of palladium/thoria catalysts containing 100, 90, 60, 40, 20,
10 and O atom ¢% palladium were measured at various
temperaﬁures. The orders of reaction obtained are shown in
Table 3.233 and the reaction half-lives at 57500 are compared
in Table 3.24. Activation energies were also calculated,

The rcaction orders agreed with those already
presented (see Section 3.2.41.) and no significant variations
were observed, The activation energies for catalysts
containing palladium, calculated from half-life measurcements,
lay between 3 and 13 koal.mole-l, and showed no significant
dependence on catalyst composition, thus illustrating the
large influence of variations in overall order with
temperature on the results of these calculations. The half-
lives at 57500, showed no significant dependence on the
composition of the catalyst, except that the sample containing
10 atom ¢ of palladium was considerably less active thon the
others. It was found that the reaction only procgeded over
thoria alone at temperatures higher than ca. 750°¢, No
thermal changes were detected at the surface of this
"catalyst" below this temperature.

Most of the catalysts were deactivated at about the
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usual rate, i.e. ca. 3% per run. The 100% palladium
catelyst, however, maintained undiminished activity
througliout 42 experiments, and showed no sign of mechanical
failure. (It should be noted that no mixture containing
more than 15 mm,Hg methane was used in these experiments).

f{-ray powder photographs of the catalysts used
have been compared with similar photographs of standard
matericls, and with values of the reflections for palladium,
palladium oxide and hydrated palladium oxide given in the
AS,T,M., Index 74. Some of the diffraction patterns
obtained are illustrated in Plates 2 and 3.

The 100% palladium catalyst, in both bead form and
powder form, gave a diffraction pattern corrcsponding to the
palladium metal standard, which in turn corresponded'with the
major pcoks shown in the A.S.T.M. Index (see Table 3.25),.
Furthermore, the pattern from the bead sample showed lines
corresponding to the platinum stendard and the uncoated bead,
while that from the powdered sample, from which the platinum
lines were absent, showed, in addition, quite & number of
faint lines. The 100¢ thoria bead pattern contained
platinum lines ond a distinctive "thoria® pattern, which did
not, however, correspond well with the index dote for thorium
oxide. Patterns from catalysts containing between 40 and
60 atom % of palladium showed the stronger lines of palladium

and thoria, whil: those from catelysts containing more than
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80 atom % or less than 20 atom % of palladium gove only faint
indications of the minor component. It was notable, however,
that no measurable variations (+ 1 to 3%) _were obsserved

in ths positions of the diffriction peaks from catalysts
containing both pallqdihm and thoria, All the unusen

catalysts showed rather broad pzaks for both componsnts

in comparison with the standard vatterns. However, some
catzlysts which had besn uscd extonsively gave much

shorper patterns.,

It is therefore established that the bulk of the
catalyst consisted of palladium metal and thorium oxide,

It 2lso seems probable that the aggregation of the components
into lorger crystellites accompanied the prolonged use of the
catalyst at high temperatures.

Electron micrographs were taken of a 20 atom %
palladium/80 atom ¢ thoria bead, and also of beads coated
with the separate components. Some of the photographs
obtained arc illustrated in Plates 4 and 5. These show that
catalysts contocining an appreciable amownt of thoria have a
fairly extensive pore structure, with many pores which are
hundreds of Angstrom units wide and deep. These catalysts
also have a very small proportion of relatively smooth
surface (see photographs 5 and 7). The 100¢ palladiuvm
catalysts appear to have 2 predominantly smooth surfece,

broken up by widely spaced cracks.
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Table 3.23. Kinetic measurements of the oxidation of

methane over catalysts of palladium supported

by various proportions of thoria.

Atom % Order w.,r.t.|Temp. Order Tenp. | Partial
Palladium to me?hane (OC) w,r.t. (OC) pressure of

n, time methane

n, (mn.Hg)

100 0.83 + 0.01 |630 2.€ 347 12,6

0,7 + 0,1 527 1.3 431 12,4

0.8 + 0.1 377 1.2 527 12,1

1.2 579 12,6

90 2.3 373 12,6

2.1 465 12.6

1.5 559 12.4

80 1.0 + 0,1 -ve 382 12.4

1.2 A67 12,4

-ve 575 12.4

60 -ve 348 9.3

1.0 A4L0 9.4

1.0 497 12.1

50 -ve 352 12.5

1.2 453 12.8

1.1 521 12.4

40 -ve 380 12,3

2.1 133 12,5

_ ) 1.2 554 12,2

20 0.75 + 0,01] 497 1.4 407 9.3

1.1 466 9.7

1.0 519 9.2

10 -ve 435 12.5

+5 579 12,6

277% 679 12,4

0

O REA ? T ITON.

i
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Table 3.24. The activities of various palladium - thoria

catalysts for the oxidation of methane at

575°¢.
| Aton % t1/2 (sec.)
palladium (all values + 10 sec.)
100 148
90 143
80 134
60 105
50 105
40 137
20 111
10 171

0
















Table 3.25,
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Values of inter-layer spacings obtained from

X~ray diffraction photographs of palladium/

thoria catalysts, together with referenoe

values taken from the A.5.T.M. index.
From photographs of From the A.S.T.M., index
catalysts and of Palladium Pailadium "

: - ydrated
palladiun wire Oxide Palladium
Interlayer I/IO Oxide
spacing, d a I/IO a I/IO a 'I/IO

) () &) | &) (& | @) @
2.667} 35 2.704 | 20
2.,6411100 2.615 |100
2.21 100 2,246 { 100
2.153) 20 2,120 30
1.674] 30 |1.668] 60
1.536% 18 [ 1.5451 40
1.37 3045 1.376 | 25 | 1.4991 30
: 1.353; 20
1.314 | 20 1.303] 60
1,25 2545 1.173 | 24 '
1.1421 20
1.07441 30
1.0161 20
1.004, 20
0.,9723 3 0.981 30
0.945| 20
0.91 2045 0.8924 13 0.892} 50
0.87 205 0.8697 11 0.872| 30 B
0.840| 50 B
0.829| 60 B
. 0.882} 50 B
N.B. (a) Only relative intensities (I/I_ ) exceeding 18% have

been quoted from the available®data for palladium
oxide and hydrated palladium oxide.

(p)

NB" = plurred.
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3.342. The cctivities of catalysts of palledium supported

by various refractory oxides.

The activitices of a number of supported palladium
catelysts have been measured in order to find out whether the
support hes any effect on the activity of the.palladium.

Ag in the experiment described in Section 3.3.1, kinetic data
were nmeasured for each catalyst tested, The supports used
were semarium oxide, erbium oxide, cerium oxide, praseodymium
oxide, thallium oxide ond uranium oxide, and each catalyst
contained 20 atom ¢ of palladium. With the exception of
palladiun supported by uranium oxide, which was almost
conpletely inactive, all the catalysts behaved in a similar
monner, The overall kinetics d4id not differ significoantly
from those already described for the reaction over palladium/
thoria, Lach catalyst was active at temperatures exceeding
420 + 20°C, and at these 'low! temperatures, the reaction had
a high order with rcspect to time, and took a long time

(ca. 3 = 4 hr.) to go to completion. As the temperature was
increased to cbout 55000, the helf-life, as determined from
rate measurenents, decreased from ca. 450 sec. to ca. 125 sec.
Above this temperature, the half life did not decrease
significantly and the bridge output signal, which is
proportional to the reaction rate, decrecased up to ca. 900°C,

where it became insignificant or negative, Plots of
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loglo (1/t%) against 1/T°K produced a wide scotter of points
in most cases, but an activation energy of 7 + 1 kcal.mole"1
over the range 450 - 550°C was obtained for the palladium/
thallium oxide catalyst. X-ray "powder! photographs taken

of the catalysts used in these experiments showed only the
patterns of the oxide supports.

Although there were few significent differences
between the ~ctivities of the catalysts, there were some
variations in their durability and resistance to poisoning;
which were established by the testing of several samplcs in
each case. Apart from uranium oxide, the least satisfactory
support was cerium oxide; catalysts containing this material
could only be used for about 20 experinments. The other
rore—~carth oxides werc more satisfactory, but the most
suiteble support materisl was thollium oxide. The palladium/
thalliuwm oxide catalysts were also rather more active than

the other specimens,
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DISCUSSION.
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4., DISCUSSION.

The primary aim of this investigation has been to
establish the chemical mechanism of the oxidation of methane
over supported palladium catalysts. For this purpose,
kinetic measurements have been made of the oxidation of
mathane and of the oxidation of some possible intermediate
products. While it is not always possible to arrive at an
unambiguous and detailed mechanism for a heterogeneous
reaction solely from measurements of this type, one can
usually obtain a general picture covering several mechanisns,
which could perhaps be differentiated by means of more
specialised techniques. In this section, the extent to
which the results obtained elucidate the mechanism will be
considered and possible further lines of investigation will
be suggested,

Since mass transfer of the reactants and products
to and from the catalyst surface must occur in all
heterogeneous reactions, the effects of these processes on
the experimental measurements must be considered. It must
also be shown that homogeneous processes are not important
under conditions where the measurements are carried out,
Only then will it be permissible to discuss the observed
kinetics as reflecting the true mechanism of the surface

reaction, and to formulate the possible paths by which the
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reaction may occur. It may be possible to eliminate some
of these effects, and to obtain a more detailed picture, by
consideration of the results of the experiments on the

oxidation of intermediate products.

4,1, The oxidation of methane.

4,1,1, Evidence for the heterogeneous nature of the rate-
controlling process.

4,1,1.1., Concerning the possible effects of homogeneous

oxidation.

The reaction is characterised by & low activetion
energy. The value obtained from the present measurements

is of the order of 10 kcal.mole-l. This compares with

1 and 21 keal.mole !

11.0 kecal.mole obtained by previous
workers using supported palladium catalyst in static and
flow systems respectively. These differences are probably
due to variations in reaction conditions, and it is clear
that the reaction must be a genuine surface process, since
the homogeneous oxidation of methane has a much higher
activation energy (see Section 1.4.1.1). Moreover, the
reaction products did not contain carbon monoxide even at
low conversions, and this compound is produced in appreciable
quantities during homogeneous oxidation.

The homogeneous reaction becomes very rapid as the

temperature is increased above 650°C, and it is possible that
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this process is occurring to some extent in the envelope of
hot gas that surrounds the catalyst bead. Previous workers
(see ref. 45 for example) have found that a catalyst
introduced into a system guenches any homogeneous reaction
by destroying the free radicals by which it is propagated.
One mnmight expect however that the free radicals and
intermediates would react at the catalyst surface more
rapidly than would methane itself, so that the rate of
complete conversion would be marginally increased. Rate
measurements at these temperatures (see Section 3.2.3)
indicate, however, that heterogeneous oxidation does not
occur. At the same time, heterogeneous oxidation takes
place over the supposedly inert "comparison" bead at
temperatures exceeding 700°¢. It is likely that these
measurements made at hicher temperatures reflect the effects
of other processes besides the oxidation of methane over

palladium, and they will therefore be ignored.

4,1,1,2, Diffusion control.

It has been explained in Section 1.2.3.1 that, ag
the temperature is increased, control of the overall reaction
rate is taken over first by pore diffusion and then by bulk
diffusion, However, the observed kinetics still partially
reflect the kinetics of the chemical reaction. Thus, a
chemical interpretation may be put on any of the results,

so long as it is Imown in which of the three regions -



186,

chemical control, pore d@iffusion control and bulk diffusion
control, ~ the measurements were made,

The primary characteristic of the three regions is
the overall activation energy: in the region of pore
diffusion control, the observed value is about half that for
the chemical process, and in the bulk diffusion control
region it is about & 2 kcal.mole-l. In the present case,
the observed activation energy is high enought to rule out
bulk diffusion control except at temperatures exceeding 600°C,
but it is not high enough to exclude the possibility of pore
diffusion control. On the contrary, the present value is
about half that reported by one group of previous workers
(see Section 4.,1.1.1),

On the other hand, it has been found that several
other fuels are oxidised much more rapidly than methane over
the same catalyst. The rates of oxidation of similar
concentrations of methane, methanol, carbon monoxide,
acetylene and ethylene are compared in Table 4.1. 0f these
reactions, the oxidation of methane is the slowest at all
temperatures. The differencesg between the reaction rates
at a fixed temperature are quite large, so that diffusion
processes are probably unimportant in the oxidation of methane
(which gas, having the lowest molecular weight, would be

expected to diffuse most rapidly).



Table 4.1,
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The comparative rates of oxidation of methane

and other fuels,

Tenp. Hﬂlf-11¢é£sec)for the oxidation of the follow1ng fuels

(°c)]|

394
395
441
496

55

Methane; Carbon IMethanol Formaldehyde
mopox1de, |
I | j
156 i
i
I
318 ! 97 : 78
E l
138 i
125 '
210 | ! 108

Ethylene

113

106

100

Acetylene

71

44

* Bach set of measurements has been made using different

catalyst beads, so that only "horizontal" comparisons

may be made,
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The unimportance of pore diffusion control is also
supported by the values of the order with respect to methane,
n,» at various temperatures (see Table 3,1). It might be
expected that, if n, is less than 1, its value would increase
towards (no + 1)/2 as the temperature is increased if the
importance of pore diffusion increased concurrently. This
trend would be augmented by any concurrent weakening in the
strength of adsorption of methane on the catalyst. However,
the values obtained show little sign of such a tendency, so
that there can be no variation in the importance of pore
diffusion over the whole range 400-590°¢C. Diffusion is not
likely to be rate-controlling at the lower temperature, at
which the reaction is very slow, and it is therefore probable
that the process is unimportant over the whole range.

To summarise therefore, most of the evidence points
to the conclusion that the overall rate of the reaction is
controlled by chemical processes at the surfesce of the
catalyst, but the possibility that pore diffusion may also

be important cannot be completely discounted.

4,1,2., The nature of the rate-controlling step.

The mechanism of the surface reaction, which is
reflected by the observed kinetiecs, must involve the
chemisorption of the reactants and products as well as the
reaction between the adsorbed species. The possible

alternative routes may conveniently be shown on a block
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diagram {geo Fig. 4.1). In this section, tle extent to
which the results distinguish between these alternatives

will be discussed,

4,1,2.1, Reaction intermediates.

It is first considered whether or not the reaction
involves the formation of discrete intermediates. Since
the conversion of each methane molecule involves the rupture
of all the bonds in three molecules, there is quite a number
of intermediate species which might be present on the surface
during the reaction. Any that are moderately stable would
be detectable in the gas phase at low conversions. Previous
workers (see Section 1,4.2.1) have reported the formation of
small amounts of formaldehyde over catalysts of relatively
low activity, including platipum, and the reaction of
stoichiometric mixtures, diluted with inert gas, over
supported nickel catalysts at high temperatures (700-900°C)
produces measurable gquantities of carbon monoxide and
hydrogen 36. Recent studies of the reaction over palladium
catalysts 47,48,49 have not reported the formation of
intermediates.

In the present work, the formation of intermediates
was not detected. Although the experimental methods used
were not very suitable for the detection of traces of

formaldehyde, the formation of 2% of carbon monoxide and of
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Fig. 4.1, Al ternative routes for the heterogeneous

(1)

(2)
(3)

(4)

(5)

catalytic oxidation of methane (after Ref.20).

(a) Oxidation of the catalyst surface; and/or

(b) Adsorption of oxygen, and/or methane,
Diffusion of adsorbed species to active sites,
Electron transfer processes at active sites

(a) 0,(ads) + e -— 0 (ads), Ozn(ads), 02_(ads)
(b) ©CH,y(eds) - cH,"(ads) + e
or CH4(ads) _— CHB(ads) + H(ads)

followed by further dissociation steps.

The surface reaction between gaseous or adsorbed species

of methane (X) and gaseous or adsorbcd species of

oxygen (Y)

v Activated s
X ? Y 3 (CompleX I) >  Products (ads)
Activeted 1
( ") ——— Intermediate  ——3  Activated
Complex II Products(ads) (Complex III)

The desorption of products.
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0.5% of hydrogen (with respect to the initial concentration
of methane) would have been observed. More recent work

75

using a flow system confirms the absence of most possible
intermediates down to much lower limits of detection, It
should be noted, however, that the present analytical results
(see Sections 3.2,5 and 3.2.6) show that palladium does
catalyse the reactions between methane and carbon dioxide

and methane and water vapour which, in the presence only of
traces of oxygen, form carbon monoxide and hydrogen. Both
processes, though measurable at temperatures exceeding 45000,
are much slower than methane oxidation, Several reactions
may be formulated to account for these results, and some
distinction may be made between them on thermodynamic grounds.
The standard free energies corregponding to some of them are
shown in Table 4,2,

It was also found that the substances which might
have been formed as intermediates underwent much more rapid
oxidation than methane under the same conditions, It may
be concluded therefore that, even if one of them was formed
as a surface intermediate, it would be oxidised directly to
carbon dioxide and water, before it could be desorbed, The
activation energy for methanol oxidation, 4 .kcal.mole—1 is

in accord with this conclusion. It may be emphasised that

the relatively high temperatures which have to be employed
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Standard free energies for some possible

interaction between nethane, carbon

monoxide, carbon dioxide, water, hydrogen

and oxygen.,

Reaction

200,z 2C0+0
+2O2 - 002+2H20

CH4

cH
CH4+H20

CH[,+CO2 + 2C00+2H
CH4+2H20 S 002+4H2 ‘

2

4_+3C302 = 400+2H20

CO+3H2

2

CO+H, 0= uUC-HiZ

2

'Standard free energiecs (cal.mole_l)
;at the following temperatures (°K)

i 298

_§+122904

-1913%92
+54416
+33968
+40784
+27152

- 6816

-12140
-32808
-94260
i —54636

600

1000

+110172

| =191266

+ 29078
+ 17288
+ 21218
+ 13358

- 3930

- 5491
- 39359
— 94445

i — 51156

L +101744
' ~191282
-+ 12206

| +

+

+

- 2227

[

+93334
-1912388

4630
6514
5886
7142

- 628

4610 |
17943 |
94610

46039 |
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for the catelytic oxidation of methane end of other saturated
hydrocarbons of low molecular weight reflect the considerable
amounts of energy required to "break into" these stable
molecules.

To summarise therefore, it may safely be stated
firstly that no stable intermediate can be formed when
methane is oxidised by a large excess of oxygen over
palladium, ond secondly that any proposed mechenism must
account for the formation of carbon monoxide and hydrogen

when oxygen is scarce,

4,1.2.2, The overall reaction kinetics.

The general results may be summarised as follows.
The order with rcspcct to methane, n,, is about 0.8 and does
not vary appreciably with temperature. v The order with
respect to time, Ny, is approximately 1.0 at high
temperatures, exceeds 1,0 at intermediate temperatures, and
is a complex function of the extent of rcaction at low
temperatures. The rcaction is slightly inhibited by oxygen.
The presence of carbon dioxide, except in very large amounts,
does not appreciachly reduce the z=mtvandf reaction; water
vapour has, however, 2 marked inhibiting effect even when
present in a concentration lower than that of methane.
Analytical results, in addition to confirming that n, exceeds

n,, show that up to 5% of the methane remains unchanged
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when the reaction stops. (This would not be expected on
thermodynanic grounds; the equilibrium constants fqr methane
oxidation at 327, 527 and 72700 respectively are 8,6 x106,
1.6x105 and 1.4 X104).

From these results taken in conjunction with
information available in the literature, conclusions may be
drawn with regard to the nature and strength of adsorption
of the¢ recactants and products. In particular, it may be
shown whether the various species are adsorbed on similar
sites, on differcnt sites, or not at all, and whether or not
the adsorption processes involve dissociation. With these
objects in view, the parts played in the rcaction by the
products and the reactants will be considered in turn and then
possible mechanisms will be considered.

(a) The influence of the reaction products.

It is clear from the fact that n, exceeds n, that
the reaction is inhibited by its own products. The "added
product" experiments showed that this inhibition is duec to
water and not to carbon dioxide.

_ It is reported 7 that carbon dioxide is strongly
adsorbed on some transition metals at O and 100°C up to
limited coverages. Palladium is not one of these metals,

however, and, except for its inhibiting effect on the oxidation

of carbon monoxide, observed in the present studics (see
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Section 3.2.7.2 and Table 3.16), no other reports of carbon
dioxide adsorption on this metal have been found. It has
been suggested 7 that, since the observed heats of adsorption
of carbon dioxide are high eWen at saturation point, the
absence of further adsorption, and of any adsorption at all
on some metals, is due to prohibitively high activation
energies. If this were true in the case of palladium, then
one would expect carbon dioxide to inhibit the reaction
apprcciably, since the activation energy for its desorption
would be very high indeed. This is consistent with the
apparently contradictory experimental observations that added
carbon dioxide does not further inhibit the oxidation of
methane, while thc oxidation of carbonhmonoxide is subject
to mild product inhibition (see below), This "kinetic
inhibition" by carbon dioxide cannot be very great in the
oxidation of methane, however, since its effect on the much
faster oxidation of carbon monoxide is not very large.

No information appears to be available regarding
the adsorption of water on palladium, or on palladium-
catalysed reactions of water. The deuterium/water exchange
reaction has, however, been studied over platinum 76. It

is suggested that water may be adsorbed either as:

(a) H,0 + 2¥  ——5 *QH + *H
or as:

B
(b) H,0 o+ * ——> 07
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(where * represents an “active site”) and that (b) is more
likely at high tempersturcs (250 - 55000).

Extrapolations from one catalyst to another tend to be
misleading, but it mey perhaps be suggested that the
adsorption of water on palladium is similar in nature. The
experimental results certainly suggest that water is strongly
adsorbed: it reduces the reaction rate and prevents the
complete oxidation of methgne. It seems probable that the
water produced by the rcaction is almost entirely responsible
for the product inhibition observed in almost all methane

oxidation experiments.

(b) The dependence of rate on oxygen concentration.

The slightly negative dependence observed indicates
that the catalyst is saturated with oxygen under all conditioné
used in the present work. It also almost certainly shows
that methane and oxygen are adsorbed on similar sites and
that oxygen is the more strongly adsorbed. It is not clear,
however, whether saturation is equivalent to complete
coverage,

A considerable amount of work has been dome on the
adsorption of oxygen on palladium, The rather wide range
of heats of adsorption under different conditions probably
reflect a large variation in this quantity with coverage.

Brennan, Hayward and Trapnell 21 showed that at 25°C, the
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surfacc of a palladium film is saturated at a coverage of
0.6 - 0.7, and found initial and integral heats of

adsorption of 67 and 44 koal.mole * respectively.

77

Measurements at 227°C by Bortner and Parravano produced a

heat of 48 kcal.mole + at coverages between 1 x10~% ana 0.7,
and this value is not very different from the heat of
formation of palladium oxide, 42 kcal.(mole oxygen)_l. In

. 1
more recent work on the exchange reaction between 8

16

O2 and
02, Boreskov 16 observed that at 200°C, bulk palladium
oxide was formed rather slowly (30 monolayers in 20 hr,) and
that very little of the oxygen on the surface takes part in
the rcaction. It seems possible therefore that at low

temperatures. oxygen is adsorbed to form

| !

Pd - Pd - Pa - Pa -
with the evolution of a high initial heat which falls off
very rapidly as the coverage increases. At high temperatures,
however, adsorption of this type only occurs up to the point
beyond which bulk oxidation is energetically more favourable.

Thus the surface would be something like:

P4 - 0 - P& - 0 - Pd - O -~ P4d -
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If this is the case, then so long as the pressure of oxXygen
is greater than that required to form the first oxide layer,
the state of the surface will not depend on the oxygen
concentration, and nor will the reaction rate, to any great
extent. The oxygen which takes part in the surface reaction
is probably that which is least strongly adsorbed on the
surface, It is also possible that lattice oxygen is involved,
since this is the least strongly held; this has been observed
when hydrocarbons are oxidised over copper oxide 46. The
apparent "induction period" observed for the reaction at low
temperatures over some catalysts may be due to the time
taken for an oxide layer to be formed, In view of the fact
that the catalytic activity of palladium appears to decrease
at high temperatures, it would be of interest both to
calculate the equilibrium constants for bulk oxide formation
used in the experimental work and to estimate the extent of
surfacc coverage by adsorbed oxygen over this same
temperature range,

Approximate calculations ofthe equilibrium constant
for bulk oxide formation have been made using the standard
free energy of formation -14.4 kcal.mole-l, and the standard

1 at 25%., The

heat of formation, -20.4 kecal.,mole
equilibrium pressure of oxygen above palladium and palladium
oxide is plotted as a function of temperature in Fig.4.2.

This shows that the temperature range, 550-700°C, over which
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the equilibrium pressures of oxygen over palladium oxide

correspond to the oxygen pressures used in the experimental
work, is just that over which a decrease in catalytic
activity is observed.

With respect to adsorbed oxygen, it seems unlikely
that calculations made for adsorption on palladium metal
will be applicable to adsorption on the oxide, whose formation
appears to be a pre-requisite for the oxidation of methane.
The finding of palladium metal by means of X-ray analysis
does not necessarily contradict this, because surface layers
of oxide would not be detected. No information has been
found rcgarding the adsorption of oxygen on palladium oxide,
and the theoretical prediction of coverages from adsorption
isotherms in the absence of such information is impracticable.
However, the slight negative dependence of the rate of
reaction on oxygen concentration does indicate that it is
adsorbed oxygen_rather than lattice oxygen which takes part

in the reaction.
(¢) The dependence of rate on methane concentration,

The factors which might control the dependence of
the reaction rate on the concentration of methane are the
frequency with which methane molecules collide with the
catalyst surface, the rate of chemisorption, and the rate of

the surface reaction. The first two are directly
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proportional to the concentration of methane, and so are
probably ruled out by the observed kinetics. The dependence
of rate on the initial methane concentration (rate<>(p6H O°8)
indicates fairly low coverage of the surface and it also4
appecars that all the reactants and products occupy similar
sites and that all except carbon dioxide have comparable
strengths of adsorption.

Little information on the adsorption of methane on
palladium is available in the literature. This compound is
less strongly adsorbed than oxygen and the process is slow at
toom temperature78. It has also been observed 79 that at
higher temperatures (> 400°C) the breskdown of methane to
carbon and other hydrocarbons takes place. This is not
surprising, since methane is thermodynamically unstable with
respect to its elements in their standard states at
temperatures exceeding ca. 550°C. Ags in the case of oxygen,
the heat of adsorption falls and the activation energy of
adsorption rises as the coverage increases., Thus the
coverage of the surface is never complete, and at low
temperatures is independent of pressure except when this is
very low. In addition to these chemisorption measuremdnts,
studies of the exchange reaction between methane and deuterium
over palladium °0 arc of some interest. Between 200 and 300°C

the order in deuterium is 1.0 and in methene 0.5 for stepwise

exchange and -0,9 for multiple exchange. These results show
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thet the rate—-controlling step is the reaction bhetween

adsorbed CH; end adsorbed D, (or H2) and that although

3
29
concentrations are relatively small.

adsorbed CH CH, and C may be formed on the surface, their
As it has already been established that the surface
of the palladium catalyst used probably consists largely of
an oxide film, the results of chemisorption and cexchange
measurements cannot strictly be compared withthose obtained
in the present work., It seems likely that the adsorption
of methane on the catalyst used is dissociative, but that the
hydrocarbon may alternatively be adsorbed by a process

involving elcctron donation to the catalyst surface to form:

Some indication of which process occurs might be expected
from the comparative rates of oxidation of saturated
hydrocarbons under similar conditions, However, since both
the C-H bond strengths and ionisation potentials of these
hydrocarbons show similar trends (see Table 4.3), and the
differences between their rates of oxidation are not large,
no distinction may be made on the basis of the results of the
present work.

In either case, it is not unreasonable to suppose

that, at temperatures exceeding 40000, adsorption is not



204,

Table 4.3, The ionisation potentiels and C~H bond

energies of some low molecular weight

87

hydrocarbons .

Hydrocarbon -§ Ionisé%ion potentiali C~-H bond energy!
(eV.) i (kcal.mole™ )
CHy - H i 12.99 : 10.3 + 2
C2H5 - H } 11.65 98
n-C3H7 - H 11.21 98
i-0zH, - H 94
n-C4H9 - H i 10,80 101
1-C4H9 - H : 10.79 93
t-C,Hy — H 89
C,H -H 11.40 | 115 + 10
02H4 - H ; 10.60 ; 104 i
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rate—controlling, but that the degrce of coverage is small
enough to depend on the partial pressure of methane. It is,
however, surprising that there is no marked variation with
temperature of the order with respect to methane, One might
have expectcd an increase from some low value at low
temperatures to unity at high temperatures, unless the
temperature variations of the strengths of adsorption of

methene and oxygen are very similar,

4,1.,2.3 Possible rcaction mechanisms.

It has been established that the catalytic
oxidation of methane over palladium involves:
(a) a complete layer of adsorbed oxygen, and/or some
oxygen from the lattice of a surface layer of oxide;
(b) Methanc chemisorbed either as CHB* or as CH4+ %
(¢) Chemisorbed water;
(d) PFairly rapidly desorbed carbon dioxide,
It is possible therefore to set up rate equations to decide
whether or not the various adsorptions_invqlve dissociation.
Ag has been pointed out (see Section 1.2,3.2) the
applicability of these equations is questionable, since they
are based on the Langmuir isotherm. However, functions
based on & more realistic model would be too complex for
sgtisfactory interpretation, so that the Langmuir-Hinshelwood

approach has to be used in the absence of anything better.
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The reaction to be considered is therefore:
CH4(ads) + 202(ads) e COZ(g) + 2H,0(ads)

Since oxygen coverage is complete and carbon dioxide is at
most only weakly adsorbed, only the adsorptions of methane
and water need be considered, and there will be no kinetic
distinctions between reactions involving the various possible
forms of adsorbed oxygen. The kinetics will however vary
according to whether mcthane, water and oxygen are adsorbed
on thc same or on different sites, so that, assuming all
adsorptions are mobile, the alternatives to be considered ares
(1) All sites similar

or
(2) Methane and oxygen adsorbed on different sites;

(2) methane dissociated,
or
(b) methane undissociated;

(i) water dissocicted
or
(ii) water undissociated.

Let P; represcnt the partial pressure of component i;

n g n " strength of adsorption of methane)
at a
n 'b it i 1] n 1 it OXygel’l ) f' d
ixe
1 c 1 1 11 1" it it Water -temp .
" ei " " fractional surface coverage by component
i

and let the superscript "o" indicate initial partial

pressures.
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Case 2.a.1. In this case, the surface coverage by oxygen

and hence the reaction rate, would be proportional to some
power of the partial pressure of oxygen between 0 and 1.0.
Since a slight inhibiting effect by oxygen has been observed,
this and all other cases of (2) may be dismissed.

Cage l.a.i. The surface coverages by the rcactants are

given by:
: (8.0 VE/(1 +( % (oup, ) + (copy )P )
= . a.p ~ . Ce.
CH4 CH4 CH4 02 H20
4 s (4.1)
6 = (b.p, )/(1 +(a.p )% +(b.py ) + (c.p )% )
02 02 CH4 02 HZO
cee (4.2)
Since:
L 2
rate o GCH4 . 902 or GCH4‘ 902 ces (4.3)
4 2
rete 0([(a.pCH ) -b.p, 1/,
4 2
or
1
[(a.pCH4)2 .b2.p022]/y3 vee (4.4)

wherce y is the denominator of equations (4.1) and (4.2).
These equations may be ruled out because they would give an
order with roespcct to mcthane of 0.5. Case l.2.ii may be
discounted for thc same reason.

Case 1,b,i. If the following substitution is made for the

partial pressure of water:

— o _
PH20 = 2(ch4 P0H4) v (4.5)
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then the possible rate equations become:
rate c([(a.pCH4)(b.poz)]/[1+(a.pCH4)+(b.p02) ees (4.6

0 2
+ 20(pCH4 - pCH4) ]

or:

rate > [(a.2gy )(b.3g )°)/ [1+(a.pgg )+(b-py )

0
+ Zc(pCH4 - pCH4) :P een (4.7

Both these exprcessions are consistent with an order in mecthane,
n,s of less than unity. They also indicate that the order
with respect to time, N, would be greater than n, so long as
a and c¢ are of the same order of magnitude. The order with
respect to oxygen, according to these equations, could vary
between +1 (equation 4.6) or +2 (equation 4,7) for weak
adsorption to -1 (both equations) for strong adsorption.

The observed values of about ~0.1 indicate moderately strong
oxygen adsorption.

Case l.b,ii., This case differs from 1l.b.i only in the

contribution to the denominator made by thc term for the
strength of adsorption of water vapour. There is no clear-
cut way of distinguishing between these two mechanisms,

To swummarise, therefore, the rate-determining step
of the reaction probably involves undissociated adsorbed
methane reacting with oxygen which is somewhat more strongly

adsorbed on similar sites. The reaction is retarded by the
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product water,

4.1.3. Catalyst poisoning.

It was mentioned in Section 3.,2.1.3 that the
activity of most of the catalysts gradually decreased with
use and also (in Section 3.2.4), that a small amount of
mcthane remained unchanged at the end of each run. It wWas
also necessary to reactivate the catalyst between runs by
heating it to ca. 800°¢ under vacuum for 90 sec. The
possible causes of this deactivation are carbon decomposition,
sintering and the formation of some compound not decomposed
by the activation process.

With regard to carbon depodition, electron probe
microanalysis gave some indication of this on catalysts used
for the oxidation of intermediates, but not on catalysts used
for the oxidation of methane only. Unfortunately, the
method is not very sensitive to carbon, and these results
must therefore be itreated with reserve, They are supported
to some extent, however, by the finding that catalysts
deactivated by use for the oxidation of formaldehyde and
carbon monoxide were more satisfactorily restored by heating
in oxygen than by heating under vacuum, which was the best
way of reactivating a catalyst used for the oxidation of
methane, It appears therefore that if methane is adsorbed
dissociatively, this dissociation does not proceed beyond the

first stage to any great extent.



210,

It is well established that a catalyst surface is
liable to sinter if it is heated to a temperature greater
than about half its melting point, and that sintering occurs
at lower temperatures in the presence of readily adsorbed
gases., Thus, since the melting point of palladium is 1549°¢,
catalyst sintering would be expected in the present instance.
There was a noticeable difference in the sharpness of the
peaks of the X-ray diffraction photographs of used and unused
catalysts, (see Section 3.3.,1). On the other hand, there
was no clear distinction between the pore structures of
activated and deactivated catalysts, as shown by the electron
micrographs (sec Plates 4 and 5). It seems likely that
sintering is partly responsible for thc gradual reduction in
activity, although it cannot be responsible for the complete
deactivation of the catalyst. It is probable that the
diffcrences between the suitability of the diffcrent oxides
tested as catalyst supports probably reflect their surface
area and resistance to sintering.

One further cause of deactivation is indicated, and
this is the formation of a surface compound which is not
desorbed even under the feirly extreme conditions used.

The most likely compound is palladium hydroxide, since water

is known to inhibit the rceaction, The stability of

palladium (II) hydroxide exceeds ‘7 . -  that

of palladium oxide (sec Table 4.4), while that of palladium(IV)
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. Some thermodynemic properties of palladium
compounds 88.
Compound A.H398 (keal.mole™ ) AG898(kcal;mole_1)

pa (g) 93 84
P30 (s) -20.4 -14;4
PdOz.XHQO decomposes at about 200°¢
Pa(0H), -92.1 ~-72
Pa(oH), ~169.4 ~126.2 (?)
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hydroxide is very much greater. I+t seems probable that the
degassing conditions used between runs were not sufficiently
rigorous to decompose the surface hydroxide, which had built
up until the whole catalyst surface was covered, There

must be an appreciable difference between the strength of
adsorption of water and the stability of the crystalline
hydroxide, since adsorbed water may be removed by degassing.
There is, however, one objection to this hypothesis. Clearly
the hydroxide layer should have been present from the
beginning, since the catalyst is deposited from aqueous
solution. It can only be assumed that the initial activation

processes (see Section 2.2.1) destroy the hydroxide.

4.2, The oxidation of intermediates.

It has 2lready been noted that formaldekyde,
methanol and carbon monoxide are all oxidised more rapidly
than methane under the experimental conditions used. It is
worthwhile at this stage to consider in more detail the
oxidations of these compounds, and some of the concurrent

oxidation results.

4.2.1, Methanol oxidation.

At fairly low temperatures (<400°C) this recction
involves the formation of at least two intermediates other
then formaldehyde and formic acid,which could not be detected b

the analytical methods used. These substances were not
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identified, but both must contain carbon, and both were eluted
after methane but before methanol on the squalane column.

At 500°C, these intermediates are formed only in small
quantities, and the overall kinetics are rather similar to
those for methane oxidation, except that product inhibition

is almost non-existent. The activation energy is even lower
than that for methane oxidation, although it is likely that
the kinetics of this reaction are influenced by diffusion.

The reaction procceds satisfactorily at temperatures well
outside the range in which methane oxidation occurs.

These observations all point to the conclusion that
methane and methanocl are adsorbed by different mechanisms.
Their strengths of adsorption are presumably comparable,
since orders with respect to fuel are similar. A greater
inhibition of methanol oxidation by water would be expected
if this compound were blocking methanol adsorption sites,
since this surface reaction is so much faster than the
oxidation of methane. This conclusion is confirmed by the
concurrent oxidation rate measurements, which show that the
initial rate of oxidation of cach fuel is not reduced by the
presence of the other. On the contrary, it appears that the
combined rate of oxidation is greater than would be expected
on the basis of "side-by-side" reactions.

Both fuels appear to be adsorbed by non-dissociative
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mechanisns. Both are adsorbed on different sites, and assist
each other's adsorption to a slight extent. It is probable
therefore that one is adsorbed by electron donation to the
surface, and the other by electron transfer from the surface.
This is difficult to justify completely, however, because
whichever fuel accepts electrons would be dissociated in the
process. Methane is, however, the more likely to be able to
be dissociatively adsorbed, which would imply that methanol

is probably adsorbed as

- s e em s wwm

Few kinetic results on the catalytic oxidation of

methanol have been reported. Jiru et al 81

have shown that,
over ferric oxide/molybdenum trioxide catalysts, at 270°¢C,
the roaction proceeds by a reduction-oxidation mechanism of

the form:

CH'BOH (g) + oxidised catalyst - HCHO (g) + Hy0 (g)

+ reduced catalyst

0, (g) + reduced catalyst - oxidised catalyst

Other workers 82 have reported, however, that adsorbed oxygen
is involved, so that the mechanism probably varies from one
catalyst to another. It would therefore be unwise to attempt

to predict the mechanism over palladium catalysts in the
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absence of deteailed experimental measurements. The
indications from the present results are that methanol is
initially adsorbed by electron donation to the surfafe, and
that the mechanism involves concurrent and/or consecutive
reactions, by which intermediates are formed. These
intermediates will not, however, affect the initial rates of

consunption of methane and methanol.

4.,2.2, Carbon monoxide oxidation.

This reaction proceeds at high but measurable rates
over a wide temperature range. The kinetic results (order
with respect to carbon monoxide 0.9, order with respect to
time 1.0) indicate that carbon dioxide and carbon monoxide
are both weakly adsorbed on similar sites, and that the
adsorption of the latter compound is non-dissociative, The
results of experiments in which methane and carbon monoxide
were allowed to undergo oxidation side by side show that the
two reactions interfere with one another, suggesting that the
adsorption of the fuels is competitive. Since the oxidation
of methane is not appreciably inhibited by carbon dioxnde,
it may be concluded either that carbon monoxide is the less
strongly adsorbed fuel, and/or that the slow desorption of
carbon dioxide has more effect on the faster oxidation of
carbon monoxide.

A number of investigations of the oxidation of
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carbon monoxide over palladium catalysts have been carried
out, Schwab and Gossner 85 found that the activation energy
for the rgaction over the temperature range 250-320°¢ is
22,2 kcal.mole—l, and suggested on thc basis of their kinetic
results that the reaction involves strongly adsorbed carbon
nonoxide and wcakly adsorbed oxygen. This work is
comparable with that of Daglish and Eley 84, who, using
gimilar cxperimental conditions, obtained an activation energy
of 30 kcal.mole_l, and concluded that the rate-determining
step is the adsorption of oxygen onto two neighbouring sites
in & nearly saturated layer of carbon monoxide. These
results however are not directly comparable with those
obtained in the present work, since the concentrations of
oxygen used were probably too low for bulk oxidation to occur,
A mechanism of the type proposed for the reaction over nickel

may well be more appropriate:

¢co (g) —7 €O (ads., bridge)
0, (g) -—— 20 (ads.)
€O (ads) + 20 (ads)—- GO (ads.)
CO3 (adas)+ CO (g) —-» 2C0, (g)
Carbon dioxide has been found to inhibit the renction over
cuprous oxide 19, and 18O tracer studies show that the

reaction over this catelyst involves mainly chemisorbed

oxygen, rather than lattice oxygen.
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Since methane and carbon monoxide are adsorbed
competitively, the electron transfer processes accompanying
each adsorption are probably similar, so that information oxd
the adsorption of carbon monoxide may have some relevanée to
the adsorption of methane. Infra-red studies 85 have shown
that carbon monoxide is adsorbed on the surface of palladium

mainly as:

Q
I

C
/\
Pd P4

but also to a small extent as:

0]

I

c

I

Pd
Calculations of the % ionic character of surface-carbon bonds
indicate that such bonds are largely covalent, so that very
little elcetron transfer is involved in their formation.
This is in accord with the theories of metal bonding in
carbonyl compounds, In terms of the nolecular orbital

86, the M-C bond in terminal carbonyls is formed

formulation
by 6 —donation of two electrons from the carbon a2tom into

empty orbitals of the transition metal, together with
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Tt-donation of metal 4 - electrons into w~antibonding
orbitals of the carbon monoxide. These effects are of
comparable importance, so that the net clectron transfer is
approximately zero. In the bridged carbonyls, however, the
W~-bonding 1is probably more extensive, so that there would be
a small net electron transfer from the metal to carbon. In
the case of palladium, carbonyl formation has not been
reported., However, carbon-oxygen ‘stretching frequencies
obtained from infra-red adsorption studies indicate that the
metal-carbon bond is strong, so that the extent of M-clectron
donation from metal to carbon is considerable. Measurements
have not been made using palladium oxide, but it 1s not
unreasonable to suppose that the situation here is similar,

It may therefore be inferred that the adsorption
of methane also involves electron transfer from the catalyst.
This would fit in with the mutual cenhancement of the rates
of oxidation of methane and methanol, but is at variance
with the observed kinetics of methane oxidation, which do
not colincide with those expected on the basis of a

dissociative mechanism.

L. 3. A general assessment.

The conclusions drawn from the findings of this
work may be summarissd as follows. The heterogeneous

catalytic oxidation of methane over palledium appears to lead,
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via the reaction of adsorbed methane with adsorbed oxygen
and/or lattice oxygen from surface layers of palladium oxide,
to the formation of carbon dioxide and water only. The
reactants and products are adsorbed on similar sites (or at
any rate by similar mechanisms) with strengths of adsorption

decreasing in the order:

A 5 '
O2 > CH4 == HZO ;> CO0O 2 CO

2

The adsorption of these compounds involves electron trarsfer
from the catalyst surface, whereas the adsorption of methanol
involves electron donation to the catalyst surface. Since

the formation of adsorbed species such as:

-
CHy 2

is highly unlikely, the adsorption of both these compounds
probably involves dissociation. Thus the presence of
adsorbed CH?, H and OH groups on the cataelyst surface is quite
probable, The existence of more highly unsaturated adsorbed
carbon-containing species is also possible but less likely?
except when the gas-phase concentration of methane is high.,
Since the conclusion that methane adsorption involves
dissociation is at variance with the interpretation of the
kinetic results, this interpretation, which is based on

Langmuir-Hinshelwood mechanisms, is considered unsatisfactory.



220,

The existence of surface-carbon bonding could go some way
toward explaining the formation of carhon monoxide by the
partial oxidation of methane; this would involve reaction
between adsorhbed methyl or methylene groups arnd adsorbed
oxygen, or hydroxyl groups or carbon dioxide depending on the
components of the reaction mixture.

The progressive deactivation of the catalyst is
probably mainly attributable to the gradual formation of
palladiumrhydroxide, which is not readily reconverted %o
palladiunm,

The results of other investigations using palladium
catalysts appear to be in accord with these conclusions,

Some recent experiments have involved the use of micro-
catalytic flow rcactors, through which pulses‘of reaction
mixtures are carried by means of an inert gas. This method
incidentally has the advantages firstly that mixtures
containing comparable amounts of methane and oxygen are
allowed to react, and secondly that catalysts of much higher
surface area may be used. I+ must be realised, however, that
the kinetic interpretation of the results is a complex matter,
Stein et al39 detected carbon monoxide among the products of
the reaction over palladium, and found an activation energy
of 21.8 keal.mole T over the temperature range 180-250°¢C,

Oxygen was uscd as carrier gas in this work, so that it is
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difficult to decide whether‘or not the catalyst was covered
by a surface layer of oxide, However, in view of Boreskov's
finding (sce above) that the rate of bulk oxide formation

is very slow at 25000, and since the activation energy is so
much higher than that reported in the present work, it seems
likely that the’reaction involves oxygen adsorbed on

‘ 4
48, and Ahuja and Mathur?

palladium metal, Mezaki and Watson
have studied the reaction at temperatures between 320 and
38000. Activation energies were not reported but appear to
have becn fairly low; intermediate products were not detected.
The former work involves the use of air as carrier/oxident,
while oxygen was used in the latter investigetion. The two
studies appear to be otherwise comparable, and both groups of
workers used similar methods for analysing their results.
However, while Mezaki and Watson considered that the rate-
controlling step is thc re&iction between gaseous methane and
oxygen adsorbed on dual sites and that either or both

products may inhibit the process by appreciable adsorption,
Ahuja and Mathur concluded that all four substances are
appreciably adsorbed on similar sites, that the surface
reaction is rate-controlling, and that the adsorption of
oxXygen is non-dissociative, Mezaki and Watson's

caleculations indicate that carbon dioxide is the more weakly
adsorbed product, but that the difference between the two

strengths of adsorption is not large, and dcecreases with

increasing temperature.
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These findings are to some extent in accord with the
results of the present work, I+ is agreed that the products
inhibit the reaction, but it has here been shown that the
adsorption of carbon dioxide is negligible at temperatures
exceeding 450°C, - The finding that methane and oxygen are
competitively adsorbed agrees with the conclusions of Ahuja
and Mathur; it is interesting that their kinetic results
also indicate the non-dissociative adsorption of methane.
Thus, either the applicability of Langmuir-Hinshelwood
mechanisms to this type of problem is limited, or the current
theories of the modes of adsorption of saturated hydrocarbons
are inadequate; the former possibility secems more likely.

The principal problem which remains unsolved is the
nature of the oxygen species which takes part in the rate-
determining step. It is clear that surface palladium oxide
is the effective catalyst, since the catalytic oxidation of
methane does not proceed under conditions where a layer of

oxide is not rcadily formed. However, whether it is lattice
oxygen or adsorbed oxygen that takes pert in the reaction
cannot be decided from the present results, and neither can
the nature of the adsorbed oxygen. (Since the Langmuir-
Hinshelwood approach gives a flubious conclusion with respect
to methane adsorption, Ahuja and Mathur's conclusion with

respect to oxygen adsorption must remoin open to question),
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18O tracer studies, and adsorption and conductivity

measurements, using both palladium metal and palladium oxide,
would help to answer these questions. The adsorption of
methane under conditions where reaction takes place could
not readily be studied in isolation, however, since the
pressure of oxygen required to maintain the oxide film would

also be adequate to oxidise the adsorbate.
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