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Reactions of Nitrogen Oxides and Oxygen with

Hydrocarbons over NManganese and Related Oxides
Abstract

The catalytic reactions of nitric oxide, nitrous oxide
or oxycen with either ethane or l-butene were studied. Man-
ganese (III) oxide was evaluated as a catalyst for these
reactions in a differential-reactor flow system operated at
atmospheric pressure. This system allowed the kinetics of
reaction to be calculated and kinetic modelling studies were
used as an aid in determining reaction mechanisms.

Nitric oxide reacted in a complex sequence of steps
beginning with an irreversible bimolecular reaction between
adsorbed species on the catalyst surface. In the case of the
reactions with ethane, each reactant was adsorbed on one sur-
face site, while in reactions with l-butene each was adsorbed
on two sites. Nitrous oxide was one of the products of re-
action when nitric oxide was a reactant. In reactions with
nitrous oxide or oxygen, similar mechanisms operated and only
the products of complete hydrocarbon oxidation were observed.

In all reactions, the manganese (III) oxide went through
a phase change from the alpha to the gamma phase. A nitro or
nitrate species appeared on the catalyst surface after reactions
involving nitric oxide.

The effects of a series of oxide cétalysts were observed
on the nitrous oxide / l-butene reaction. Reactivity decreased
down the series:

Cu0, Fezoj, NioO, anoj, Cr203, Ti0,,

SCEOB’ Sn0, 2Zno0, VZOS, Alzoj.

The use of carbon fibres as catalyst supports or co-
catalysts was assessed, and the kinetics of the oxygen / ethane
and oxygen / l-butene reactions over manganese oxide / carbon

fibre were determined.
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SUMMARY

The reduction of oxides of nitrogen and the complete oxidation
of hydrotarbons are important reactions because of the impact of these
species on the urban environment. The major source of these compounds
is the automobile exhaust.

Iin this thesis, the catalytic reactions of nitric oxide, nitrous
oxide or oxygen with either ethane or 1-butene were studied. Manganese
(111) oxide was evaluated as a catalyst for these reactions in a differ-
ential-reactor flow system operated at atmospheric pressure. This system
allowed the kinetics of reaction to be calculated and kinetic modeling
studies were used as an aid in determining reaction mechanisms.

Nitric oxide reacted in a complex sequence of steps beginning
with an irreversible bimolecular reaction between adsorbed species on
the catalyst surface. In the case of the reactions with ethane, each
reactant was adsorbed on one surface site, while in reactions with 1-butene
each was adsorbed on two sites, Nitrous oxide was one of the products
of reaction when nitric oxide was one of the reactants. |In reactions
with nitrous oxide or oxygen, similar mechanisms operated and only the
products of complete hydrocarbon oxidation were observed.

in all reactions, the manganese (l11) oxide went through a phase
change from the alpha to the gamma phase. A nitro or nitrate species
appeared on the catalyst surface after reactions involving nitric oxide.

The effects of a series of oxide catalysts, including the
transitionr metal oxides, were observed on the nitrous oxide/1-butene
reaction.

The use of carbon fibres as catalyst supports or co-catalysts

in the oxidation of ethane and 1-butene by oxygen was assessed.



CHAPTER I
LITERATURE SURVEY
1o Introduction

In previous related studies, the kinetics of several catalytic
reactions of industrial significance have been determined over manganese
and related transition metal oxides (1-8). Mechanisms were proposed
and, wherever possible, conclusions based upon kinetic data were tested
by surféce chemical and physical analyses based on established techniques
- electron microscopy, infrared spectroscopy, surface area and pore
characterization by adsorption and by X-ray diffraction. Those features
of the surface chemical properties of manganese oxides, specifically,
which appeared to contribute to catalysis were investigated most recently
in studies of the water-gas shift reaction (7), the decomposition of
formic acid (8), and the redox reactions of nitrous oxide with carbon
monoxide (9-13).

Thus, the present work was intended to extend and test some of the
concepts generated by previous colleagues involved in this particular
area of heterogeneous catalysis where oxidation/reduction reactions of
environmental or industrial prominence have been examined over ''practical"
oxide surfaces. In this light, the oxidation of ethane and 1-butene by
oxygen, nitric oxide and nitrous oxide has been observed over a manganese
(111) oxide catalyst. Oxides of nitrogen, NOy, and unburned hydrocarbons
are the principal noxious contaminants arising from combustion r=zactions.
The removal of these pollutants by catalytic processes has received, and
continues to receive considerable attention with the ultimate aim of
reducing the amounts discharged into the atmosphere to acceptable levels.

The present work has been mainly concerned with contributing to knowledge



of automobile exhaust emission conversion and control systems based on
the application of solid catalysts.

This study considers the interaction of light hydrocarbons with
nitric and nitrous oxides as well as with oxygen for comparison. It was
hoped that an increased understanding of the surface reactions would
evolve. Although the emphasis is placed on manganese oxides, a number of
other transition metal oxides will be evaluated as possible catalysts
and the feasibility of using activated carbon fibres as a novel support

or catalytic material will also be assessed.

1.2 Nitnie oxdide

Nitric oxide is formed from nitrogen and oxygen as a result of
endothermic changes and its formation is favoured by an increase in tem-
perature (14). This gas, together with other oxides of nitrogen, is one
of the major urban atmospheric pollutants. In practice, they normally
occur as nitric oxide with small quantities of nitrogen dioxide, and are
together referred to as NDX.

Nitric oxide is the primary product formed during high temperature
combustion processes when atmospheric oxygen and nitrogen combine. As
the gas mixture cools, nitric oxide is oxidized to nitrogen dioxide (15)
by the mechanism:

11.2:1]

No+02 == N0

2

NO, + NO —> 2NO [.1:2:2 ]

3 2
which invokes an unstable nitrogen trioxide intermediate. Higher tem-
peratures would be expected to decrease the NO3 equilibrium concentration
and therefore the rate of nitrogen dioxide formation. Normally, exhaust
gases from combustion reactions are cooled and diluted in a matter of

seconds so that some nitrogen dioxide is produced, however, the oxidation

of nitric oxide ceases when its concentration is less than 1 ppm (16).
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121 Catalytic decomposition

The heterogeneous decomposition of nitric oxide has been
studied over a number of catalysts and the following reactivity series
established (17):

Pt > Cu0 > Fe203 > Ni0o > A120

3
The extreme kinetic stability of nitric oxide with regard to its catalytic
removal from exhaust gases has been demonstrated (18) and the céta]ytic
decomposition of nitric oxide shown to be a very slow reaction (19).

It would seem that the catalytic removal of nitric oxide might then be

promoted by suitable choice of surfaces with the potential to enhance

reduction pathways.

12:2 Catalytic neduction

It has been suggested that an efficient catalyst for the re-
duction of nitric oxide should possess a number of key physical and
chemical properties (20). The catalyst should have a low thermal
capacity coupled with high strength and thermal shock resistance in order
to operate over a wide range of temperatures. The surface should be
resistant to sulphur and to oxidation corrosion.

A number of gas-phase reducing agents - carbon monoxide, hydrogen
and hydrocarbons - augment the heterogeneous reaction rates such that
many catalysts, most notably supported precious metals (21), catalyse
the reduction of nitric oxide. Generally, the presence of excess oxygen
inhibits nitric oxide reduction (22) by altering the catalyst oxidation
state (23) and preferentially reacting with the reducing agent on the
catalyst surface (21,24). Iron (111) and chromium (I11) oxide supported
on silica-alumina were found to be more active catalysts at lower tempera-
tures for the nitric oxide/carbon monoxide reaction than the oxygen/carbon
monoxide reaction (22). |In a competitive reaction with both nitric oxide

and oxygen present, the catalytic reaction of carbon monoxide with oxygen



predominated.

The nitric oxide/carbon monoxide reaction mechanism was initially
interpreted using a Hougen-Watson approach (25,26) as a surface reaction
between adsorbed species (27,28). This proposal, however, could not ex-
plain either the formation of intermediate nitrous oxide (21,22,29-32)
or the presence of an isocyanate complex (30,33). A number of mechanisms
have since been postulated to describe the nitric oxide/carbon monoxide
reaction on various catalysts (29,30,34,35). The reaction mechanism has
been interpreted by Shelef and co-workers (21,22,29) as proceeding via a
redox process in which surface oxidation by nitric oxide was thought to
be the rate-controlling step and the following reactivity series was
proposed:

Fe203 > CuCrZOﬁ > Cu20 > Cr203 > Ni0 > Pt

> [2030“ > A1203 (5% Sioz) > MnO > V,0..

A somewhat different specific reactivity series as proposed by Alkhazov
et al. (23) corresponds more closely with other more recent investigations

of the nitric oxide/carbon monoxide reaction (36) and the nitric oxide

decomposition reaction (17):
Cu0 > C°304 > Mn30h > Fe203 > Ni0 > Cr203 > ZIn0

>> UZOS = TIOZ.

The formation of a nitrous oxide intermediate in the nitric oxide/
carbon monoxide reaction was thought to involve adsorption of nitric oxide
via the oxygen end of the molecule (37). However, isotopic exchange studies
of nitric oxide on iron oxides (38) and nickel (11) oxide (29) failed to
support this model. Surface intermediates such as nitrite (39,40) or nitro
complexes (30,41) have since been proposed in mechanistic descriptions of
the catalytic nitric oxide/carbon monoxide reaction.

In connection with NOX reduction catalysts, Andrew (20) proposed

the following reactivity series:



Pt, Pd, Rh > other group VIll metals > Co0 = MnO
> Cu0 > NiO > F3203.
The reduction of nitric oxide by methane has been studied over a deposited
platinum catalyst at 573 K (42). The reduction of nitric oxide was thought
to be described by a three-centre, four-parameter Langmuir-Hinshelwood
equation. The initial reaction involved disproportionation between two

nitric oxide molecules to produce nitrous oxide in a manner analogous to

t al. (35):

the nitric oxide/carbon monoxide mechanism proposed by Sazanova

—

2NO + 28 — 2Nozads) [1:2:5])

(ads) — NZOEads) ¥ 0(ads) [1.2.4]

2NO

NZO(ads) — N20 + £ [].2.5]

where € represents an electron.

The oxidizing species in the nitric oxide/methane reaction would
presumably be an adsorbed oxygen ion produced by step [1.2.4} and the
rupture of a C-H bond was believed to be the rate-limiting step (QZ) in
the redox reaction. |In this static system, when all of the nitric oxide
was consumed, the methane was then oxidized on the surface by the inter-
mediate nitrous oxide.

The reaction rate for the reduction of nitric oxide by propane
was 0.5 order in each reactant with an activation energy of 37.5 kJ mol-]
(43). The activation energy for nitrogen formation in the nitric oxide/
propane reaction over a bismuth phosphomolybdate catalyst was 92 kJ mo]-]
while that for nitrous oxide formation was 55 kJ mol”) (4k). The reaction
of nitric oxide with propylene over a copper-silica (3:7 w/w) catalyst
from 573 to 773 K (45) produced carbon dioxide, water and nitrogen according

to the overall reaction:

9
C3H6 # gGNO. 2> 3C02 + 3H20 + §N2° [1.2.6]

The reaction rate was shown to be 0.5 order with respect to both nitric

oxide and propylene with an activation energy of 25 kJ mol-l.



The catalytic reduction of nitric oxide by hydrocarbons over co-
precipitated binary metal oxides was studied in a flow reactor from 543
to 823 K (46) and the following activity series for the reaction of nitric
oxide with benzene was proposed:

3" Cr203 > Cul0 - Cr203

Cu0 - A]203 > FeZO

> Co30& - A1203 > Fe203 2 A1203.

Over the copper (11) oxide-alumina catalyst, a hydrocarbon activity
sequence for reaction was given as:

alkylbenzene > benzene > ethylene > octane

> isooctane > hexane > methane.

The adsorption of oxides of nitrogen on various surfaces has
frequently been studied by infrared absorption (47-50). Initially, it was
thought (47) that nitric oxide was adsorbed on a nickel catalyst as the
linear, neutral NiNO molecule. Recent evidence (50), however, suggests
that undissociated nitric oxide exists on nickel surfaces as NI(NO)Z. It

has been proposed that nitrogen dioxide may be adsorbed as a nitrate species

while nitric oxide may be adsorbed as a nitro species (48).

1.3 Nitrous oxide

The observation that the catalytic reduction of nitric oxide often
occurs through a nitrous oxide intermediate (29,42) makes studies of the
reactions of nitrous oxide important to current activities concerned with

the removal of NOx from the urban environment.

1.3.1 Catalyiic decomposition

A number of good reviews of the catalytic decomposition of nitrous
oxide are available (51-54). In these reviews it is generally agreed that

the following mechanism may be applicable:

— =
NZO(ads) + £ o— N2 + O(ads) [1.3.]']



Zo(ads) —_— 02 + 2¢ [?.3.2]

Opsgg) ¥ Ug0 = Ny & 0, [1.3.%1

The rate-controlling step has been associated with either oxygen desorption
or nitrous oxide adsorption.

The decomposition below 670 K proceeded favourably on p-type semi-
conductor oxides (CUZO’ Co0, Mn203, NiO) while n-type oxides were less
active (Zn0, CdO, TiOz, Fe In the reactivity series noted by

GaZOS)'

203
Winter (55):

Ca0 > Cu0 > FeZO > Ni0 > HnO2 > Mg0 > CrZO

3 3

> Zn0 > A]203 > Ti02,
the catalytic activity was associated with the oxygen desorption reaction
and was related to the crystal structure and lattice parameters of the
oxide. It is interesting to note that the reactivity series obtained for
the heterogeneous decomposition of nitric oxide (17) and the nitric oxide/
carbon monoxide reaction (23) follow the same pattern. The rate-controlling
step in the nitrous oxide reaction (55) involved the decomposition of
adsorbed nitrous oxide while the overall reaction rate was explained by
the number of nitrous oxide decomposition sites which were determined by
the oxygen desorption reaction. Elsewhere, it was noted that several
oxides - Ca0, Zn0, TiO,, A]203 - did not exhibit poisoning by oxygen (56).
The decomposition of nitrous oxide was thought to occur only on specific
surface sites.

The dissociative adsorption of nitrous oxide on titanium dioxide
has been shown to be proportional to the number of lattice anionic
vacancies while the electrical conductivity of the catalyst was reduced
(57). Cimino and Indovina (58) drew a parallel between catalyst activity
towards nitrous oxide decomposition and the strength of the oxygen-surface
bond. Samples of a-Mn203 prepared at 873 and 1073 K gave different values
for activation energy, 118 and 92 kJ mol-], respectively, from 550 to 700 K

for the nitrous oxide decomposition reaction. The value found by Tanaka



and 0zaki (59) for reaction over manganese (I11) oxide was 71 kJ mol-],
while a detailed kinetic study on the same catalyst by Rheaume and

], from 559 to 619 K.

Parravano (60) gave a higher value, 146 kJ mol
Cimino and Indovina (58) proposed the presence of two types of
adsorbed oxygen, one weakly bound and one strongly bound to the surface

of manganese(lll) oxide. The release of oxygen was thought to be

facilitated by the formation of a peroxide radical:

2= 2=
N0 (age) * [ 1+ 1057 15—>N, + [0], + [0°7]; [1.3.4]
2= 2>
[01, + 10°71,—> [ 1, + 10,771, 5, 3384
N0 + [ 1, + [0,271, —> N, + [07], + [e], + 0,  [1.3.6]
(071, + [elg—> [ 1, + (071 [1.3.7]

A similar peroxide mechanism had earlier been presented by Bickley and
Stone (61). The stability of an [0 ] species on magnesium oxide in the
presence of nitrous oxide was shown to involve an NZOE surface complex

(62).

182 Catalytic neduction

Most of the studies in the literature which concern the catalytic
reduction of nitrous oxide involve reaction with carbon monoxide. The
reaction between nitrous oxide and carbon monoxide on copper(l) oxide
(63,64) has been interpreted as a two-stage redox process. The rate of
nitrous oxide reduction was not appreciably influenced by carbon monoxide,
however, the slight increase in rate noted was associated with the forma-

tion of anionic lattice vacancies, [ ], as shown in the equation:

2=

3(ads) +[ 1+ 2. [V:5.8]

o + 2027 — co

The nitrous oxide/carbon monoxide reaction on zinc(ll) oxide was first
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order in carbon monoxide concentration and independent of nitrous oxide
concentration (65). The surface oxygen species involved in the oxidation

of carbon monoxide was the same whether it arose from nitrous oxide or

oxygen:
N,0 + [ 1 — [0*] + N, [1.3.9]
or
02 + [ ] — 2[0%] [1+3:10]
Co + [0*] — o, + [ 1. [1.3.11]

In competitive experiments with oxygen and nitrous oxide, the surface
sites were preferentially occupied by oxygen atoms from the molecular
oxygen. The photocatalytic oxygen/carbon monoxide reaction was 0.5
order with respect to oxygen concentration and zero order in carbon

monoxide (65) with the following reaction scheme proposed:

_
02'— z'o(ads) [1.3.12]

O(ads) + € _)OEads) [1.3.13]

0(ags) * €O —>CO, + €. [1.3.14]

A surface reaction scheme involving chemisorbed nitrous oxide and
carbon monoxide species was described for catalysis on chromium-promoted
iron(111) oxide (66). The results of a study of the nitrous oxide/carbon
monoxide reaction on p- and n-type cobalt ferrite were explained by a
mechanism invoking initial dissociative chemisorption of nitrous oxide
to produce active surface oxygen (67) and a redox mechanism was proposed
for the same reaction over tin(lV) oxide (68). The chemisorption of
carbon monoxide was followed by lattice oxygen abstraction and the
desorption of carbon dioxide. The rate-determining step was felt to be
re-oxidation of the catalyst by nitrous oxide.

Recent work by Krupay and Ross (10-13) on the nitrous oxide/carbon
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monoxide reaction on several transition metal oxides indicated that a
carbonate intermediate probably formed during catalysis over magnesium
oxide, scandium(l1!) oxide, vanadium(V) oxide, chromium(l1l) oxide and
cobalt(l1,111) oxide. The reaction over manganese(ll) oxide (11) and
nickel(11) oxide (9) was thought to involve interaction of adsorbed

species as the rate-limiting step followed by carbon dioxide desorption:

N,0

2" (ads) * CO(

ads) 4 Nz + Coz(ads) . [].3.15]

On the other oxides, reaction was thought to proceed further:

N20 + Coz(ads) - COB(ads) g Nz [1.3.16]
co + CoB(ads) — (:02 + coz(ads) [1.3.17]
COZ(ads) —> €0, + 25 [1.3.18]

where S represents a surface site, while the mechanism proposed for reaction

over vanadium(V) oxide (10) involved a concerted redox scheme:

NZO(ads) + [ ]A-——a N2 + [0]A . [71.3.21]

Generally, then, the catalytic reactions of nitric or nitrous oxide
involve a reduction/oxidation cycle. On this basis, the catalytic decomposi-
tion and reduction of these oxides has been reviewed and, the inclusion

of a brief summary of the kinetics of the complete oxidation of hydro-

carbons seems appropriate.

1.4 Hydrocarbon oxidation

The catalytic conversion of hydrocarbons to CO2 and H20 is particu-
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larly important in the control of air pollution as a method of reducing
noxious organic impurities by catalytic combustion. The chief problem in
finding a suitable catalyst, according to Kemball and Patterson (69), is
in obtaining high activity for oxidation at low temperatures combined with
high stability.

The differences in the nature of the interactions of hydrocarbon
and oxidant on the catalyst surface determines whether partial or complete
oxidation of the hydrocarbon occurs (70). The two alternatives were
described as occurring by parallel, not consecutive, reactions (71).

Various models have been proposed to describe hydrocarbon oxidation
reactions. A Hinshelwood mechanism (72) would involve the interaction of
adsorbed oxygen with a weakly adsorbed or gas phase hydrocarbon molecule.
At the steady state, the rate of removal of adsorbed oxygen by reaction
would equal the rate of oxygen adsorption. A Mars and van Krevelen
mechanism (73) would require the assumption of a steady state between

two steps:

hydrocarbon + catalyst —>product + reduced catalyst [1.4.1]

reduced catalyst + 02‘——9 catalyst . [1.4.2]

Lyubarskii (74) proposed that oxidation occurred through the initial in-
teraction of a chemisorbed hydrocarbon species with either gaseous or
chemisorbed oxygen. This would be followed by a complex series of steps
involving surface radical reactions. The Knox theory for saturated hydro-

carbon oxidation (75) assumes the sequence:
alkane —> alkene —> aldehydes,alcohols.

A number of reviews of the catalytic oxidation of hydrocarbons are available
in the literature (76-80). Generally, the reaction rate for complete
oxidation has been described as proportional to the first power of the
hydrocarbon concentration in the presence of excess oxygen (76). The

activation energy and pre-exponential factor increase with the number of
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carbon atoms and the rate-limiting step has been related to the nature
of the adsorbed hydrocarbon radical or to the chemisorption of oxygen.
In spite of all of the studies attempted on the subject, the mechanism

of the action of catalysts in hydrocarbon oxidation often remains unclear.

1.4.1 Saturated hydrocarbons

The most active oxide catalysts in hydrocarbon oxidation reactions
(81) were found to be those of cobalt(I1,111), chromium(111), manganese(II1),
nickel(11) and cerium(IV). Later, the same investigators (82) defined an

activity series for methane oxidation:

Cr20 > Mn,0, > Cu0 > 60304 > Fe20 > Zn0 .

3 273 3

Slow ethane oxidation at 576 K produced CHZO, co, COZ’ HCOOH and
peroxides (83). It has been suggested (84) that the partial oxidation of
methane and ethane involved a radical chain mechanism. The gas phase
oxidation of ethane by oxygen at 313 to 523 K was thought to involve two
reactions - the stripping of hydrogen atoms (C-H bond cleavage) and the
cleavage of a carbon-carbon bond (85). The overall rate constant (J) was

given by:

Ke 4y = 0.9x10" !
2Hg

and the following reactions were proposed:

exp (-21,758/RT)

0+ CoHg — cuzo + H, + CH, [1.4.3]

12

k = 2.05x10 ' exp (-17,992/RT)

] [7.4.4]

CH, + 0,—> CO + OH + H + 126 kJ mol~

2
0 + C,H, —> OH + ész [1.4.5]
k= 3.8x10" ! exp (-31,381/RT)

CoHg + 0, —> [CoHZ0,]" —> C,H,0 + OH . [1.4.6]
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Reaction [1.4.5] was predominant at high temperatures. The main route in
the gas phase oxidation of ethane from 573 to 673 K consists of the reactions
of peroxide radicals (86) and recently (87) a number of reactions were

described:

CZHG + 02 — C2H5 + HO2 [1.4.7]

C2H5 + 02 — Cth + H02 [1.4.8]

CZHS + 02 — CZHSO2 [71.4.9]

CZHSOZ — CH30 + CH20 : [1.4.10]
C2H502 — Cth + H02 [1.4.11]
CZHSOZ + C2 Hh'——9 CZHhO + CZHSO [1.4.12]
CZHSO + CHg — CZHSOH + czH5 [1.4::13]
CH30 + 0, ——> CH,0 + HO, [1.4.14]
CZHSOZ + 02-—*-—9 CZHSOQ —_—> CH30 + CH20 + 02 [1.4.15]
CZHSOZ —> termination at wall. [1.4.16]

A negative temperature coefficient for the reaction rate of ethane oxidation
was observed around 623 K (87) and it has been reported that in the partial
oxidation of light hydrocarbons some oxidation steps apparently occur on

the surfaces of all reactors (88).

The chemisorption of ethane on iron(l11) and nickel(11) oxides has
been shown to involve C-H bond rupture (89) while studies of ethane oxidation
(90) on nickel(l1) oxide indicated that the hydrocarbon was adsorbed prior
to any surface reaction with preadsorbed oxygen. The formation of a

CZHS(ads) species was proposed.
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The ethane/water reaction was studied from 573 to 633 K over a

nickel-chromium catalyst (91) and the rate equation evaluated:

k p
CH
- [1.4.17]

1 + A pH?—0

p
HZ

where A = 0.6L44., The following sequence of surface reactions was

postulated:
C2H6 + S&= SCZHA + H2 [1.4.18]
SC,Hy, +S = 2SCH, [1.4.19]
SCH, + H, — S CHQ [1.4.20]
SCH, + ZHZO'-—a S + €0, + 3H, [1.4.21]
H20 + S — S0 + Hz [1.4.22]

where S represents a surface site.

The oxidation of methanol over vanadium(V) oxide at 519 to 554 K
was described by the rate expression (92):

2kykoPey oxPo,
3 [1.4.23]

k,p
1PCH,0H + 2k,p,

3 2

The authors favoured a Mars and van Krevelen mechanism where the activation
energies for catalyst reduction and oxidation were 32 and 38 kJ mol-],
respectively.

The kinetics of oxidation over palladium oxide of several C1 to
Ch alkanes and cycloalkanes has been observed (93) from 538 to 873 K.
Reaction appeared to involve the interaction of hydrocarbon from the gas
phase with palladium oxide, followed by the rapid desorption of carbon

dioxide and the slower desorption of water. The activation energy for

ethane oxidation was 8% B mol™! From €71 to 719 K.
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The complete oxidation of isobutane, isobutene and n-butane was
studied from 473 to 673 K over a supported barium chromate catalyst (94).
The proposed mechanism involved the formation of lattice defects in hydro-
carbon oxidation followed by re-oxidation of the catalyst with oxygen.

The same catalyst was also very active in the complete oxidation of aromatic
hydrocarbons.

The oxidation of methane by nitrous oxide has been observed at 873 K
in a static system (95). The products were nitrogen, ethane, carbon
monoxide and water. The dehydrogenation of butane in nitrous oxide with
water present gave butene, 19%, and butadiene, 7.5% (96).

The complete oxidation of propane has been studied over hydrated
manganese (1V) oxide (97) and supported copper(l1) oxide, chromium(1I1)
oxide aﬁd ﬁal]adium (98). The activation energy for this first order, ir-
reversible reaction was 90 kJ mol_] in both cases and the products, carbon
dioxide and water, had no effect on the reaction rate (97). A recent
study of the complete oxidation of propane over nickel(I1) oxide at 553

to 763 K (99) gave the rate of C0, formation as:

kPo._ Piic
re —— [1.4.24]

p
H20

Values for £, 0.35, m, 0.25 to 0.43, n, 0.50 to 0.37, and the activation
energy, 107 kJ mo1“], were in reasonable agreement with similar studies
(100,101). At low temperatures, the rate-limiting step was thought to
involve the interaction of adsorbed propane with an adsorbed oxygen species.
The complete oxidation of ethylene, ethane, propane and carbon
monoxide was observed on a nickel(Il) oxide catalyst at temperatures from
473 to 673 K (101). It was found that water inhibited oxidation reversibly.
The rate of carbon dioxide production was given by equation [1.4.24] and
the values for £, m, and n for ethane oxidation were 0.35, 0.44 and 0.50

at 623 K; and 0.35, 0.07 and 0.95 at 513 K. The activation energy for



16

ethane oxidation was 29 kJ mo]h} below 543 K and 71 kJ mc:I-I above. The
change in activation energy was ascribed to a change in the rate-determin-
ing step. Evidence obtained from the kinetic isotope effect indicated that
the rate-determining step from 573 to 673 K was either the adsorption of
ethane as CZHS’ if the chemisorption of ethane was rate-limiting, or the
interaction between adsorbed oxygen and adsorbed ethane through attack at
the C-H bond to produce a CZH species.

1.4.2 Unsaturated hydrocarbons

Generally, unsaturated hydrocarbons are more reactive towards oxygen
than are saturated hydrocarbons and therefore they react over 'milder"
catalysts with better selectivity. The rates and selectivities vary with
the position of the double bond and the nature of substituent groups (77).

The complete oxidation of ethylene over a palladium film was first
order in ethylene and zero order in oxygen (69). The mechanism was
believed to occur through the interaction of adsorbed species on the surface
with the slow step, C-H bond rupture. The same authors studied olefin oxi-
dation over precious metals (102) and produced the activity series:

Pt > Pd > Rb > Au,

The complete oxidation of ethylene over supported transition metal oxides
(103) gave the following activity sequence at 535 K:

co3oh > Cr203 > Agzo > Mn203 > Cu0 > NiO > VZOS =

Cdo > Fe203 > MoO3 > NOB > TiO2 > Zn0.

The activation energy for ethylene oxidation over manganese(ll!) oxide
supported on silica or alumina-silica from 535 to 617 K was 57 kJ mol_l.
The same value was obtained for the oxidation of benzene over a similar
catalyst (103). The rate of ethylene oxidation over copper(l1) oxide from
490 to 613 K was 0.6 order in ethylene with activation energy between 84
and 113 kJ mol™! (104).

The catalytic properties of a number of oxides were studied in the
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complete oxidation of isobutene, acetylene, ethylene and propane (100)
and propylene (105). The authors determined a relationship between
catalytic activity in terms of reaction order and AHO, where &HO is the
heat of formation of the oxide divided by the number of oxygen atoms in
the oxide molecule. The sequence of hydrocarbon adsorption strength was:

isobutene > acetylene > propylene > ethylene > propane
which was the reverse of the activity sequence in terms of reaction order.
The reaction order with respect to each hydrocarbon concentration over
manganese (1V) oxide, for example, increased from -0.25 for isobutene to
1.0 for propane while the order with respect to oxygen concentration de-
creased from 0.54 to 0.0. |In the oxidation of isobutene, the reaction
order with respect to isobutene concentration increased along the catalyst
series:

Pt < MnO2 < Pd < C°3°h < Ni0 < F3203 < Cr203 < CGOZ-

- In studies of the oxidation of a number of hydrocarbons, Yy Yao
and Kummer (101) determined that the rate order with respect to oxygen
concentration was usually 0.5. The inhibiting effect of water was described
by orders of 0.25 to 0.35, representing values of £ in equation [1.4.24].

The oxidation of propylene over cobalt-manganese oxide spinels at
473 to 623 K was first order in oxygen and zero order in hydrocarbon (106,
107). It was suggested that the rate of the oxidation reaction was deter-
mined by the rate of oxygen chemisorption. Further studies on the complete
oxidation of propylene over transition metal oxides (108) produced the
activity series:

HnZO > Cu0 > Cr20 > Co 04 > Fe203-

3 3 3

Using a static system, Anderson and Swanson (109) studied the
complete oxidation of propylene, isobutene and benzene over lead(11) oxide
at 503 to 583 K. The reaction was first order oxygen and zero order in

1

hydrocarbon concentration with activation energies from 109 to 126 kJ mol .

It was believed that the oxygen which takes part in the reaction at the
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steady state is van der Waals adsorbed molecular oxygen at low surface
coverages. The hydrocarbons were strongly adsorbed on the catalyst
surface. In the complete oxidation of propylene, it was felt that

a negatively charged complex participated in the rate—Timiting step (70)
and that the active form initiating oxidation should be propylene.

The catalytic activity of various manganese oxides for the complete
oxidation of propylene has been studied (110) in the presence of excess
oxygen. |t was observed that the derived activation energies were close
to the bond energies of surface oxygen, and suggested the rate-limiting
steps could involve cleavage of the metal-oxygen bond on the catalyst
surface.

The catalytic oxidation of I-butene over bismuth molybdate (111,112)
was found to involve a surface reduction reaction followed by catalyst re-

oxidation with gaseous oxygen. A number of reaction steps were given:

2- . = -
CIIHB +[]+0° = CAH7 + QH [1.4.25]
MoBt & Ty — [Mo = CL‘H7]5+ [1.4.26]
Mo = CuH 15" + 027 —> Mo™ + [ 1+ OH + CyHg [1.4.27]
- o e

20H == 0% + [ ] + H,0 [1.4.28]
0. + 20 1 + 2Mo™" —> 2027 + 2m0®™ | [1.4.29]

2

The principal products of oxidation were butadiene, carbon monoxide and
carbon dioxide with some cis and trans-butene formed.

The following activity series was determined in the complete oxi-
dation of benzene (113) over transition metal oxides:

CoBO& > Cul > Mn02 > Cr203 > Ni0 > UZOS > Tio, > Fe203 > In0 ,
Rate orders with respect to benzene ranged from 0.5 to 1.0 and water had
an inhibiting effect. A correlation was found between catalytic activity
and the bond energy of the oxygen on the oxide surface.

The catalytic reactivity series presented in the literature for

transition metal oxides (82,100,103,108,113) in the complete oxidation of
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hydrocarbons show little agreement. However, some general features do

arise. Those oxides with poor reactivity-vanadium(V), iron(I111), titanium(iV)
and zinc(Il) - consist of metal atoms with empty, half-filled, or completely
filled d orbitals. Nickel(ll) oxide, d8, is usually in the middle of the
series. The most active oxides - cobalt(Il,I11), chromium(I11), manganese(Il1l)
and copper(l1) - however, exhibit no apparent regularity. As evidenced by

the preceding review, the catalytic oxidation of even the simplest of

hydrocarbons is not fully understood at the molecular level.

1.5 Carbon gibres

In the present study, the use of carbon fibres as catalyst supports
was evaluated. It is necessary at this point, then, to review some of the
general physical and chemical properties of these polymers.

Carbon fibres are usually prepared by the controlled pyrolysis of
synthetic organic polymer fibres under stress. There are essentially two
types of fibres:

Type |, high modulus, formed by pyrolysis at 3000 K and,

Type 11, high strength, formed by pyrolysis at 1500 K.

There are a number of basic reviews of the structure and physical
properties of carbon fibres available in the literature (114-119). A
complete description is outside the scope of this thesis. Those used in
the present study were based on polyacrylonitrile (PAN) and a detailed
account of their structure may be obtained elsewhere (120,121).

Generally, the basic structural unit of the fibre consists of
undulating ribbons of sp2 carbon which form microfibrils and fibrils orienta-
ted along the fibre axis. The fibres consist of a circumferentially-aligned
outer shell connected to a central core by a honeycombed radial continuum.
The structure contains internal voids, flaws and cracks as well as surface
flaws (121).

Other general properties of carbon fibres (122) include a physical

=3

density of approximately 1.8 g cm -, an approximate crystal density of
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2.2 g c:m-3

, an expected porosity of 17% and a fibre diameter of 8 u.

The surface characteristics of various carbon fibres have been
examined by nitrogen (123,124) and krypton adsorption (125,126). Carbon
fibres and surface-treated fibres (with nitric acid) have a low specific
surface area, < 1 m2 g—l, with no significant hysteresis evident in nitrogen
adsorption/desorption isotherms. However, a desorption phenomenon related
to light exposure has been observed.

The activation of carbon fibres by controlled pyrolysis and steam
activation has been studied in order to prepare fibres with controlled ad-
sorption and structural properties (128-132). Fibres with specific surface

! have been prepared (128,133). Most of

areas of up te 2000 to 3000 m2 g
this work has been directed towards refining selective adsorption properties
of the fibres and a general review of their pore structures and properties
has been written by Bohra (134).

The use of carbon fibres as catalyst supports, however, has received
relatively little attention. And yet, because of their mechanical strength,
thermal stability, flame and chemical resistance, carbon fibres could prove
to be applicable as supports with long service life (135), particularly in
the hydrocarbon conversion field (136).

Carbon filaments alloyed with transition metals (nickel, cobalt,
chromium, manganese) have been used as catalysts in the dehydration of
secondary alcohols (137). An investigation into the use of a platinum/carbon
fibre catalyst (136) indicated that the catalyst had to be thermally activa-
ted. A palladium/carbon fibre catalyst was prepared by first activating
the fibre in air at 673 K for 2 h before immersing it into a palladium(I1)
chloride solution (135).

The patent literature describes a number of catalysts for NOx
reduction which consist of transition metals on activated carbon supports
(138,139). In the oxidation of olefins by oxygen and steam on a palladium/

carbon catalyst (140), the carbon was thought to act as a co-catalyst. The

following order of reactivity was obtained for partial oxidation:
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ethylene > propylene > butene > cyclohexene > butadiene

Another related series of catalysts would include graphite inter-
calation compounds. The scope of these catalysts, however, is severely
limited by their sensitivity to oxygen and water vapour. A recent review

of the catalytic properties of these compounds has been published (141).
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CHAPTER II
EXPERIMENTAL PROCEDURE

A Introduction

The investigation of reaction rate and factors affecting reaction
rate is of importance to research in heterogeneous catalysis. Kinetic data
are used to develop rate equations which are consistent with observations
of the reaction mechanism. Although it is not usually possible to obtain
a complete description of a catalytic reaction from kinetic studies alone,
the method has substantial significance to both laboratory and plant scale
investigations.

There are essentially three different types of laboratory reactors
which have been used in basic kinetic studies - the constant volume ''static"
reactor and the steady and non-steady-type flow reactors. ''Static' reactors
were the earliest used to study catalytic reactions (142,143), however,
they are seldom employed today because of the experimental uncertainties
involved with the technique.

Of the non-steady flow reactors, the pulsed microcatalytic
reactor is commonly used. In this technique, a fixed bed of catalyst is
exposed to a small quantity of reactants (a pulse) injected into the
carrier gas stream (144). It provides a convenient and rapid method for
studying the process of catalyst ''conditioning' by pretreating with
reactants under non-steady state conditions. A major disadvantage is that
rates are not usually extractible from the data obtained from such reactors,
so comparison with other work is not always possible unless a number of
assumptions are made (145).

Weisz and Prater (146) used a modified Schwab reactor (147) which
has been developed into the continuous-flow technique (148). In this system

a mixture of reactants, diluted by carrier gas, is passed continuously
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through a reaction vessel containing the catalyst. Reaction rates and
activities may then be determined when the reactor system operates under
steady-state conditions. The system can then be treated by the Damkdhler
equation (149) or by equations such as that developed by Menold (150).
Reaching steady-state activity, however, creates an inherent problem
regarding the exact chemical and physical nature of the catalyst after
conditioning. Complimentary data may be obtained with the steady and

non-steady type flow reactors.

2.2 FLow system
High purity helium (>99.99%) was passed through a drying column,

containing Davison Grade 564 molecular sieve, which also acted as a
pressure stablizer, into a common junction, Figure 2.2.1. Flow rates
were established using Matheson Flowmeters fitted with Matheson Millimite
fine-control needle valves and calibrated for each gas used with a soap
bubble flow meter.

The helium carrier gas was channeled into a common manifold where
it mixed with the other reactant gases in quantities related to the experi-
mental requirements. All reactant gases were maintained at an equivalent
backing pressure. The temperature of the manifold was maintained at 423 K
by heating tape. The reaction mixture then entered a preheater, which
raised the temperature of the gas stream close to that of the reaction
conditions, and then was fed into the reactor where it contacted the catalyst.
The effluent was conducted to the gas chromatograph by heated flow lines.
Product gases were periodically analyzed via a gas sampling valve. The
reaction products were otherwise vented to a fume hood.

Flow line (b), Figure 2.2.1, was used for the addition of pure
helium carrier gas to maintanin a constant total flow of 350 drn3 minql(NTP)
in the system. Lines (c) and (d) were used for the addition of hydrocarbon

and oxidant, respectively. In reaction rate studies, line (a) was used to
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introduce reaction products, such as nitrogen, carbon dioxide and water
vapour.

To introduce water vapour to the reactor, helium was passed
through an all-glass, double-pass water saturator, maintained at a constant
temperature by a water bath equipped with a Braun Thermomix || circulatory
heater which maintained the temperature at 323.0 #0.1 K. This corresponds
to a water vapour pressure of 12.3 kPa. A thin layer of silicone oil on
the top of the bath prevented the loss of bath water. Water used in the
saturator was deionized, double distilled and degased prior to use by
purging with helium for 30 min. The saturator efficiency with respect to
saturation by water vapour was examined using helium flow rates of 10, 50,
and 100 dm3 rnin-I and found to be 97.2, 97.7 and 97.6%, respectively
(appendix Al).

The vertical catalytic reaction chamber was constructed from 20 mm
i.d. quartz tubing and, with B24/L40 ground joints at each end to facilitate
the loading and removal of catalyst samples, had an overall length of 58 cm,
The catalysts were sandwiched between quartz wool plugs supported on three
dimples in the reactor wall 32 cm from the entry port.

The tubular furnace consisted of 5.14 m of chromel A resistance
wire (5.45 ohms m-l) uniformly and non-inductively wound in parallel grooves
on the quartz tube. The tube was then covered with asbestos string
(6.35 mm d) and asbestos tape to give an outside diameter of 6 cm. The
reactor was finally wrapped tightly with two layers of aluminum foil.

Reactor temperature was controlled by a Thermo Electric 400
indicating controller with a chromel/alumel thermocouple positioned in a
thermometer well touching the catalyst bed. A ballast variable resistance
was connected in series to the furnace windings and adjusted with tempera-
ture to eliminate slow temperature cycling. Careful adjustments to the
proportional and reset controls of the Thermo Electric 400 and the ballast
resistor were required to maintain the reactor temperature to within

+0.29C of the setpoint.
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The temperature distribution within the reactor was recorded by
incorporating eight chromel/alumel thermocouples at 2 cm intervals on the
outside of the quartz tubing in the asbestos string. At a helium flow of

3 ] (NTP), the catalyst bed was well within the region of homogeneous

350 dm” min~
temperature and at the temperature indicated by the controller setpoint,
+0.1°C, from 373 to 773 K.

The ground glass joints on the reactor were fitted with B24/40
teflon sleeves. The integrity of these joints was checked by mixing nitric

oxide with the helium carrier gas and checking for leaks using a Beckman

Model 951 NO/NOx Analyzer on its most sensitive range of 10 ppm fullscale.

2.3 Analysis
2:8.1 Gas chromatoghraph

The gas stream containing reaction products was analysed using
a Hewlett Packard Research Chromatograph Model 5754B with both flame ioniza-
tion and thermal conductivity detectors. Samples were injected by a dual-
loop gas sampling valve maintained at 468 K.

Two different analytical columns were used throughout the study.
The first was constructed from stainless steel tubing, 305x0.32 cm o.d.,
packed with Poropak Q (120-150 mesh). Prior to each injection, the column
oven was maintained at 333 K and this temperature was held for a post-
injection interval of 3 min which allowed nitrogen, oxygen, nitric oxide,
carbon dioxide and nitrous oxide to be eluted. The column oven was then
heated by linear-temperature programming at 60 K min_] to a maximum of
of 408 K where it was maintained for 8 min to allow water, ethane and 1-
butene to be eluted. The column oven was then recycled to 333 K. The
gas stream could be sampled every 20 min in this manner. |

The second column was constructed from 244x0.32 cm o.d. stainless
steel tubing packed with 61 cm Carbosieve B and 183 cm Poropak T. The
column oven was temperature programmed with a two-minute post-injection

interval at 333 K followed by a 60 K min_‘ temperature rise to 443 K where
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the temperature was maintained for five minutes to allow ethane to be
eluted prior to recycling. When operated at low temperatures (i.e. 293 K)
this column allowed the separation of nitrogen, nitric oxide and carbon

monoxide.

Helium was passed continuously through the columns at 30 dm3 min_].

3 3

Compressed air, 300 dm min-], and hydrogen, 30 dm min-T, were used as a

source for the jet flame of the ionization detector. In addition, an

3

auxillary stream of helium, 40 dm min_T, was passed through the flame
detector which was maintained at 448 K. This detector was used to determine
the presence of any partial oxidation products.

The flame detector oven was maintained at 453 K. The thermal
conductivity detector oven was maintained at 473 K with a current of 235 mA
passing through the filaments. Detector amplifiers were adjusted to
ensure that individual component peaks remained on scale. Chromatograms
were recorded on a Servogor S potentiometric flatbed recorder with integra-
tor, Brinkman Instruments model 2542.

For each experiment, samples of the first gases eluted through
the columns were analysed on an Hitachi-Perkin Elmer RMU-7 mass spectrometer.
This check was necessary to ensure that the first chromatogram peak was

identified accurately. With this method, nitrogen, oxygen and carbon

monoxide could easily be recognized.

23 3.2 NO/NOX analysen

The gas effluent stream could also be passed through a Beckman
Model 951 NO/NOx Analyser. On its most sensitive range, 10 ppm fullscale,
the analyser was used to check for leaks in the apparatus and to monitor
the atmosphere in the laboratory when nitric oxide was used. |t was also
used to calibrate the gas chromatograph for nitric oxide. The analyser
converts nitric oxide to nitrogen dioxide by gas-phase oxidation with ozone.
A characteristic of this reaction is the elevation of approximately 10%

of the nitrogen dioxide molecules to an electronically-excited state. These
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immediately revert to the non-excited state accompanied by the emission

of photons which impinge on a photomultiplier detector generating a

current which is amplified to drive a front-panel meter. For NOx determina-
tion, the sample first passes through a converter which dissociates any

nitrogen dioxide to nitric oxide and the total nitric oxide in the converted

sample is measured.

2.4 Gas chromatoghaph calibration

Detectors were calibrated for concentrations of gaseous components
by the exponential dilution method (151). The SKC Exponential Dilution
Flask consisted of a glass flask of known volume containing a magnetically-
driven stainless steel mixer and fitted with a septum injection port.

A constant flow of helium was passed through the flask and into the sample
loop of the gas chromatograph. A known volume of gas was injected into
the dilution flask at time =0 and by the use of equation [2.4.7]

the partial pressure of gas at time = t, pt, could be calculated.
.F
pt = po exp - ;—t [2.4.1]
where po is the partial pressure of the gas at t=0, f, the flow rate, and
v, the flask volume. At timed intervals the gas stream was sampled by the

gas chromatograph and a calibration curve of peak area against partial

pressure was constructed. All such plots were linear.

2.5 Sungace area measurements

It is well established that the surface area, SA (m2 g-l), of non-
porous solids may be estimated from the physical adsorption of gases by
deriving a value for the monolayer capacity at NTP,Xm, and using the
equation:

X

_’m i 23 -20
SA = m 6.023)(]0 Am-xlo [2.5.‘”
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where Am is the area in square Rngstrom units occupied per molecule of
adsorbate. The technique has been used extensively and gives reliable
results for relative surface area values (152).

The kinetic approach of Brunauer, Emmett and Teller (153) and
the statistical mechanical approach of Hill (154) both lead to the BET
-multilayer quation relating the monolayer volume, Vm (dm3 g—]), at the
saturation pressure of the adsorbate gas, po, to the total volume of gas
adsorbed, V, at a measured pressure, p, thus:

p - (c-1)p
V(po-p) v,C * V. Cpo [2.5.2]

where C is a constant related to the heats of adsorption and liquifaction
of the gas.

Although the BET treatment may have little theoretical validity,
it still provides a useful mathematical description of physical adsorption
processes at low temperatures. A plot of p/V(po-p) against p/po gives a
straight line of slope (C-l)/UmC and intercept l/UmC for a usual range of
relative pressures (p/po) from 0.05 to 0.35. The monolayer volume can

then be determined from the simple relationship:

V, = 1/(slope + intercept) . [2.5.3]

2.5 Krypton surgace areas

For the measurement of small values of surface area, <20 m2 g_],

it is necessary to use an adsorbate such as krypton which has a low
saturation pressure at the temperature of the experiment so that the number
of adsorbed molecules is approximately equal to the number remaining in

the gas phase (155). The cross-sectional area of the adsorbed krypton
molecule was assumed to be 19.5 & (156) and hence, specific surface area
was given by:

SA = 5.24 Um. [2.5.4]

The apparatus for the determination of specific surface area by
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krypton adsorption is shown in Figure 2.5.1. Equilibrium pressures were

corrected for thermal transpiration (156) which occurs at low pressures

-4

(10 kPa) when the mean free path of the gas molecules is of the same order

of magnitude as the diameter of the adsorbent vessel. The corrected pressure,
pe, was given from the empirical equation (157):
0.430
. 7 [2.5.5]
37.2 (dpm)? + 14.45 dpm + 1

pe = pm

where pm is the McLeod 93uge pressure, and d, the vessel diameter.

2.6 X-ray analysis

The oxides were analysed by X-ray powder diffraction techniques
before and after catalysis using a 114.83 mm Debye-Scherrer camera and
nickel-filtered copper Ko radiation from a Philips PW/1130/00/60 X-ray
Generator. Interplanar spacings were calculated from the photographic

film and compared to standard data (158).

27 Scanning electron michoscopy

Samples were characterized by scanning electron microscopy (SEM)
using a Cambridge Stereoscan 600. A standard flash evaporation technique
at 10-5 kPa was used to coat samples with a thin layer of gold. Pictures

were taken with a 35 mm camera attached to the CRT screen.

2.8 Ingrared analysis

Specimens were prepared by grinding a mixture of the oxide sample
with dry potassium bromide (0.5% w/w) in an agate mortor. Pellets were
prepared in a 1.27 cm die on a hydraulic press. |Infrared spectra were
recorded on a Beckman 1R12 Spectrophotometer operated in the double-beam
mode with a pellet of pure potassium bromide positioned in the reference
beam. Calibration of the instrument was checked against a standard poly-

styrene film.
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2.9 Thermal analysis

Carbon fibres, 40 mg, were examined on a Stanton-Redcroft
Thermobalance, Model HT-5F. The sample temperature was monitored on a
Leeds and Northrup recorder from a platinum/platinum-rhodium (13%) thermo-
couple positioned within the sample support, in contact with the platinum
crucible. A silica sheath allowed control of the atmosphere surrounding
the sample. The 37.5 mm bore platinum/rhodium wound furnace was heated
linearly at 7 K minﬂl. A flowing atmosphere of 230 dm> min—] (NTP) air or

nitrogen was maintained and weight changes of 0.1 mg could be detected.

2.10 ESCA analysis

X-ray photoelectron spectra were obtained on a Vacuum Generator
Limited ESCA-3 spectrometer using aluminum K o radiation. A 50 eV electron
analyser pass energy was used. Samples were run as powders, mounted on
double-sided tape, and the spectra were corrected for charging by reference
to the C(ls) line at 284.0 eV. Spectra were recorded and analysed by
Mr. R. Lazier and Dr. D. K. Creber of Alcan International Limited, Kingston

Laboratories, Kingston, Ontario.

2.11 Materials

2: 111 Manganese (I111) oxide

Manganese metal (Alfa Inorganics, 99.999% w/w) was dissolved in
nitric acid to give a4 Msolution at pH6. This was maintained at 333 K
while a 4 M solution of ammonium oxalate was added with vigorous stirring
to precipitate Mnczoh . 2H20. The manganese oxalate was washed free of
nitrate ions with de-ionized water and dried at 378 K for 16 h. Manganese
(111) oxide was produced by calcining the oxalate at 573 K for 5 h, followed
by 16 h at 673 K and 16 h at 873 K (159-161). X-ray powder difffaction
confirmed the a-manganese(l11) oxide phase, Table 3.3.3, and chemical

analysis (162) indicated 69.7% manganese (theory 69.59%).
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2012 Othen oxides

Scandium(111) oxide (99.9% w/w), zinc(l1) oxide (99.99%), chromium
(111) oxide (99%), iron(I11) oxide (99.99%), vanadium(V) oxide (99.9%) and
tin(l11) oxide (99.99%) were obtained from Alfa Inorganics Limited along
with manganese(11) (99.99%) and manganese(l11) oxide (99.9%). Copper(Iil)
oxide (99%), manganese(1V) oxide (99.9%) and nickel(11) oxide (99.99%) were
obtained from BDH Chemicals Limited. Aluminum(Ill) oxide (99.9%) and
titanium(1V) oxide (99%) were purchased from Baker Chemical Company. All
oxides were heated in air at 773 K for 10 h and stored in desiccators prior

to use.

Z2.11:3 Carnbon f§ibres

Two types of PAN-based carbon fibres were studied. The first was
Modmor high modulus reinforcing carbon, Type Il S (surface treated) supplied
by Morganite Modmor Limited and the second, Grafil carbon reinforcement
Type HTV from Courtaulds, Coventry.

In order to activate or increase the surface area of these fibres,
a number of techniques were evaluated. The first involved the effect of
a microwave discharge on the fibres using a Microton 200 Microwave Power
Generator MK2. Incorporated into a simple vacyum line was a plug-flow-type
reactor which had two inlet lines used to leak in the gases required to

2 kPa, then

strike a discharge. The carbon fibre plug was evacuated to 10”
the gases - argon, argon/water vapour or oxygen - were allowed to leak into
the vacuum line. A discharge was struck with a Tesla coil at pressure ranging
from 10-3 to 5){10-2 kPa and the effects upon fibre weight and surface area
were recorded.

More conventional treatment studies involved the effects of air
oxidation or steam activation at high temperatures up to 1200 K. A tube
furnace was fitted with a silica sheath to hold the carbon fibres and allow

a flowing atmosphere to be maintained. The effect of water vapour was

observed by passing nitrogen through a double-pass water saturator thermo-
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statted at 323 K and then over the fibre.

Samples of fibres were impregnated with transition metal
nitrates - manganese(ll), cobalt(11), nickel(11), copper(ll) - by im-
mersing 1 g of fibre (10 cm lengths) in 100 ml of a 10 ¥ w/w solution
of the nitrate for 24 h with constant stirring. Fibres were filtered,
washed with distilled water and dried at 378 K for 24 h and 773 K for 2 h
followed by steam activation at 773 K for 30 min. This method gave less
than 1% w/w of metal on the fibre (162).

In a second method, Modmor fibres were sprayed with a 50% w/w
aqueous solution of manganese(l1) nitrate and then dried with a hot air
gun at temperatures up to 573 K. The fibres were sprayed and dried in 10
cycles and chemical analysis (162) indicated 9.5% w/w manganese on the

carbon after treatment in nitrogen at 773 K for 2 h.

2ol a4 Reagents
Ethane (99.0%), 1-butene (99.0%), nitric oxide (99.0%) and

oxygen (99.99%) were supplied from Matheson of Canada Limited. Carbon
dioxide (99.5%), nitrogen (99.99%) and helium (99.995%) were obtained from
Canadian Liquid Air Limited and nitrous oxide (99.9%) from Liquid Carbonic
Limited.

Water in the gas saturators was double-distilled and deionized
prior to use. Transition metal nitrates were Fisons Laboratory Reagent
grade while a 50% w/w manganese(ll) nitrate solution was obtained from
BDH Chemicals Limited.

The nitric oxide contained a 2.5% nitrous oxide impurity as
determined by gas chromatography. A simple cold trap of liquid nitrogen
and technical pentane (150 K) was demonstrated to be sufficient to remove

this impurity to within the limits of detection, <0.002 kPa.
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CHAPTER III
RESULTS

3.1 Introduction

Investigations of the mechanisms of heterogeneous catalytic
reactions provide an'important fundamental contribution to the development
of industrial catalysts. The reaction mechanism is composed of the nature
and seﬁuence of the individual steps involved.

The evaluation of the kinetics of heterogeneous catalytic
reactions under steady state conditions has evolved into a refined system
of concepts and methods (163). This provides the basis of chemical reactor
modeling, and a useful method for gaining knowledge of mechanisms.

The kinetic steps in a heterogeneous catalytic reaction are also
related to the characteristics of the catalyst surface and the interaction
between that surface and the reaction medium. The reaction rate as measured
experimentally may therefore becontrolledby transport phenomena such as
flow, diffusion or convection gradients (164-167). Before kinetic modeling
studies can lead to a meaningful mechanistic description, it is necessary
to remove any contribution from transport processes.

It is generally accepted that there are five major steps involved
in é heterogeneous catalytic reaction:

(1) transport of reactants to the catalyst

(2) adsorption of reactants on the surface

(3) interaction of adsorbed reactants

(k) desorption of products from the surface

(5) transport of products away from the catalyst.
Steps (1) and (5) may be rate-limiting, especially in highly porous catalyst
systems, although they do not involve a chemical reaction.

If one of steps (2), (3) or (4) is rate-controlling, the catalytic
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reaction may be interpreted using the Arrhenius equation:

k = A exp (—Ea/RT) [5.1.7])

where k is the rate constant, A, the pre-exponential factor, and Ea,
the apparent activation energy. For chemically-controlled reactions, the

V while that For

activation energy is generally greater than 40 kJ mol
reactions which are entirely diffusion-controlled normally ranges from 8 to
16 kJ mcnl-l (168). An intermediate contribution by diffusion factors
would yield experimental activation energies somewhere between 8 kJ mol_]
and the true value. The evaluation of transport effects, then, is very
important in any catalytic investigation.

The catalytic reaction rate is influenced by temperature and
concentration gradients within the catalyst as a result of diffusion
phenomena. To test for heat and mass transfer to the external surface of
a fixed bed of catalyst, variations in the fluid diffusion coefficients
are observed with changes in the linear velocity of the fluid (167,169).
The reaction rate will be expected to increase with increase in flow rate
in a catalytic reaction with film diffusion limitations.

Chambers and Boudart (170) noted that the usual test of examining
the effect of total flow rate on the reaction may fail due to a lack of
sensitivity under certain conditions of heat and mass transfer. The usual
tests of examining the isothermal effects of flow rate (167) and particle

size (167,171 ) were therefore extended by determining the experimental

activation energy of the catalytic reaction under different conditions (172).

3.2 Diggusion effects

Preliminary investigations of the catalytic oxidation of a number
of hydrocarbons - ethane, propane, butane, ethylene, propylene, 1-butene -
by nitric oxide, nitrous oxide and oxygen over manganese(lll) oxide in-
dicated that complete oxidation occurred. |t was decided to use the nitric

oxide/ethane and nitrous oxide/ethane reactions as standards for in-depth
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diffusion studies.

In order to determine the chemical kinetic parameters accurately,
it was necessary to alter the experimental conditions of reaction to
identify the true kinetic regime. Initial studies indicated that reactant

partial pressures of approximately 2.6 kPa from 573 to 673 K gave less than

15% ethane mnversion at total flow rates from 300 to 400 dm3 min-] (NTP).
No reaction was observed when each reactant was passed individually over
the catalyst in this temprature range. Similarly, no reaction was observed
when mixtures of nitric oxide/ethane or nitrous oxide/ethane were passed

through the reactor containing only quartz wool plugs at <723 K.

3.2.1 The effect 04 fLow rate: nitrnic oxide/ethane reaction

With the partial pressures of both reactants held at 2.66 kPa ,
the total flow rate through the catalytic reactor was altered from 200 to
450 dm3 min-] (NTP.). The experimental rate of product formation was examined
at 573, 623 and 673 K.

Prior to use, the catalyst (1g) was pretreated at 673 K for 180
min at the highest flow rate to ensure steady catalytic activity which was
attained after 180 min. For each flow rate, three successive samples were
analysed. The results are presented in Figure 3.2.1 as the rate of carbon
dioxide formation expressed in mol m“2 s-] versus total flow rate.

Generally, the rate of catalysis varied linearly with total flow

> i (NTP), the

rate from 200 to 300 dm> min~' (NTP). From 300 to 400 dm
rate remained constant and increased again at higher flow velocities. The
rate of nitrous oxide formation followed essentially the same curve for
all temperatures similar to that for carbon dioxide formation at 573 K.
The effect of temperature on the experimental activation energy for carbon
dioxide formation was examined by plotting the logarithm of the reaction
rate against the reciprocal temperature for each flow rate, Figure 3.2.2.

The three points did not lie on a straight line so that two values for

apparent activation energy were estimated, one from 673 to 623 K and
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the other from 623 to 573 K. The values did not vary systematically with
flow rate, Table 3.2.1, and the averages were 62 kJ mo]ﬁl for the high
temperature region and 34 for the low region. A similar two-stage

Arrheniys plot was obtained using reaction rate constants, section 3.3.2.

3. 2.2 The efgect of flow rate: nitrous oxide/ethane reaction

Variations in the total gas flow rate on the catalytic rate were

5 whe (NTP). The

examined at 573, 623 and 675 K from 200 to 450 dm
partial pressures of nitrous oxide and ethane were both maintained at
2.66 kPa.

The manganese(l11) oxide catalyst was pretreated with the
reactant mixture at 673 K for 180 min to ensure steady catalytic activity.
The results are presented in Figure 3.2.3 as the rate of nitrogen or
carbon dioxide formation versus total flow rate. At 573 K, the catalytic
rates were relatively unaffected by total gas flow rate. At 623 and 673 K,
the rate increased with total flow rate, exhibiting a plateau in the 300 to
400 dm3 min-] (NTP) range. The effect of total gas flow rate upon the
apparent activation energy was estimated from an Arrhenius-type plot.
The results, Table 3.2.2, indicated that the apparent activation energy
did not vary systematically with flow rate. The average value for the
apparent activation energy for nitrogen formation was 96 kJ mol_I and for

carbon dioxide formation, 116 kJ molﬁ].

in all subsequent studies, a total gas flow rate of 350 dm3 min_]
(NTP) was used since these experiments provided evidence that gas phase

diffusion effects were then minimal.

%.2:3 Parnticle size effects: nitric oxdde/ethane reaction

The effect of particle size on the catalytic rate of the nitric
oxide/ethane reaction was examined by sieving the manganese(ll!) oxide
through screens of dimensions: 0.149, 0.105, 0.074 , 0.054 and 0.037 mm.

The experimental rate was measured at 623 and 673 K for each sieved sample
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TABLE 3.2.1 The effect of total gas flow rate on the N0/02§6_
reaction over anga__
r xl(}_8 r x10-8 Experimental Ea
Flow Rate 2 3 . P
dm3 min-‘ (mol m“2 S—I) (mo1l rn-2 s-]) (kJ mol-])
573K 623K 673K 573K 623K 673K 673K-623K 623K-573K
200 1.97 3.49 8.89 1.69 2.34 2.15 65 34
250 2.54 L,15 10.50 2.05 2.76 2.39 65 29
300 2.85 5.10 12.35 2.34 3.36 3.26 62 35
350 2.88 5.41 12.76 2.77 3.73 3.43 60 37
400 2.90 5.39 12.92 2.80 3.83 4.07 61 37
450 3.85 6.61 15.83 3.60 4,69 L.82 61 32
TABLE 3.2.2 The effect of total gas flow rate on the N20/6256_
reaction over Mn°23—
r x10-8 r xIO-8 Experimental Ea
Flow Rate 1 2 P
(dm3 min—]) (mol. m 2 s-]) (mo1 m-2 sh])
573K 623K 673K 573K 623K 673K From r,  From r,
200 1.69 14.9 41.6 0527 L. o4 12.6 104 124
250 1.97 7.1 50.2 0.31 4.50 14,1 105 124
300 3.39 19.5 53.7 0.63 L. 71 16.5 89 105
350 3.45 19.7 53.2 0.63 5.24 16.4 88 105
400 3.47 19.6 70.5 0.68 L.95 21.7 97 112
450 4,32 20.6 79.4 0.51 5.37 23.4 93 124
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ﬂﬂgoo particle size effects on the NO/Cﬁﬁe reaction
- L

Surface Rates at 623K Rates at 673K Experimental

Sample Size Weight Area (mo1l m—2 s_]) (mo1l m-2 s-]) Ea

(mm) Percent (m2 g_]) £2x10-2 £3x10—8 £3x10'8 Eaxloﬂ (kJ mol_])

<0.037 56 15.5 5455 3.40 10.8 3.50 L6
0.037-0.053 18 15.8 5.65 3.48 11.5 3.60 45
0.054-0.073 9 17.8 5.52 3.54 10.5 3.44 45
0.074-0.104 7 17.7 5.62 3u.2] 12.2 3.53 65
0.105-0.149 5 16.5 5.33 3.20 10.1 3.48 L5

>0.149 5 14.8 5.10 3.31 9.8 3.40 46
TABLE 3.2.4 Mn effects on the Nzofczﬂe reaction

293 particle size

Sample Size

Rates at 623K

Rates at 673K

Experimental Ea

(mm) (mol e g (mol e s_]) (kJ mol_l)
L]xlo-? £2x10-8 I4X10-7 LQXIO—? From O From o
<0.037 1.97 5.24 4,92 1.52 64 74
0.037-0.053 1.96 5.26 L.78 1.38 62 67
0.054-0.073 1.89 5.20 5.28 1.57 72 77
0.074-0.104 1.83 L4.92 5.45 I'«/58 76 80
0.105-0.149 1.52 3.96 L, 55 1.31 77 84
>0.149 1.55 3.96 5.03 1.44 82 90
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after steady catalytic activity was attained.

The results are presented in Table 3.2.3 along with the weight
percent obtained for each sieved sample and its surface area as measured
by krypton adsorption. An approximate experimental activation energy value
could be obtained from a two-point Arrhenius plot for each sample. These
values were generally lower than those found in the flow rate studies,
however, no systematic variation was noted in the experimental activation
energy or in the reaction rates with particle size. Since the ratio of
grain volumes between the largest and smallest particles differed by a
factor of 65, the catalytic rate was regarded as independent of particle

size and therefore pore diffusion influences were minimal (173).

3.2.4 Particle s4ize effects: nithous oxide/ethane reaction

The effect of variations in the catalyst particle size on the
nitrous oxide/ethane reaction were examined in the manner described in
the previous section. As indicated in Table 3.2.4, neither the catalytic
rate of reaction nor the experimental activation energy altered systematically
with particle size. |
Further studies using manganese(lll) oxide as catalyst were then
performed on the sample with particle size <0.037 mm diameter since this

fraction contained the greatest weight of sample (56%).

3.3 The nitrnic oxide/ethane reaction over manganese(I11) oxdide

Manganese(l11) oxide was exposed to nitric oxide and ethane at
partial pressures of 2.7 kPa each in helium at 673 K. The rate of product-
nitrogen, carbon dioxide and nitrous oxide-formation increased slightly
in the first 30 min and remained constant for at least 24 h. The percentage
conversion of ethane was 6.5% at this temperature and no partial oxidation

products were observed.
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3.3.1 Reaction rate ondens

Rate orders for the nitric oxide/ethane reaction were measured
at 623 K for nitrogen (r]), carbon dioxide (rz) and nitrous oxide (r3)
formation.

Nitric oxide

With the partial pressure of ethane held constant at 2.71 kPa,
the effect of nitric oxide on reaction rates was observed by varying its
partial pressure from 0.83 to 11.75 kPa. Plots of In (rate) versus In
(partial pressure) used to determine rate orders exhibited linear relation-
ships in the range studied, Figure 3.3.1. The reaction rate orders with
respect to nitric oxide partial pressure were described by:

0.5 . 0.3 . 1.2
Fy @ Pyo” 3 Tp @ Pyg” s and rs o Pno

Ethane

The dependence of reaction rates on variations in ethane partial
pres;ure from 0.73 to 6.59 kPa- was examined with nitric oxide maintained
constant at 3.0 kPa. Again, linear relationships were observed, Figure 3.3.1,

and the slopes gave the rate orders with respect to ethane as:

0.5 0.7 0.5
ry & p s o M o ; and r, a p :
1 C2H6 2 c H6 3 CZHE

2

Nitrous oxdde

The partial pressure of nitric oxide was maintained at 2.82 kPa
and ethane at 2.41 kPa while the partial pressure of nitrous oxide was
varied from 0.23 to 6.06 kPa.. Over this range, nitrous oxide had no
0 ; while a linear
N,O °

0.3

2
logarithmic plot was observed for carbon dioxide formation, rp G pN.O’
2

effect on the rate of nitrogen formation, Fpop

Figure 3.3.1. The rate order data are summarized in Table 3.3.1.

Niznogen

The effect of nitrogen on the reaction rates ry and ry was observed
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by maintaining the partial pressures of ethane afid nitric oxide constant
at 2.52 and 2.61 kPa, respectively, and altering the partial pressure of
nitrogen from 0.09 to 9.21 kPa. The rate orders with respect to nitrogen
¥

were zero throughout the range investigated.

Carnbon dioxide

Carbon dioxide partial pressure was altered from 0.15 to 5.87 kPa
with the partial pressures of ethane, 2.57 kPa, and nitric oxide, 2.93 kPa,
held constant in order to observe the effects of carbon dioxide on reaction

rates. The relationships were: " and r3 o Pgo 3

2

Watern vapour

With the partial pressures of ethane and nitric oxide maintained
at 2.47 and 2.88 kPa, respectively, from 0.04 to 1.4 kPa of water vapour
was added to the system and shown to have no effect on the reaction rates.

On the basis of these rate order determinations, the rate of

reaction of nitric oxide with ethane, r (mol m_2 s_l), can be expressed as:

0.5 _0.5

ry =k, P P 3.3.1
] 1 "NO C,Hg [ ]

0:3 0.7 0.3
Fp =k, P P P 380
2 2 "NO C,Hg N0 [ ]
_ 1.2 0.5 o
37 % Pno e (3.3.3]

- T P 4 The efgect o4 temperature

The catalytic reaction rates were determined from 673 to 573 K in
decreasing 10 K intervals after catalyst pretreatment at 673 K for 2 h with
nitric oxide and ethane at 2.74 and 2.71 kPa, respectively. Rate constants
were calculated by integration of equations [3.3.71, 2, 3] as a function of
concentration and the values obtained were plotted in the Arrhenius fashion,
Figure 3.3.2. The rate of nitrous oxide formation was constant over this
temperature range and hence the specific rate cénstant did not change with

temperature. Two distinct temperature regions were observed in the linear
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TABLE 3.3.1 The effect of component partial pressures on the

rate of the NO/Coﬂé reaction over Mn,0, at 623 K

PCZH6 r]xIO 8 r2x10 8 r3xIO 8
(kPa)
(mol m-2 5"]) (mo1 rn_2 s-l) (mol m—2 s_])

0.73 2.06 2.44 1.37
1.05 2.49 O 1.46
1.42 3.09 3.69 1.97
2.08 3.60 5.02 2,23
2.83 4,25 6.30 2.53
3.47 4,72 6.86 2.66
L4.62 5.53 8.84 3.30
5.45 6.00 9.86 3.60
6.59 6.65 10.98 L.16
PNo

(kPa)

0.83 2.02 4,20 0.52
1.38 2.83 4.80 112
1.70 3.73 6.26 1.50
3.05 L. 76 7.12 2.70
3.28 5.10 712 2.53
3.59 L.72 6.78 3.35
3.73 L. 89 6.09 3.22
5.14 5.32 7.55 L.63
7.29 6.91 8.96 T2
9.53 6.78 9.78 10.12
11.75 7.38 10.21 16.13
P

NZO

(kPa)

0.59 9.99 8.15 E
0.70 9.26 8.11 =
1.02 9.52 8.84 -
1.56 9.82 9.95 -
3.30 9.7k 12.35 =
5.04 11.32 13.81 -
6.06 10.38 14.50 =
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plots obtained for both nitrogen and carbon dioxide rate constants, namely,

from 673 to 613 K and from 613 to 573 K as shown in Table 3.3.2.

TABLE 3.3.2 Kinetic parameters for the NOZEQE& reaction over ang3_
673 - 613 K 613 = 573.K

E, (from k) (kJ mol 1) 78 k4 32 +4

A (mol_04?0m2g_l) 53.1 9.96x10—2

E, (from k,) (kJ mol 1) 63 +h 22 4

A (mo1™0+3 g% 5L 86.2 4.12x1072

3:.3:3 The efgects of reaction conditions on catalyst properties

The surface area of a freshly-prepared catalyst, 15.5 m2 g—],

decreased slightly to 15.0 rn2 g_] after 24 h exposure to nitric oxide,
2.7 kPa, and ethane, 2.7 kPa, at 673 K. Since surface areas as measured
on the krypton BET apparatus could be reproduced to within 0.3 m2 g'l,
the slight decrease in surface area was deemed insignificant.

Scanning electron micrographs, Figure 3.3.3, appeared to show a
separate crystalline phase on parts of the oxide surface after catalysis
at 673 K. The presence of smaller, more ordered particles may be observed
in A and B of Figure 3.3.3, while the condition of the remainder of the
surface of the particles, C, indicates rounded edges and a high degree of
surface roughness. This surface appears identical to that noted for
manganese(l11) oxide prior to catalysis. Samples which were further heated
under reaction conditions to 873 K exhibited surface sintering and
crack formation, D.

The infrared spectrum of unreacted manganese(ll!) oxide, Figure
3.3.4 A, consisted of peaks at 670 (m), 600 (sh), 525 (s), 495 (sh) and
400 (w) t:m_I and was similar to that found for pure manganese(lll) oxide
(A1fa lnorganics, Ventron) with the exception that no peak was apparent at

400 cm-]. After catalysis of the nitric oxide/ethane reaction, 573 to 673 K,

the spectrum was altered to yield absorption at 1630 (m), 1390 (s) and
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TABLE 3.3.3 Manganese oxide powder diffraction patterns.

o)
d-spacings are given in Angstrom units

Unreacted ASTM 1/1g  Mn,0 ASTM 1/1 ASTM /1
3 ° o
Index afar Index Index
a-Mn203 catalysis X-Mn203 HnBOQ
(NO/C,H,)
2,72 2.72 100 2.48 2.48 100 2.48 100
1.666 1.649 30 2.74 2.7k 70 2.75 63
3.849 3.84 25 3.08 3.08 60 3.08 31
1.420 1.421 14 1.543 1.55 60 1.54 50
2.356 2.35 12 1.558 1.59 30 157 50
2.009 2.015 14 1.80 1.83 30 1.79 18
1.846 1.835 14 2.08 2.03 20 2.03 15
1.453 1.445 10 L4.93 Lo 4.92 20
2.39 40
TABLE 3.3.4 X-ray photoelectron spectroscopy results
Catalyst 01s Mn 2p 3/2 N1s
(eV) (eV) (eV)
unreacted Hn203 528.7 640.7 -
Hn203 at 673 K 529.5 641.0 406.5
for 24 h
(NO/C,Hg)
ano3 at 673 529.7 641.0 L06.4
to 573 K
(NO/C,H)
Mn203 at 673 K 529.3 641.0 -
for 48 h
(N,0/C,H)
ano3 at 673 529.0 641.0 =
to 573 K
(N,0/C,Hc)
ano3 at 593 529.5 641.0 -
to 523 K

(02/C2H6)
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845 (w) cm-], which, along with the peak at 350 (m) cm-], Figure 3.3.4 C,
is consistent with the spectrum of manganese(ll) nitrate, Figure 3.3.4 B.
Other peaks appeared at 615 (s), 490 (s) and 425 (m) cm-]. The spectrum
observed for pure manganese(ll) oxide (Alfa Inorganics, Ventron) indicated
a single peak at 340 cm-] while that for manganese(IV) oxide (Alfa Inorganics,
Ventron)_showed absorption bands at 615, 400 and 335 cm_]

Chemical analysis of unreacted manganese(ll1) oxide indicated
69.7% w/w manganese (théory 69.59%). Analysis of the oxide after catalysis
gave 68.56% w/w manganese. Exposure of the catalyst to the reaction mixture
produced a brown surface colouration after the steady state was achieved.

The X-ray powder diffraction pattern of unreacted catalyst in-
dicated that the sample was alpha-manganese sesquioxide (a - Mn203J which
occurs naturally as partridgeite. After reaction at 623 K, the diffraction
pattern was altered, Table 3.3.3, and this most closely corresponded to the
pattern for gamma-manganese sesquioxide ( XFMn203) which is nearly identi-
cal to that for manganese(ll,l1l) oxide and, indeed, a close relationship
between the two has been observed (159).

X-ray photoelectron spectroscopy results for unreacted manganese
(111) oxide gave 0 (1s) and Mn (2p 3/2) values of 528.7 and 640.7 eV,
respectively. These values were not altered appreciably after catalysis
at 673 K or 623 K, Table 3.3.4. However, binding energy values of 406.5

and L406.4 eV were measured in the N (Is) spectra after catalysis.

3.4 The nitrous oxide/ethane reaction over manganese (I11) oxide

The rate of nitrogen and carbon dioxide formation in the reaction
of nitrous oxide with ethane over manganese(lll) oxide at 673 K decreased
slightly over the first 15 min of reaction. The partial pressures of both.
reactants were 2.66 kPa. The rates were constant for a minimum of 48 h
at an ethane conversion of 15% at this temperature. The only products

observed were nitrogen, carbon dioxide and water.
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3.4.1 Reaction hate ordens

Rate orders were determined at 623 K using nitrogen (r]) and
carbon dioxide (rz) rates after catalyst pretreatment under standard

conditons for 3 h.

Nitnie oxide

Ethane partial pressure was maintained at 2.66 kPa while nitric
oxide was varied from 0.67 to 5.32 kPa to observe the effects on r] and roe
A reaction rate order of 0.8 was obtained with respect to nitric oxide

partial pressure in the logarithmic plots for both rates, Figure 3.h4.1.

Ethane

The effects of variations in ethane partial pressure were
observed with the partial pressure of nitrous oxide held at 2.66 kPa. A
reaction rate order of 0.7 was determined for ethane partial pressures
from 0.67 to 3.33 kPa and, as indicated in Figure 3.4.1, a rate order of
0.2 was observed from 3.33 to 5.32 kPa. The data are summarized in

Table 3.4.1

Nitrogen
With both nitrous oxide and ethane partial pressures held constant
at 2.66 kPa, the effect of nitrogen partial pressure on rp was observed.

The rate order with respect to nitrogen was zero in the range of partial

pressures from 0.33 to 5.32 kPa.

Carnbon dioxide

Variations in the carbon dioxide partial pressure from 0.33 to
5.32 kPa had no effect upon the rate of nitrogen formation, ry @ Pgo R

2
Nitrous oxide and ethane partial pressures were each held constant at

2.60 kPa.



TABLE 3.4.1.A
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The effects of component partial pressures on the

rate of the N,0/C,H, reaction at 623 K over Mn,0s_

=7 -8 -7 -8
Pc2H6 r|x10 rleD PN 0 r]xlo r,x10
(kPa) (mol m 2 s—]) (Mo > s-]) (kPa) (mol " s_]) (mol e S—I)
0.67 0.88 2.46 0.67 0.91 1.89
1.33 1.37 3.18 33 1.52 3.68
2.00 1.81 L, 84 2.00 2.46 6.57
2.66 2.2] 5.24 2.66 2.82 7.60
3.33 2.61 6.90 3.33 3.20 8.59
3.99 2.69 7.03 3.99 3,13 9.96
L.66 2.76 7.43 4,66 4,23 11.79
5.32 2.86 7.77 5.32 L. Ly 12.65
TABLE 3.4.1.B The effects of component partial pressures on the
rate of the 0,/C,H¢ reaction at 573 K over Hn223L—

-8 -8
P r,x10 P r,x10
c2H6 2 02 2

-2 -1 =2 -1

(kPa) (molm“ s ') (kPa) (molm“ s ')
0.67 L. 84 0.67 5.20
1.00 6.00 1.00 6.95
1.33 7.20 1.33 8.15
2.00 8.97 2.00 9.34
2.66 10.59 2.66 10.59
3.33 12.61 3.33 12.19
3.99 15.53 3.99 12.86
4,66 18.65 4,66 13.43
5.32 21.03 5.32 14.29
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Watern vapour

The addition of from 0.04 to 1.5 kPa of water vapour had no
effect upon reaction rates.
The experimental rate of reaction was therefore represented by

the expressions:

0.8 0.7
r= k P P 3.4.1
N,0 C,Hg [ ]
for 0.67 < PC B, < 3.33 kPa and
26
0.8 0.2
r= k P P [3.4.2]
N20 C2H6
for 3.33 < Pc H < 5.32 kPa,
276

where r and k represent either r] and kI or r, and k2'

3.4.2 The effect of temperature

Steady catalytic activity was obtained after 2 h exposure to the
standard mixture of 2.66 kPa each of nitrous oxide and ethane at 673 K.
Reaction rate constants were calculated by integration of the rate

equation [3.4.]1] as a function of concentration from 673 to 573 K. Two

apparent activation energies were obtained using ro namely 133 +4 kJ mol-]

‘ from 613 to 573 K, Figure 3.4.2. The

pre-exponential factors were 6.35x108 and 3.27x106 mol_o'5 EO'S m-2 s-],

from 673 to 623 K and 106 +4 kJ mol

respectively. From r, a single value of activation energy, 130 4 kJ mol-],

was determined over the region 673 to 573 K with the pre-exponential factor

ré s—]. The data are summarized in Table 3.4.2.

9.72x107 mol @2 £0+2

3.4.3 The effects of neaction conditions on catalyst propertics

The catalyst surface area was not altered by the nitrous oxide/
ethane reaction at 673 K after exposure periods up to 48 h. Under the

scanning electron microscope, the catalyst surface also appeared unaffected
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Figure 3.4.2 Arrhenius plots for the ”20/'32“6 ( m ks @ kz) and

OZ/CZHG ( Q kz) catalytic reactions over Mn203.



Figure 3.4.3 Scanning electron micrographs of Mn, 0, after the

catalytic HuU/C_H. reaction; at 673 K, A and B;

and at 673 K with an excess of water vapour added,

C and D,
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by reaction, Figure 3.4.3 A and B. When a large excess of water vapour
was passed over the oxide with 2.66 kPa of nitrous oxide and ethane,
needle-1ike growths appeared on the surface, Figure 3.4.3 C and D.

The infrared spectra of the manganese(l1l) oxide after
catalysis at 673 K for 48 h and at temperatures from 673 to 573 K gave
absorption bands at 615 (s), 490 (s), 425 (m) and 350 (m) cmnl. With the
exception of the absence of any nitrate bands, the spectra were similar to
those observed previously from samples used in the nitric oxide/ethane
reaction.

Chemical analysis indicated 69.6% w/w manganese in the catalyst
after reaction at 673 K and the oxide remained black in colour.

X-ray powder diffraction gave the following .d-spacings in order

of decreasing relative intensity:
2.48, 2.74, 3.08, 1.543, 1.558, 1.80, 2.08.

X-ray photoelectron results indicated 0(15) and Mn(2p 3/2) values

similar to those found for the unreacted manganese(lll) oxide, Table 3.3.4.

3.5 The oxygen/ethane reaction over manganese(I11) oxdide

The catalytic reaction rate increased for the first 30 min of
reaction at 593 K and thereafter remained constant for at least 48 h. The
products of reaction were those of complete oxidation - carbon dioxide and

water - with a 15% ethane conversion at 593 K.

3.5.1 Reaction rate ondesrs

Reaction rate orders for the oxygen/ethane reaction over

manganese(l11) oxide were measured at 573 K.

Oxygen

The dependence of the reaction rate (r2) on variations in the

oxygen partial pressure from 0.67 to 5.32 kPa was examined with ethane



50

partial pressure maintained at 2.66 kPa. A reaction rate order of 0.5

was obtained, Figure 3.4.1.

Ethane
With the partial pressure of oxygen held at 2.66 kPa, the rate
order with respect to ethane partial pressure was 0.6 from 0.67 to 2.66 kPa

and 0.85 from 2.66 to 5.32 kPa, Figure 3.4.1.

Carbon dioxide

When the carbon dioxide partial pressure was varied from 0.20 to
5.32 kPa with oxygen and ethane partial pressures maintained at 2.66 kPa,
no changes in the steady-state concentrations of oxygen, ethane or wafer
were observed. Therefore the rate order with respect to carbon dioxide

was Zero.

Water vapour

With oxygen and ethane partial pressures kept at 2.66 kPa, the
reaction rate was zero order with respect to water vapour partial pressure

from 0.04 to 1.5 kPa.

On the basis of these results, the rate of reaction was expressed

as:
0.5 0.6
r, =k, P P
2 2 02 C2H6 [3.5.1]
where 0.67 < PC < 2.66 kPa and
H
26
0.5 0.85
rs = ks P P [3.5.2]
2 2 02 c2H6
where 2.66 < < 5.32 kPa.

P
C2H6
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3,5.2 The effect o4 temperature

After catalyst pretreatment with 2.66 kPa oxygen and 2.13 kPa
ethane at 593 K for 3 hr, the rate of carbon dioxide formation was determined
from 593 K to 523 K at 10 K intervals. Rate constants were calculated
from the integrated form of equation [3.5.7], Table 3.4.1 and plotted in
the Arrhenius fashion, Figure 3.4.2. The results lay on the same straight
line as those for the rate of carbon dioxide formation in the nitrous
oxide/ethane reaction. The apparent activation energy was 130 +4 kJ mol

and the pre-exponential factor, 9.72x107 molqo'lpeo'lng_l.

5:5:3 The efgects of neaction conditions on catalyst properties

No change in surface area was noted after reaction at 593 K for
48 h. Similarly, no change in the catalyst surface structure was apparent
from scanning electron microscopy.

The infrared spectrum of manganese(l!1) oxide after catalysis at
573 K was identical to that observed for the same oxide after the nitrous
oxide/ethane reaction. This consisted of bands at 615 (s), 490 (s), 425 (m)
and 350 (m) cm'.

Analysis of the catalyst after reaction at 573 K indicated 69.8%

w/w manganese present.

The X-ray powder diffraction pattern was similar to those obtained

in previous studies with the calculated d-spacings:

2.48, 2.74, 3.08, 1.543, 1.558, 1.80, 2.08.

X-ray photoelectron results, Table 3.3.4, did not vary greatly

from those found for the original unreacted catalyst, Table 3.3.4.

3.6 The nitric oxide/l-butene reaction over manganese(ITI) oxide

When the catalyst was exposed to 3.06 kPa nitric oxide and 2.32 kPa
1-butene at 673 K, the initial rates of nitrogen and carbon dioxide forma-

tion were very high, Figure 3.6.1. These rates quickly decreased to steady
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values in approximately 5 h. The rate of nitrous oxide production in-
creased in the first hour and then decreased to reach a constant Qa]ue
after 5 h. Under these expérimenta] conditions, the rate of reaction
remained constant for up to 48 h and the conversion of 1-butene reached 13%

at 723 K.

3.6.1 Reaction hate ondens

Rate orders were determined at 673 K after catalyst pretreatment
under standard conditions of 2.89 kPa nitric oxide and 2.35 kPa 1-butene for
12; ks

Nitrnic oxdde

The paftia] pressure of nitric oxide was adjusted from 0.17 to
8.17 kPa with 1-butene maintained at 2.60 kPa. A reaction rate order of 0.5
with respect to nitric oxide partial pressure was found from logarithmic
plots of nitrogen and carbon dioxide experimental rates, Figure 3.6.2. For
the rate of nitrous oxide formation, a rate order of 1.35 with respect to

nitric oxide partial pressure was calculated.

1-Butene
A zero order rate dependency with respect to l-butene partial
pressure variations from 0.92 to 7.49 kPa was observed, Table 3.6.1, with

the partial pressure of nitric oxide constant at 3.05 kPa.

Nitrogen

With the partial pressures of nitric oxide and 1-butene maintained
at 2.41 and 2.57 kPa, respectively, the nitrogen partial pressure was altered
from 0.55 to 6.94 kPa. This had no effect on the rate of reaction, r, or
r3, and therefore the rate order was zero with respect to nitrogen concentra-

tion.

Carbon dioxide

Variations in the carbon dioxide partial pressure from 0.82 to
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7.15 kPa had no effect on the rate of nitrogen or nitrous oxide formation.
The reaction was zero order with respect to carbon dioxide concentration
with nitric oxide and 1-butene partial pressures maintained at 2.41 and

2.57 kPa, respectively.

Waten vapour

The reactant partial pressures were held constant as described in
the preceding paragraph while the water vapour concentration was altered
from 0.07 to 2.41 kPa. This had no effect on the experimental rates of

reaction and the reaction was zero order with respect to water vapour partial

pressure.
From the preceding results, the rate of reaction was given by:
_ 5045
r = kPyo [3.61]
for m and Fo and
_ 1.35
ry = k3PNo [3.6.2]

3.6.2 The effect of temverature

Specific rate constants were calculated from the integrated forms
of equations [3.6.1 and .2] with respect to concentration at temperatures from
723 to 623 K. The catalyst was pretreated with 2.89 kPa nitric oxide and
2.35 kPa 1-butene for 12 h. Apparent activation energies, determined from
Arrhenius plots, Figure 3.6.3, were found to be 69 +&4, 78 +4 and 30 4
kd mol-] from nitrogen, carbon dioxide and nitrous oxide rates, respectively.

1

The corresponding pre-exponential factors were 1.72x10" ' and 1.16

{ ol

0.59-0.52 -1 _ 1a2 . 1=0.35 ,0.35 2 -1
mol ".f ‘n“g —, and 1.99x10 “ mol 224 s o e

3.6.3 The effects 04 reaction conditions on catalyst properties

After a 48 h exposure to 3.06 kPa nitric oxide and 2.32 kPa 1-
butene at 673 K, the catalyst surface area remained 15.5 rn2 gnl. Under

the scanning electron microscope, catalyst particles exhibited a separate



25

TABLE 3.6.1 The effects of component partial pressures on the
NO/C,Hg reaction over Mn,0,;
-8 -8 -8
P r.x10 r,x10 r,xI0
C4H8 1 2 3
(kPa) (mo1 m 2 s™") (mol m 2 s™1) (mol m 2 s™
0.92 3.39 3.00 2.55
1.32 3.26 2.68 2.93
1.44 3.39 2.48 3.19
1.63 3.39 2.7h 2.90
2.77 3.26 3.16 3.16
2.84 3.29 3.55 2.81
3.22 2.87 2.80 3.19
3.72 3.10 2.81 2.90
5.50 3.26 2.81 2.58
6.09 3.26 2.74 3.12
7.-49 3.19 2.95 2.68
PNo
(kPa)
0.17 0.56 0.98 0.07
0.55 1.08 1.78 0.49
0.98 1.43 2.40 1.11
1.52 2.19 3.03 1.84
2.34 2.4 3.94 3.53
4,15 3.00 5.23 7.54
5.5 3.78 6.30 11.25
837 5.26 7.54 18.55
TABLE 3.6.2 The effect of temperature on reaction rate constants
for the NO/C,Hg reaction over Mn,0
Temperature
(k) 54x10-7 52x10_7 Eaxlo-s
723 1750 27.2 14.5
713 14.8 22.3 i3.6
703 12.4 18.4 12.8
693 10.9 15.2 11.9
683 8.91 12.7 11.0
673 7.58 10.2 10.2
663 6.19 8.35 9. L4
653 5.05 6.74 8.66
643 k.16 5.28 7.98
633 3.40 4,27 7.28
623 2.72 3.35 6.59
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crystalline phase on parts of their surface as in Figure 3.3.3, while
the remainder of the surface appeared unaffected as in Figure 3.4.3 A
and B.

The infrared spectrum of manganese(ll1) oxide after catalysis
appeared similar to that observed for the same catalyst after the nitric
oxide/ethane reaction, Figure 3.3.4 C. This included absorption bands at
1630, 1390 and 845 cm-] indicative of a nitrate species along with bands
at 615, 490, 425 and 350 cm '.

Chemical analysis indicated 69.0% w/w manganese in the used
catalyst which remained black in colour. X-ray powder diffraction pro-
duced d-spacings corresponding to gamma manganese(lll) oxide - 2.48,

2.7k, 3.08, 1.543, 1.558, 1.81 and 2.06 A.

3.7 The nitrous oxdide/1-butene reaction vver manganese(I11) oxdide

The rate of the catalytic reaction, measured as the rate of
nitrogen or carbon dioxide production, decreased slightly for the first
hour of reaction at 673 K and remained constant thereafter for a minimum
of 24 h. The conversion of I-butene at this temperature amounted to 18%

with only nitrogen, carbon dioxide and water as the products of reaction.

2704 Reaction nate onders

After catalyst pretreatment with 2.66 kPa nitrous oxide and 2.66

kPa I-butene for 3 h, rate orders were determined at 623 K.

Nitrous oxdde

With the partial pressure of l-butene maintained at 3.05 kPa,
the effects of from 0.30 to 4.93 kPa nitrous oxide on the experiméntal
reaction rates were observed. The rate order with réspgct_to nitrous oxide
concentration was 0.5 for partial pressures <2.60 kPa. As shown in Figure
3.7.1, plots of In (rate) against In pN20 were linear at low pressures and

increased with an increase in nitrous oxide partial pressure above 2.60 kPa.
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1-Butene

The partial pressure of 1-butene was altered from 0.43 to 8.27 kPa
while nitrous oxide partial pressure was maintained at 2.49 kPa. The rate

order with respect to the concentration of 1-butene was 0.4, Figure 3.7.1.

Canbon dioxdide

The partial pressures of nitrous oxide and 1-butene were held at
2.48 and 2.58 kPa, respectively, and that of carbon dioxide was adjusted from
0.62 to 8.33 kPa. This had no effect on the rate of nitrogen formation,
ry o P0 and the reaction was zero order with respect to carbon dioxide

CO2

concentration.

Water vapour

Variations in the partial pressure of water vapour from 0,09 to 2.10
kPa with nitrous oxide (2.48 kPa), and 1-butene (2.58 kPa), partial pressures

held constant had no effect on the experimental rate of reaction; s

0
Fe 0 P .
2 H20

Based on these results, the rate of reaction was expressed by:

0.5 0.4
r=kP P [3.7..1]
N20 ChHB
for both r, and r, where 0.30 < P < 2,60 kPa.
1 2 N20

3572 The efgect of temperature

The catalyst was first exposed to 2.23 kPa nitrous oxide and 2.78
kPa 1-butene at 673 K for 3 h. Reaction rate constants were calculated at
10 K intervals from 673 to 573 K from the integrated form of equation
[3.7.1]1. The specific rate constant data are summarized in Table 3.7.2.
Hheﬁ plotted in the Arrhenius fashion, the data yielded apparent activation
energies from k] and k, of 117 +4 and 126 +4 kJ mo]-I with pre-exponential

5 0.1 =0, | -2 . =}

factors 6.09x10” and l.9hx106 mol L m s
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TABLE 3.7.1 The effects of component partial pressures

on the NZO/CIHB reaction over angﬁ—

B rlx10-7 rpx1077
478 -2 -1 =2 =]
(kPa) (mol m s ') (mol m s ')
0.43 1.42 0.768
0.94 1.84 1.13
1.25 2:10 .21
1.72 2.19 1.33
2.67 2.62 1.51
3.04 3.02 1.81
3.66 3.12 1.78
4,13 3.26 1.85
6.67 3.74 2.00
8.27 3.97 2.38
N20
(kPa)
0.30 1.07 0.549
0.40 1.19 0.676
0.44 1.28 0.700
0.83 1.69 0.933
1.28 2.3 1.15
1.85 2.36 1.35
2.69 3.00 1.76
2,90 3.17 195
3.26 3.66 2.20
3.74 4 .48 2.72
4,05 5.21 3.13
L. 47 6.04 3.84
4.93 8.79 Vi87A
TABLE 3.7.2 The effect of temperature on reaction rate

constants for the N,0/C,Hq reaction over Mn°93—

Temperature . 8
(K) qulo k,x10
673 k6.7 35.5
663 35.4 24.6
653 28.8 -18.1
643 21.4 12.6
633 14.2 8.46
623 8.90 5.70
613 6.76 3.92
603 L.60 2.60
593 3.08 1.71
583 1.97 1.11
573 1.30 0.711
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3.7.3 The effects 04 reaction conditions on catalyst properties

Exposure to 2.48 kPa nitrous oxide and 2.58 kPa 1-butene for
periods of up to 24 h at 673 K had essentially the same effects as noted
in previous sections. The surface area remained 15.5 m 29_' and infrared
absorption bands appeared at 615, 490, 425 and 350 cmhl. Chemical analysis
indicated 69.2% w/w manganese and d-spacings corresponding to gamma
manganese(111) oxide - 2.48, 2.74, 3.08, 1.542, 1.556, 1.80, 2.06 A s

were determined from X-ray diffraction studies.

3.8 The oxygen/1-butene reaction over manganese (I11) oxide

With 2.12 kPa oxygen and 2.35 kPa l-butene, the catalytic reaction
rate increased slightly for the first 30 min of reaction and then re-
mained constant for at least 24 h at 523 K where the conversion of 1-butene
was 13%. Prior to any catalytic studies, then, the catalyst was pretreated

under these conditions for 3 h.

3.8.1 Reaction hate ondenrs

Rate orders for the oxygen/l-butene reaction over manganese(l!1)

oxide were determined at 473 K.

Oxygen

The partial pressure of oxygen was altered from 0.48 to 4.95 kPa with

that of 1-butene maintained at 2.77 kPa. For oxygen partial pressure

<2.20 kPa, the rate order with respect to oxygen was found to be 0.4,
Figure 3.8.1. The rate order increased with an increase in partial

pressure above this point.

1-Butene
With oxygen partial pressure maintained at 2.18 kPa, the rate order
was 0.3 with respect to l-butene concentrations from 0.46 to 7.88 kPa,

Figure 3.8.1.
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Canbon dioxide

Variations in the partial pressure of carbon dioxide from 0.55
to 6.45 kPa had no effect on experimental reaction rate with oxygen and 1-
butene partial pressures held constant at 2.16 and 2.71 kPa, respectively.
Hence, the rate order with respect to carbon dioxide concentration was

Zero.

Waten vapour

With the partial pressures of oxygen and l-butene maintained at 2.16
and 2.71 kPa, respectively, the rate order was zero with respect to water
vapour partial pressure from 0.08 to 2.33 kPa.

On the basis of the rate order results, the catalytic rate of re-

action was expressed as:

r, =k Pg-‘* pg: (3.5.1]
2 48
for  0.48 < P. < 2.20 kPa.
02

3.8.2 The effect of temperature

Rate constants were calculated from the integrated form of
equation [3.8.1] at temperatures from 523 to 433 K, Table 3.8.2. When
plotted as In k versus T-] as shown in Figure 3.8.2, two linear regions were

apparent. The Arrhenius plot gave rise to two apparent activation energies

183 +4 and 88 +4 kJ mol-] for the temperature ranges 523 to 503 K and

‘503 to 433 K. The corresponding pre-exponeitial factors were l.?hxlO]S

and 2.9&x105 molo'3 £-0'3 m-2 5-1.

3.8.3 The effects o4 neaction conditions on catalyst properties

The oxide surface area remained 15.5 m2 g-] after reaction at 523 K
for 24 h and the infrared spectrum, with absorption bands at 615, 490,
425 and 350 cm-l, was similar to that obtained for the same manganese(I11)
oxide catalyst in previous related studies, sections 3.4.3, 3.5.3 and 3.7.3.
Further analyses yielded 69.3% w/w manganese and d-spacings were 2.48,

2.74, 3.08, 1.54k4, 1.558, 1.80 and 2.08 as determined by X-ray diffraction.
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TABLE 3.8.1 The effects of component partial pressures on the

0,/CyHg reaction over Mn,y03

Fo g r,x10 8 Prs r,x10 8
(kPa) (mol i 2 s-]) (kPa) (mol m 2 4 ])
0.46 3.67 0.48 3.96
0.87 4,53 0.98 L.90
1.11 4,90 1.31 5.34
1.55 5.29 1.69 539
2.03 5.78 2.00 6.07
2.68 6.15 2.26 6.56
3.40 7.11 2.81 7.69
4.92 7.69 323 8.65
6.45 8.41 3.46 9.38
7.88 9.07 3.86 12.5

4,10 13.9
L. 95 45.6
TABLE 3.8.2 The effect of temperature on the reaction rate

constant for the 0°£9458 reaction over M“oga_

Temperature &
(K) K,x10
523 140
513 61.0
503 26.3
493 - 18.9
483 10.7
473 6.76
463 4.22
453 2.63
443 1.51
433 0.900
423 0.498
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3.9 The nitrous oxide/1-butene reaction over nelated oxides

A number of metal oxides - Sc203, Ti02, VZOS’ Cr203, Mn203, Fe203,
NiO, Cu0, ZnO, and Sn0 - were evaluated as possible catalysts for the
nitrous oxide/1-butene reaction. The catalytic reaction generally pro-
duced nitrogen, carbon dioxide and wafer in measureable quantities ét
temperatures >623 K.

The catalytic activity of each oxide was assessed by determining the
rates of nitrogen and carbon dioxide formation at 673 K. As in previous
étudies, 1 g catalyst samples were used and the total gas flow rate was

3

350 dm min-]. The catalysts were pretreated with nitrous oxide and 1-
butene, both at 2.66 kPa partial pressure for 12 h at 673 K. Each reactant
was passed separately over the catalyst to ensure that no reaction occurred
until both were present.

Surface areas were determined after reaction and are presented in
Table 3.9.1 along with the experimental rate data. Also included in the
table are the results obtained with Modmor fibres impregnated with copper,

nickel and manganese from 10% w/w nitrate solutions, section 2.11.3.

3.10 Canbon fibre catalyst supports

The surface areas of the original carbon fibres were 0.4 m2 g-] for

Grafil and 1.8 m2 g—] for Modmor fibres. Initial studies were aimed to-
wards 'activating'' or increasing the surface areas of these fibres without

seriously affecting their fibrous nature.

3.10.1 Activation

Treating carbon fibres in a microwave discharge as described in
section 2.11 had no measureable effects on sample weight or surface area.
Steam activation, however, of 10 cm lengths of Grafil at 1173 K in nitrogen

3

plus water vapour (12.3 kPa) at a flow rate of 200 dm min_] produced a

Lh% weight loss in 48 h, Figure 3.10.1. The surface area of this residue
was 2.2 m2 g_]. Prolonged treatment (5 days) under these conditions

produced a 96% weight loss and the residue surface area was 2.6 m2 g—l.
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Catalyst activity series for the NZO/CQHS—

reaction at 673 K.
CATALYST S A EXPERIMENTAL RATES

(m2 g-]) y (mol m2 5-1) Lry

Cu0 4.1 6.82x107° 3.28x107°
Modmor + Cu 4.6 2.51x107° 1.62x107°
Fe,03 6.0 1.58x107° 9.10x10"7
NiO 2.5 6.72x10"/ 3.19x1077
Modmor + Ni 4.6 2.35x107 1.17x10~7
Mn 0, 15.5 2.20x]0:; 9.7&x10::
Modmor + Mn L.6 5.45x10 1.72x10
Cry0s 3.1 4.85x10:2 -
Tio, 9.0 2.48x10 -
Sc,04 2.3 1.hlxlo:: -
Sn0 9.0 1.36x10 -
Zn0 1.7 1.0bx1078 -
V,0, 6.1 8.77x1072 -
A1.0 2.8 7.68x1072 -
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Grinding the Grafil fibre with a mortar and pestle produced a
fine powder with surface area 5.0 m? g“]. Steam activation under the
same conditions produced a 97% weight loss after only 90 min. Observation
by scanning electron microscopy indicated that the ground fibre
consisted of a number of small, irregularly-shaped particles and no
further studies were conducted on this sample.

The Modmor fibre was much more reactive to steam activation as
shown in Figure 3.10.2. Treatment of 10 cm lengths with nitrogen plus

3 min_] and 773 K gave an 80% weight

water vapour (12.3 kPa) at 200 dm
loss after 60 min. After a 50% weight loss by steam activation, the
fibre surface area was 4.2 m2 g_], while the same loss in air produced a
residue surface area of 3.2 m2 g_].

Scanning electron micrographs of Modmor fibres after various treat-
ments are shown in Figure 3.10.3. The relatively smooth surface of
normal Modmor fibres is shown in A. Modmor fibre impregnated with
manganese in a 10% nitrate solution as in section 2.11.3 and further treated
at 773 K in nitrogen plus water vapour (12.3 kPa) at 200 dm3 min_] for
20 min is shown in Figure 3.10.3 B. Modmor fibre impregnated with
manganese and further treated in air at 773 K for 3 h is shown in C. Steam
activation appears to involve surface etching and pitting at discrete sites
while air oxidation appears to involve indiscriminate attack of the fibre
sheath even at low exposure time. The surface roughness after steam
treatment for 30 min at 773 K is apparent in D. This sample had lost Lb6%
of its original weight and the surface area was 4.6 m2 g-l.

Dynamic thermogravimetric analysis of Modmor fibres indicated that
the major weight loss in air began at 750 K and the rate of weight loss
increased with temperature to yield a 99.5% loss at 900 K, Figure 3.10.4.
Fibres impregnated with manganese from a 10% (w/w) nitrate solution and
dried at 378 K exhibited the same thermal behaviour. When the treated

sample was first heated in nitrogen at 773 K for 2 h, the weight loss

curve was the same as that for original Modmor fibres up to 873 K. Above
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TABLE 3.10.1 Kinetic evaluation of carbon fibre

supported catalysts

CATALYST TEMPERATURE EXPERIMENTAL RATES EXPERIMENTAL
(K) Ea A
(mol w2 (kJ el ) (molJE_lmgg_l)
" r2 From " From Ty From g From r2
N,0/C,He
Grafil/Cu 673 3.35x1077 - 89 2.6
723 7.20x10"7 -
773 2.69x107% 2.75x1077
Modmor/Cu 673 1.79x10-? - 142 ].97x10h
723 9.55x10"7 6.86x10”/ 170 1.39x10°
773 4.8ux10°8 4.29x107°
N20/C4H8
Grafil/Cu 673 6.73x1077 164 3.99x10°
723 5.61x10°% 5.66x1077 315 3.29x10'°
773 3.00x10™° 1.68x107°
Modmor/Cu 673 2.51x107° 1.62x107° 63 19.5
723 7.31x107° 5.27x107° 81 3.42
773 1.05x107> 1.05x10™°
Grafil/Co 673 6.82x10°6  3.28x107° 45 2.01x1072
723 1.90x10"8 1.06x107° 50 2.52x10"2
773 4.26x107° 2.54x107°
Modmor/Ni 673 2.35x10"7 1.17x1077 130 3.75x103
723 2.96x10'6 2.?6x10'6 145 3.29x|0“
773 4.52x107° 3.15x107°
Modmor/Mn 673 5.45x10°8 1.72x1078 161 1.87x10° |
723 6.96x10"7 14.70x1077 206 2.,20x10°
773 2.17x10°% 1.95x107°
Modmor/Mn 573 5.43x1o’8 2.82x1078 70 0.228
(sprayed) 673 4.89x10”7 2.77x1077 73 0,134
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Ithis temperature, the rate of weight loss slowly decreased to give 98%
loss at 1073 K.

CHN analysis indicated that Grafil fibres contained 97.32% carbon
and 1.29% nitrogen (w/w) while Modmor fibres contained 92.7% carbon and
5.83% nitrogen. Modmor fibres impregnated with manganese from a 10% (w/w)
nitrate solution and heat treated at 773 K contained 95.44% carbon and 1.92%

nitrogen.

3.10.2 Evaluation 0§ carbon gibre catalysts

Experiments were carried out using Modmor supported transition
metals in the nitrous oxide/ethane and nitrous oxide/l-butene reactions.
Impregnation was accomplished by adsorption from a nitrate solution as
discussed in section 2.11.3. Before kinetic measurements were under-
taken, the catalysts were pretreated at 673 for 12 h with 2.66 kPa nitrous
oxide and 2.66 kPa hydrocarbon at a total flow rate of 350 drn3 min-1 (NTP).

The surface area of the Grafil catalysts was 0.5 m2 g'-l after
reaction while that of the Modmor catalysts was 4.6 m2 g“]. The experi-
mental rates of nitrogen and-carbon dioxide formation were determined
at 673, 723 and 773 K,Table 3.10.1. When plotted in the Arrhenius fashion
as In (rate) against T-], the data yielded values for the experimental

activation energy and pre-exponential factor for each reaction as summarized

in Table 3.10.1.

Gl The oxygen/ethane reaction over Modmorn §ibres plus mangancoe

The catalyst was prepared by spraying a 50% w/w manganese(Il)
nitrate solution on to 10 cm lengths of Modmor as described in section
2.11.3. The catalyst contained 9.5% w/w manganese and had a surface area
of 3.8 m2 9-1.

When the catalyst was exposed to 2.63 kPa oxygen and 2.62 kPa

ethane at 673 K, the initial rate of carbon dioxide formation was very high,

possibly due to oxidation of the carbon fibre itself. The rate of product
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formation quickly decreased to 1.le10-6 mol m“2 s-] after 3 h, whereupon
it remained constant for at least 48 h. At 673 K, the percentage con-
version of ethane was 6.5% and the only products of reaction were those of
complete oxidation-carbon dioxide and water vapour. The surface area of

2. =1

used catalyst was 6.9 m“ g '.

3,11.1 Reaction rate onrdens

Rate order data for the oxygen/ethane reaction over a Modmor/
manganese catalyst were determined at 623 K in terms of the rate of carbon

dioxide production.

Oxygen

A reaction rate order of 0.3 with respect to oxygen concentration
was determined, Figure 3.11.1, by altering the partial pressure from 0.3]
to 14.15 kPa. The partial pressure of ethane was maintained at 2.57 kPa

for this study.
Ethane

With the partial pressure of oxygen held constant at 2.47 kPa, the
partial pressure of ethane was adjusted from 0.69 to 10.05 kPa. The rate
order with respect to ethane concentration was found to be 0.4 from the

linear In (rate) versus In (partial pressure) plot, Figure 3.11.1.

Canbon dioxide

Variations in the carbon dioxide partial pressure of from 0.67
to 6.44 kPa had no effect on the rate of reaction with oxygen and ethane
partial pressure maintained at 2.68 and 2.74 kPa, respectively. Therefore,

the rate order was zero with respect to carbon dioxide concentration.

Waten vapour

Oxygen and ethane concentrations were held at 2.63 and 2.71 kPa,

respectively, while the partial pressure of water vapour was altered from
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0.06 to 2.11 kPa. A rate order of zero with respect to water vapour partial

0
pressure resulted, rp o PH 0"

2

The rate of the oxygen/ethane reaction at 623 K over the Modmor/

manganese catalyst was therefore expressed by:

% g
: [3.11.1]

3.11.2  The effect of temperature

After catalyst pretreatment with 2.63 kPa oxygen and 2.76 kPa
ethane at 673 K for 4 h, rate constants were calculated at 10 K intervals
from 673 to 573 K. The data, Table 3.11.2, when plotted in the Arrhenius

fashion, Figure 3.11.2, gave rise to an apparent activation energy of

] LI’ mo]O.B ‘6_0'3 m'2 S-]

108 kJ mol ' and a pre-exponential factor of 5.42x10

3.11.3 The effects of reaction conditions on catalyst properties

The surface area of the catalyst increased from 3.8 m2 g—1 to

6.9 m2 g-] after reaction. The concentration of manganese in the sample,
9.5%, did not alter appreciably after catalysis at 673 K for 48 h. The
description of catalyst particles when observed by scanning electron

microscopy is the same as that given in section 3.12.3.

3:12 The oxygen/1-butene neaction over Modmor fibres plus manganese

Upon exposure of the catalyst to the reaction mixture, 2.69 kPa
oxygen and 3.04 kPa 1-butene, a great deal of carbon dioxide was liberated
at 573 K. This was mosf likely due to oxidation of the carbon fibre and
the rate of production decayed over 24 h to a steady state. The initial
high rate of carbon dioxide formation persisted at temperatures as Tow
as 323 K in the initial 24 h period. Only carbon dioxide and water were

produced by the reaction and at 573 K the conversion of ethane was 8%.
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TABLE 3.11.1 The effects of component partial pressures on the

9212256 reaction over Modmor p]us Mn

PC2H6 rleﬂ 8 P02 rleo 8
(kPa) (mol m™2 s~ (kPa) (mol m 2 s71)
0.69 6.16 0.31 5.00
0.82 : 6.49 0.40 5.05
1.05 7.02 1.20 255
1.45 7.99 1:52 8.08
1.47 8.32 2.34 9.12
2,04 9.55 3.81 10.36
2.58 11.14 4,37 11.11
4,28 12.74 6.05 12.93
5.23 14.57 8.77 14.19
5.71 15.73 14.15 16.54
6.21 16.49

7.16 16.26

8.01 18.08

10.05 19.96

TABLE 3.11.2 The effect of temperature on the reaction rate

constant for the 0,/C,H, reaction over Modmor plus Mn

Temperature EQxTO-S

673 26.0
663 20.5
653 13.4
643 9.55
633 7.07
623 5.16
613 3.61
603 2.48
593 1.91
583 1.31
573 0.922
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3.12.1 Reaction nrate ondenrs

Rate orders were determined at 523 K for the oxygen/1-butene
reaction over a Modmor/manganese catalyst. The catalyst surface area

=)

was 11.1 m2 g after reaction.

Oxggen

With 1-butene partial pressure maintained at 2.68 kPa, the oxygen
concentration was adjusted from 0.32 to 7.36 kPa. The rate order with

respect to oxygen concentration was 0.4, Figure 3.12.1.

1-Butene

The partial pressure of 1-butene was altered from 0.82 to 7.15
0.4
CyHg
partial pressure was held at 2.46 kPa. The data are summarized in

kPa and a rate order of 0.4 was obtained, ry o P , while oxygen

Table 3.12.1.

Canbon dioxide

The partial pressures of oxygen and 1-butene were maintained at
2.61 and 2.69 kPa, respectively, and the effects of from 0.50 to 9.3
kPa of carbon dioxide were observed. A rate order of zero was obtained

with respect to carbon dioxide concentration.

Water vapour

The partial pressure of water vapour was adjusted from 0.09 to
2.50 kPa in the reaction mixture of 2.57 kPa oxygen and 2.81 kPa l-butene.
A rate order of zero with respect to water vapour partial pressure was

. 0
determined, ry o PHZO'

The rate of reaction, r, was therefore given by:

F= g pOt p0E (3.12.1]
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3.12.2 The effect of Zemperature

The effects of total gas flow rate on the catalytic oxygen/
I-butene reaction rate was examined at 473, 523 and 573 K. Experimental
activation energies were obtained from the Arrhenius-type plot of In (rate)
against T-]. With 2.69 kPa oxygen and 3.04 kPa 1-butene, experimental
activation energies of from 72 to 82 kJ mol-] were derived for total gas
3 min—T

flow rates from 250 to 450 dm (NTP). As indicated in Table 3.12.2,

the rate of reaction was essentially constant over the flow rate range

3

from 300 to 400 dm min-I (NTP). The experimental activation energy did
not vary systematically with flow rate. These results indicate that gas
phase diffusion and heat and mass transfer effects were minimal.

After catalyst pretreatment for 24 h at 573 K with 2.47 kPa oxygen
and 2.71 kPa l-butene, rate constants were calculated from the integrated
form of equation [3.72.1] over the temperature range from 573 to 473 K.
When plotted in the Arrhenius fashion, Figure 3.12.2, the data yielded an
apparent activation energy of 81 *4 kJ mol-] and pre-exponential factor,

4 SR =g =
m S

2.16x10" mo1°2 2

3.12.3 The effects o4 reaction conditions on catalysit properties

The Modmor/manganese catalyst surface area increased from 3.8 to

! after reaction at 573 K. Scanning electron micrographs,

11 o2 g
Figure 3.12.3, showed the effects of reaction on the Modmor fibres. It
appears that the outer sheath and central core of the fibre remain whf!e
the middle of the fibre, the radial continuum (121), has been oxidized.
In most cases, the ends of the fibres appear hollow, Figure 3.12.3 C, and

the fibre surface appears rough and pitted, D. The outer sheath appeared

to have peeled away from many fibres.
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TABLE 3.12.1 The effects of component partial pressures on the Oo/ChHg_

reaction over Modmor plus Mn

=7 =7
P r,x10 P r,x10
chHB 2 02 2
(kPa) (mol m 2 s‘]) (kPa) (mol m2 5—1)
0.82 2.48 0.32 1.72
0.91 2.66 0.54 2.06
1.18 302 0.88 2.36
1.43 2.23 1.14 2.58
1.61 3.43 1.23 2.83
1.83 3.58 173 3.05
2.06 3.80 1.92 3.48
2:.51 3.98 2.47 3+55
3. 44 4,86 2.70 3.74
3.71 4,85 L. 49 L.51
L. 45 5.07 4,67 4,77
4.97 5.19 7-15 5.15
6.26 5.61 7.36 5«25
7+15 6.35
TABLE 3.12.2 The effect of total gas flow rate on the ozc!HB reaction
over Modmor plus Mn

Flow Rate rleo_? Experimental Ea

3 . -1 (mol m=2 s-1) ~]
ot min & ° sk 523 K 573 K (&) wol )

250 0.528 3.59 12.8 72

300 0.613 4.1 16.2 74

350 0.614 4,55 Vst 76

400 0.549 4.50 19.9 81

450 0.786 5.10 21.8 75

TABLE 3.12.3 The effect of temperature on the reaction rate constant for

the 0,/C,Hq reaction over Modmor plus Mn

Temperature (K) kleo >
573 95.3
563 66.2
553 48.8
543 36.1
533 2723
523 18.7
513 13.4
503 9.34
493 5.71
483 4,08
473 2.46
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Figure 3.12.3 Scanning electron micrographs of Modmor fibres

plus manganese after the catalytic UZ/E'HT reaction.
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CHAPTER IV
DISCUSSION

4.1 Digfusion effects

Concentration gradients which may occur at the catalyst surface
because of diffusion effects may make the transport of reactants and_proaucts
increasingly important as the temperature increases. The analysis of
diffusion phenomena has resulted in the development of experimental methods
to assess the influence of transport processes (16Lk-167,172) and these have
been used in the present study.

It has been shown that the total gas flow rate can affect the
concentration gradients at the catalyst surface (167) and the flow rate
experiments described in section 3.2 were conducted to establish conditions
such that the catalytic reaction rate was independent of flow rate (space
velocity) or transport effects. In the cases of the nitric oxide/ethane

and the nitrous oxide/ethane reactions, the reaction rate appeared to be

independent of the total gas flow rate in the range 300 to 400 dm3 min"I

(NTP) at 573, 623 and 673 K. In all cases, the experimental reaction rate

3 |

increased with flow rate from 200 to 300 dm” min ' (NTP) and again from

3 min-] (NTP). This effect was most apparent at 673 K.

400 to 450 dm
Dowden and Bridger (167) have shown that under the influence of

gas-phase diffusion, variation of the flow rate would be expected to affect

the activation energy of reaction. Neither the nitric oxide/ethane nor the

nitrous oxide/ethane reactions exhibited significant deviation in the

experimental activation energy from 573 to 673 K with flow rates 200 to

450 dm> min~' (NTP), Table 3.2.1.

Molecular diffusion within pores in a solid catalyst could restrict

reaction on the accessible internal surface (164)., Such diffusion has been
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shown to reduce the activation energy and increase the reaction rate (167).
A large increase in manganese(lll) oxide particle size from0.037 to 0.149 mm
had little effect on the reaction rates at 623 and 673 K, Table 3.2.2. The
ekperimenta] activation energies derived from two point Arrhenius-type
plots were similarly unaffected by particle size. Hence, in subsequent
experiments the catalyst particle size was <0.037 mm and kinetic studies
were conducted at a total gas flow rate of 350 dm3 min_] (NTP).

The principal conclusion from these studies was that external
and internal diffusion effects were minimized under the chosen experimental
conditions. Diffusion studies for subsequent systems were simplified and
involved the measurement of reaction rates at two temperatures only with
flow rates of 300, 350 and 400 din® min (NTP). In all cases, no major

variation of catalytic reaction rate was observed with flow rate changes.

4.2 Langmuin-Hinshelwood kinetics expressions

The interpretation of kinetic data by application of the extended
Langmuir-Hinshelwood theory to describe possible surface mechanisms has

been documented (174-176). The rate expression (53) is usually given as:

i [4.2.1]

m,n
{1+ i (R;C;) ]

where k is the rate constant and a; the order of reaction with respect to
the concentration (C) of component i. The denominator expresses the
competition for sites by the components of the system; Ki is the Langmuir
equilibrium adsorption constant for the i th component. The exponents
m and n often have the value 1, although for dissociative chemisorption
m= 0.5 and n = 2,

The validity of equation [4.2.]1] has been questioned on the basis
of the simplifying assumptions made in deriving the Langmuir adsorption

model. For example, Weller (176) pointed out that interactions involving
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adsorbed species may not necessarily be negligible as is expected from the
Langmuir adsorption isotherm, while the assumption that the adsorption of
one gas from a mixture always caused decreased adsorption of the second
component was not always correct (177-179).

In spite of the known limitations of the idealized Langmuir-
Hinshelwood model, it is still continuously applied to heterogeneous
catalytic reactions. According to Boudart (180) for example, an assumed
mechanism with or without substantiation may still lead to some understanding

and control of catalyst behaviour.

4.3 The nitrnic oxide/ethane neaction over manganese(ITI) oxdide

Several mechanistic schemes were evaluated by computer tests of
the rate order results in kinetic expressions related mainly to the
Langmuir-Hinshelwood model (26,174). The significance of such statistical
criteria in the evaluation of the step-by-step nature of the catalytic
process has been frequently analysed (181-183) and recently reviewed (184).
The approach was adopted here to obtain a broad guide to the interpretation
of kinetic results.

The approach assumes that the driving force for reaction is the

concentration of species in the gas phase:

a b c
ro k CA CB Cc s [4.3.1]

although it would be more logical to use the surface concentrations:

1 ~a b c
rok @A @B Oc — [4.3.7]

where OA represents the fraction of surface covered by species A. The
various O values were usually determined in terms of the appropriate partial
pressures involved in the Langmuir, Temkin or Freundlich adsorption isotherms

(185,186). In most cases, these involved the use of a Langmuir-Hinshelwood

or Hougen-Watson rate expression (25,26).
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Usually, four types of reactions were considered:

AR [4.3.3]
A=2R £:58 [4.3.4]
A+ BTR [4.3.5]
A+ BT—R + § [4.3.6]

and various rate-controlling mechanisms were assumed. Yang and Hougen (174)
considered several surface mechanisms and developed tables from which rate

expressions were determined by three terms:

(kinetic term) x (driving force)

ol
(adsorption term)"”

Each expression is usually tested by plotting the appropriate functions of
reaction rate and partial pressure (26,51,53,17 ).

Only one kinetic expression clearly accomodated the rate order
data in each case:

kaPyo * bPC2H6 ( ) [4.3.7]
r= x APyn P
P no PeH,
NO C, M

where a and b are adsorption coefficients. As shown in Figure 4.3.1, plots

0.5

of P versus P/r were linear for nitric oxide, ethane and nitrous oxide

rate order results. The form of equation [4.3.7] is consistent with that
for an irreversible bimolecular reaction between reactive species adsorbed
on the same type of site (187). The reaction rate is proportional to the

probability that the reactants are adsorbed on neighbouring sites,and thus
proportional to the product of the fraction of surface covered by each

reactant, O and OC . Thus:

NO 2H6

s @ [4.3.8]
NO  TC Hg
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Ko Pno
where €] =
NO [4.3.9]
(1 + K,q Py + K p )
NO " NO C2H6 C,Hg
K p
C.H, "C.H
and O 4 = 26 26 . [4.3.10]
26 (1 + K, P+ K P )
NO ' NO C,Hg  C Hg

The additional (P, . P ) multiplier term in equation [4.3.7] indicates
NO C2H6 :
that at the steady state, the catalytic reaction includes additional in-
teractions involving nitric oxide and ethane molecules either from the gas
phase or as weakly chemisorbed species.
The limitations inherent in the method of deriving mechanistic
schemes from the correlation of statistical relationships and the Langmuir-

Hinshelwood surface reaction model have been documented (176, 180-182)

Equation [4.3.7] was thus regarded as a general guide to the interpretation of
the kinetic resultse=-Various schemes were tested in a systematic fashion and

rejected for good.seasens. The best available scheme consistent with the

evidence was postulated:

—

CHeg) = CaMg(ads) [4.3.11]
N0y = NO(g4s) [4.3.12]

CaHg (ads) * N0(ads) ™ CaMs5(ads) * MO (ads) [4.3.13]

—> N,0

2HNO(ads) 2" (ads) ) HZO(ads) ) l4.3.14]

The formation of nitrous oxide and water from adsorbed HNO species as in
equation [4.3.74] has previously been described in observations of the re-
duction of nitric oxide by both hydrazine (188) and ammonia (189).

The chemisorption of ethane on iron(l111) and nickel(11) oxides
has been shown to involve C-H bond rupture (89) while studies of ethane

oxidation on nickel(l1) oxide indicated that the hydrocarbon was adsorbed
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prior to any surface.reaction with pre-adsorbed oxygen (90). Both of the
preceding studies invoked the formation of a C2H5(ads) species.

In the nitric oxide/methane reaction (42), C-H bond rupture was
described as the rate-limiting step. The formation of nitrous oxide
occurred through the reaction of two nitric oxide molecules in the same man-
ner as that proposed for the nitric oxide/carbon monoxide reaction (35). A
similar mechanism was suggested for the oxidation of manganese(ll) oxide to

manganese(111) oxide (194) by nitric oxide:

2

N0 iy + [T+ Mn®T —— N0 L+ 10T+ P, (4.5.75]

(ads

The nitrous oxide produced could subsequently react with adsorbed ethane to
eventually produce nitrogen, carbon dioxide and water.

In a current review of nitric oxide surface reactions (31),
evidence obtained from IR, EPR and oxygen-exchange experiments was cited
in favour of the proposal that adsorption of nitric oxide on transition
metal oxides occurred through partial co-ordination to a surface oxygen ion.
An intermediate surface nitrate or nitro complex was invoked and a similar
species was identified from infrared spectra in the present study, section
3.3.4.

In earlier related work on manganese(ll) oxide, the rate order
of the water-gas shift reaction was zero with respect to water vapour (7).
This was explained by either a rapid saturation of adsorption sites specific
to water or a slow water desorption step. The dehydrogenation of  2-
propanel on a similar catalyst was also essentially zero order in water
vapour (1) although dehydration was inhibited.

According to the kinetic description, there would seem to be further
reactions involving nitric oxide and ethane, some of which may be quite

complex but could be represented by:

+ [0] — C,H

2 S(adS) + [OH] [4.3-]6]

CsHe
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2C,H + 12NO + [0]'——9hc02 + 5H,0 + 6N2 [4.3.17]

5 (ads)

and

ZCzH + 13N20 b 4C02 + 5H20 * ]3N2 . [4.3.18]

5(ads)

Studies of the nitric oxide/carbon monoxide reaction on platinum

(191,192) indicated that the dissociation of nitric oxide may be rate-

limiting:

NO Lds) — Niads) * %(ads) ] [4.3.19]
followed by nitrogen formation:

Nads) * N(ads) ™ M2(ads) [4.3.20]

The adsorbed oxygen ion from [4.3.19] or [4.3.15] could act as a
hydrocarbon oxidation source. The reaction of nitric oxide with ethane
is quite complex and does not appear to occur by a simple two-step process
involving first the formation of nitrous oxide followed by ethane oxidation,
This is evidenced by the rates of product formation, Table 3.4.2, where the
rate of carbon dioxide production was approximately twenty to thirty times
that for nitrogen compared with three to four times in the nitrous oxide/
ethane reaction.

In the present study, the rate of formation of nitrous oxide
appeared to be constant from 573 to 673 K. Nitrous oxide has been observed
as a gaseous intermediate (29) in the nitric oxide/carbon monoxide reaction
on various supported oxides and mixed oxides, but not when reaction took
place over supported manganese(lll) oxide. In most cases, nitrous oxide
was observed to reach a maximum concentration at various temperatures from
a low of 453 K for CuCr,0, to a high of 623 K for C°3Dh’

The values of the apparent activation energies, Table 3.3.2,
were similar to those obtained for the water-gas shift reaction on manganese
(11) oxide (7) which was believed to involve an active surface species,

A

perhaps Mn A two-step Arrhenius plot was also observed from 673
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to 623 K and 613 to 573 K with activation energies 67 and 46 kJ mol-',
.respectively" The effect might be related to the presence of two forms of
chemisorbedloxygen (58) or to a change in surface oxygen mobility at the
Curie transition tempefature (7).

Studies of the reaction of nitric oxide with propane (43) and
propylene (45) produced apparent activation energies of 37.5 and 25 kJ molﬂl.
In both cases, the catalytic rate of reaction was proportional to the partial
pressure of nitric oxide and hydrocarbon both to the one-half order.

The mechanism of the decomposition of nitrous oxide on manganese
oxides (58) has been explained by a redox scheme where oxidation was enhanced
by conditions which preserved the 3+ oxidation state of the metal atom.

And, although the proposed chemisorbed oxygen species were not identified,

it was suggested that a weak form such as 0; or Og_, could be sustained
during catalysis. Oxygen desorption studies from manganese(l1V) oxide have
also indicated the presence of two surface states (193) for which the activa-
tion energies for absorption were 67 and 126 kJ mol-l.

X-ray powder diffraction studies indicated that the original
catalyst, alpha manganese(ll!) oxide, was altered by the reaction, but it
was difficult to distinguish between gamma manganese(lll) oxide and manganese
(11,111) oxide as shown in Table 3.3.3. X-ray photoelectron studies could
not readily separate manganese(ll) from manganese(ill) oxide either since
Mn2p3/2 for the oxides is 641.7 and 6L41.8 eV, respectively (194). However,
this evidence combined with other results gives a good indication that thg
surface manganese was in the 3+ oxidation state and that the catalyst had
undergone a phase change to gamma manganese(lll) oxide. The infrared
spectrum after catalysis, with bands at 615, %90, 425 and 350 cm_],

Figure 3.3.4, along with the X-ray diffraction data do not indicafe the

extent of this phase change, however.

4.4 The nitrous oxide/ethane neaction over manganese (ITI) oxdde

A Langmuir-Hinshelwood treatment of the kinetic data was again
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adopted within the context of the discussions by Weller (176,182) and
Boudart (180{181). Computer analysis of the nitrous oxide and ethane rate
order results yielded only one model with good correlation for all the data.

The expression was the same as that found for the nitric oxide/ethane reaction:

k a PN 0 b PC H
r = z 2 6 X (P P ) [4
(1+a Py  +b P, . )2 N,0 " CoHg G
2 26

0. :
Plots of p/r > versus p were linear, Figure 4.4.1,

The kinetic expression may be interpreted to represent an irreversibl
bimolecular reaction between reactive species adsorbed on the same type of
surface site (187). The rate of this reaction would be proportional to
the fraction of surface covered by each reactant. The addition of the
(P P ) term complicates the model and suggests that additional inter=

NZO C2H6
actions involve nitrous oxide and ethane molecules.

On a test/reject basis, a surface mechanism consistent with

equation [4.4.1] may be formulated:

Nzo(g) e NZO(ads) [4.4.2]
CoHe(9) == C,H6 (ads) [4.4.3]
Collgtas) * MaPags) 100 =P lobpigey * 1OAH] + N, [4.4.4]
C,Hg + [00H] — CoHs (ads) * [0] + H,0 [4.4.5]
2C)Hg (4qs) * 13N,0 — 4CO, + 5H,0 + 13N, [4.4.6]

with an overall stoichiometry:
2C2H6 + I4N20 = 4002 + 6H20 + ith 4.4.7]

Examination of the rates of nitrogen and carbon dioxide formation, Table
3.4.2, indicates that nitrogen is formed at a rate (mol m_2 s-]) which is

3 to 4 times that of carbon dioxide in accordence with the overall equation
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for the reaction, [4.4.7].

Previously, a mechanism for the oxidation of hydrocarbons has
been postulated to occur through the initial interaction of chemisorbed
hydrocarbon species with either gaseous or chemisorbed oxygen, followed by
a complex sequence of steps which invokes surface radical reactions (74).
The formation of intermediate CZHS species in ethane oxidation reactions
has been described (85,89,90,101). The rate-limiting step may be the
adsorbtion of ethane as a Csz radical or the interaction of an adsorbed
oxygen species with gas phase or adsorbed ethane through attack at the
C-H bond (89,101). In the homogeneous oxidation of ethane by oxygen, the
formation of CZHS and H02 radicals was postulated as the initial step
(86,87); indeed, peroxide species are often formed in hydrocarbon oxidation
reactions.

It seems likely then that the rate-determining step in the nitrous
oxide/ethane reaction over manganese(ll) oxide involves the formation of
an adsorbed CZHS species, which may occur through the interaction of ad-
sorbed ethane with adsorbed nitrous oxide, equation [4.4.4], or through the
action of a surface peroxide radical with gas phase or weakly adsorbed
ethane, equation [4.4.5].

The apparent activation energies are in reasonable agreement with
those determined for the nitrous oxide/carbon monoxide reaction, 493 to
573 K (11), the decomposition of isopropyl alcohol, 483 to 638 K (1), and
the_dehydration of formic acid, 523 to 573 K (8), all over a manganese(ll)
oxide catalyst. These, together with the water-gas shift reaction (7), all
appear to involve both Mn2+ and Hn3+ reactive surface species in the ¢
catalytic cycle.

The results of examination of the catalyst after reaction, section
3.4.4, indicate that the oxide has undergone a phase change to gamma manganese

(111) oxide. This particular phase has been described as a defect structure

which closely resembles manganese (I1,l11) oxide (159).
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4.5 The oxygen/ethane reaction over manganese (111) oxide

Analysis of the oxygen and ethane rate order results, section
3.5.1, yielded only one Langmulr-Hinshelwood kinetic expression which
could accommodate the data, Figure 4.5.1. The expression was the same as

that for the nitric oxide / and nitrous oxide/ethane reactions:

kaPO bPCH
= 2 28 x (P, P ) - [4.5.1]
(1+aP. bep..)> 0y CoHg "

0, CoHg

Following the preceding sections, the mechanism of the catalytic
oxygen/ethane reaction may be considered to involve an irreversible bimolecu-
lar reaction, where the rate is proportional to the fraction of surface
covered by each reactant, followed by more complex reactions involving

gaseous or weakly adsorbed oxygen and ethane molecules. That is:

1
r=k 0, 6 He x (P0 Pe_y ) . [4.5.2]

2 "2

A plausible surface mechanism consistent with the results was

postulated:
Oia) ==  O5iads) (4.5.3]
Cog(g) = Cg(ads) [4.5.4]
CoM6 (ads) * %2(ads) ™ C2M5(ads) * [00H] 44, [4.5.5]
CoHg + [OOH]ads-__’ C2H5(ad5) = [olads i [4.5.6]
2C,H (ags) + [01, 45 + 60, —> 4CO, + 5H,0 [4.5.7]

with an overall stoichiometry:

2C,He + 70, — *‘+C02 + 6H20 . [4.5.8]

The rate of carbon dioxide formation in the oxygen/ethane reaction
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was the same as that for the nitrous oxide/ethane reaction, Table 3.4.2,
over the same catalyst in the overlapping temperature region, 573 to 593 K.
This may imply that the rate-controlling step is the same in both reactions.
As mentioned in section 4.4, the formation of an adsorbed CZHS species may
be involved.

.Although the activation energy, 130 kJ mol-l, is in agreement with
that for other reactions on manganese oxides (1,8,11), it is higher than
that found for ethane oxidation by oxygen over palladium (93), 84 kJ moi-]
from 671 to 719 K, or nickel(11) oxide (101), 71 kJ mied ™ Froi 543 to
673 K. The complete oxidation of propane over hydrated manganese(!V) oxide
was reported to have an activation energy of 90 kJ mol_] and the rate order
was zero with respect to both carbon dioxide and water vapour concentrations
(97). However, the same reaction over other catalysts (99,100) was shown

to be inhibited reversibly by water vapour, r o P;0635. The rates of the

water-gas shift reaction (7) and the dehydrogenatiin of 2-propanol (1) over
manganese (11) oxide catalysts were also zero order in water vapour. This
effect was thought to be due to the slow desorption of water from the surface
(?.93).

The catalyst after reaction was identical to that from the

nitrous oxide/ethane reaction, section 3.5.4. A phase change to gamma

manganese(l11) oxide may have taken place.

4.6 The nitrnic oxide/1-butene neaction over manganese(I11) oxdide

Various Langmuir-Hinshelwood-type kinetic expressions - (26,
51,53,178) were tested, and the equation which gave the best statistical

correlation coefficient for all of the rate order data was adopted.

As shown by the linear plots of PS&S against (P;éS/r)O'S,

Figure L4.6.1, only one expression accomodated the nitric oxide rate

order results:
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0.5
k a PNO

r= x P ’
0.5,2 NO [4.6.1]
(1 + aP.”)
NO

The square root relationship on the partial pressure of nitric oxide
implies that this species is adsorbed and reacts on two surface sites.
Thé zero order rate dependency on l-butene concentration suggests that
adsorption and reaction of l-butene is very rapid compared to the reactions
of nitric oxide.

A surface mechanism consistent with the experimental results was

formulated:

Cufg(g) ™ CuMg(ads) [4.6.2]
NO + 3 +CBaaiey ™ Ulgitadsy * M0 aa0) [4.6.3]
ZHNO ey T M0 ey TR0 ) [4.6.4]

where S is a surface site. These reactions account for the formation of
nitrous oxide as in section 4.3. Further reactions involve nitric oxide as

indicated by the P term in equation [4.6.71] and these might be represented

NO
by:

ZCMH + 22N0 + [0] — 8C02 + ?HZO + ]lN2 . [4.6.5]

7 (ads)

As was the case in the nitric oxide/ethane reaction, the rate of nitrogen
production was less than that of carbon dioxide, Table 3.6.2. This suggests
that a disproportionation reaction may occur between two nitric oxide
molecules to give nitrous oxide and an oxygen ion (35,188) as suggested by
Hu, Van-Lirsburg and Hightower in the nitric oxide/methane reaction over
platinum (42).

The apparent activation energies, Table 3.6.2, were similar to
those found in the nitric oxide/ethane reaction over the same catalyst,

section 3.3.2, and to the nitric oxide/propane (43,44) and nitric oxide/
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propylene (L45) reactions over various catalysts. In the propane reaction
(44) over bismuth phosphomolybdate, the activation energy was 92 kJ mol !

for nitrogen formation and 55 kJ mol-] for nitrous oxide while the correspond-
ing results in the present work were 69 and 30 kJ mol-].

Infrared evidence again showed the presence of a nitrate species
with absorption bands at 1630, 1390 and 845 em ', The catalyst appeared
to have undergone a phase change from alpha to gamma manganese(l1l) oxide,
The extent of this change is not known, although the fact that it occurs
indicates that surface oxygen ions are actively involved in reaction.

Nitric oxide has been shown to exist as (NO)2 or as a nitro
species on different surfaces (47-50) and this species may be involved in
the disproportionation reaction. The nitrous oxide thus produced may also
be involved in the oxidation of 1-butene, although in the nitric oxide/
methane reaction in a static system (42), methane oxidation by nitrous oxide
only occurred when all of the nitric oxide was consumed. [t seems more

likely that the oxygen ion produced by disproportionation would be involved

in 1-butene oxidation.

4.7 The nitrous oxide/1-butene reaction over manganese(IT11) oxide

Computer analysis of the nitrous oxide and 1-butene rate order
results as described in section 4.3 yielded only one expression which fits

all of the data:

k a Pg'g b Pc'g
2 4 8 k. P ) [4.7.1]
r = X i P
0.5 R N0 Pe,H
(1 + a PN20 + b PCQHS) 2 48

)0.5

As shown in Figure 4.7.1, plots of PO'5 versus (P!'5/r were linear.
This relationship may be regarded as a Langmuir-Hinshelwood
expression and was used as an initial guide to the interpretation of the

kinetic results.
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The form of this equation suggests that an irreversible bimolecular
reaction occurs between adsorbed reactants where each species is adsorbed
_on two surface sites (187). Further steps involving the interaction of

nitrous oxide and l-butene, as indicated by the P and P terms in
NZO C&HS

the numerator of equation [4.7.1], produce a more complex overall surface

process. Various mechanisms were examined on a test/reject basis and a

surface mechanism consistent with the experimental results was formulated:

C4H8(g) + 25 = C&”S(ads) [4.7.2]
CuHg + S + [00H] — Ch“7(ads) + [0] + H,0 [4.7.4]

with further reactions represented by:

2C4H + 23N20 — 8C02 + ?HZO + 23N2 + 45 [4.7.5]

7 (ads)

The activation energy determined for the nitrous oxide/l-butene
reaction over manganese(l!l) oxide, 117-126 kJ mol_], was very close to
that found for the nitrous oxide/ethane reaction on a similar catalyst,
section 3.4.2. The initial step in the catalytic oxidation of 1-butene
over bismuth mélybdate also involved C-H bond rupture (111, 112) as in
equation [4.7.3]. The decomposition of nitrous oxide over similar manganese .
oxide catalysts produced activation energies of 118 (58) and 146 kJ mo]-] (60).

Cimino and Indovina (58) observed a relationship between catalyst
activity towards nitrous oxide decomposition and the strength of the oxygen-
surface bond. The same investigators described the formation of peroxides
from nitrous oxide as in [4.7.3]. |In the complete oxidation of propylene,
it was observed (110) that cleavage of the metal-oxygen surface bond may
be involved in the rate-limiting step. Equation [4.7.5] necessarily involves

a complex series of steps which may include surface radical reactions (74).
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4.8 The oxygen/1-butene heaction over manganese (IT11) oxide

A number of kinetic expressions were examined using the rate
order results for oxygen and l1-butene, section 3.8.1. The best correla-

tions were obtained with the equation:

k a Pg'5 b Pg'ﬁ
- < 48 Pa i ) [4.5.1]
T (F & g 092 & ppdio 92 g (Poz CyHg o
0, C,Hg

which is the same expression as that found for the nitrous oxide/l-butene
reaction over manganese(lll) oxide, section 4.7. The reduced plots are

shown in Figure 4.8.1.

Once again, the equation suggests that an irreversible bimolecular
reaction occurs between adsorbed species (187), and each species is
adsorbed on two surface sites as indicated by the one-half order exponents.
Additional reactions involve both oxygen and l-butene as indicated by the
(POZ PchHS) term.

Considering the discussions of Weller (176,182) and Boudart (180

181) on the application of kinetic modeling studies and with equation

[4.8.1] as a general guide, a plausible surface mechanism was proposed:

Cyflg(g) * 2 = CHg (2ds) [4.8.2]
0, + [ ] + CkHB(ads)'__a Ch“?(ads) + [00H] [4.8.3]
CI‘H8 + S + [0OH] — chH?(ads} + [0] + H20 . [4.6.4]

Additional reactlions may be represented by:
ZCHHT(ads) + 1102 + [0] —™ 8C02 + 7H,0 + []1 + 45, [4.8.5]

The square root relationships in equation [4.8.)] with respect to
l1-butene and oxygen are rationalized in steps [4.8.2] and [4.8.3] respectively.

The change in apparent activation energy from 88 kJ mol_],

1

433 to 503 K, to 183 kJ mol ', 503 to 523 K, occurs at the temperature
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at which the conversion of oxygen exceeds 15%. As the temperature is
increased above 503 K, the conversion of oxygen increases rapidly compared

to l-butene as expected from the overall stoichiometry:

2C Hg + 120, —> Bco2 + 8H20 . [4.8.6]

2

The lower value for activation energy corresponds closely to
that found in the complete oxidation of ethane on palladium (93) or
nickel (11) oxide and propane oxidation on manganese(lV) oxide (97). IEthylene
or benzene oxidation over supported manganese(ll1) oxide (103) were reported
with activation energies of 57 kJ mol_] while ethylene oxidation over
copper(11) oxide gave values from 84 to 113 kJ mol—] (104).

As described previously, the oxygen/ethane and nitrous oxide/ethane
reactions occurred in the same temperature range with identical rate
constants. The oxygen/l-butene reaction kinetics were measured from 433 to
523 K while the nitrous oxide/l-butene rates were measured from 573 to 673 K.
The apparent activation energy for the latter reaction (126 kJ mol—]) was
closer to those found in the ethane oxidation reactions over the same
manganese(l111) oxide catalyst. In these reactions, C-H bond rupture may
have been involved in the rate determining step as in equations [4.7.3] or
[4.7.4]. The kinetic parameters for the oxygen/l-butene reaction correspond
more closely to those from the reactions of nitric oxide with ethane,
section 3.3.2, or with 1-butene, section 3.6.2.

In both the nitrous oxide/ and oxygen/l-butene catalytic reactions,
the rate of reaction with respect to the oxidizing gas increased with partial
pressure > 2.6 kPa. This may indicate that a steady state condition has
been achieved with respect to the adsorption of I-butene. The rate-limiting
step in this case would be the adsorption and reaction of the oxidizing |

gas as in equations [4.7.3] or [4.8.3].
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90

4.9 Cornelation o4 catalytic activity

4.9.1 Catalyst activity sernies

The catalytic activity series for the nitrous oxide/l-butene
reaction was determined by the empirical approach discussed in section 3.9.

The overall sequence of reactivity in decreasing order was:

Cu0 > F9203 > Ni0 > Hn203 5 Cr203 > T|O2 > Sc203 >

Sn0 > Zn0 > UZOS > A]203-

A close examination of Table 3.9.1 reveals that the difference in
r (used to determine activity) between titanium(iV) oxide and aluminum(111)
oxide is of the same order of magnitude as that between each of the first
five oxides in the series. Together with the low values of " and the fact
that ) could not be measured for these oxides, this suggests that the
position of the last six members of the series are not as unequivocally
determined as the first five.

Data obtained for carbon fibre supported copper, nickel or manganese
indicated that these catalysts followed the same relative activity series in
terms of reaction rates, Table 3.9.1, and experimental activation energies,
Table 3.10.1.

The activity series is similar to those generally observed for
catalytic oxidation reactions (195,196), with the exception of the position
of iron(l11) oxide. It resembles those found for the nitric oxide/carbon
dioxide reaction (23), the nitrous oxide/carbon dioxide reaction (197),
and the decomposition of nitric (17) and nitrous (55) oxides.

Possible relationships between the rate of the nitrous oxide/l-butene
reaction at 673 K and various properties of the oxides were examined.

Heats of oxygen desorption, g, have been related to catalytic

activity for a number of reactions over transition metal oxides (198-199)

Good correlation was found between q and the activation energy of oxygen

isotopic exchange (199) and the metal/oxygen bond energy in oxidation
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reactions (195,196). The following activity series would arise:

> Cr20 > Fe, 0, > V,.0_. >

3 273 275

Co Oﬁ > Cu0 > NiO > MnO2

3
Zn0 > TiO2 .

Oxygen desorption was thought to occur in the rate-limiting step
of the decomposition of nitric (200) and nitrous oxides (55). The heat
of desorption was. influenced by oxide stoichiometry (199) where q
increased with the removal of surface oxygen, except for chromium(!11) and
iron(l111) oxides.

Halpern and Germain (193) have shown that surface oxygen does not
occupy a continuous distribution of states on the oxides, but that mobile
oxygen may be present on discrete surface states. Correlations between
catalytic activity and oxygen mobility, however, implies a knowledge of
the oxygen states involved, and this state may change with temperature,
time and reagent concentrations. A shift to higher states might therefore
cause large distortions of the general activity series.

No clear correlation was discernible between the catalytic reaction
rate and the metal/oxygen bond length (177) or the charge/radius ratio

with respect to the cation (201,202).

4.9.2 Rate onden

Examination of the rate order data for reactions over manganese(Ill)
oxide and Modmor/manganese catalysts, Table 4.9.1 , indicated that the rate
order with respect to both reactants was generally between zero and one,
while that with respect to products was usually zero. Under the experimental
conditions, the products did not inhibit reaction and the fact that the
reaction rate orders with respect to both reactants were frequently very
similar would indicate that both reactants contribute approximately
equally to rate control, particularly in the reactions of nitrous oxide or

oxygen with hydrocarbon.



-~ TABLE 4.9.1

Rate order data

RATE ORDERS
Catalyst Reaction Experimental Reactants Products Temp.
Rate NO N,0 0, C,H, C,He Ny N,O CO, H,O (K)
Mn203 NO/C2H6 r] 0.5 = - 0.5 = 0 0 623
o 0.3 -~ = QT = 0.3 0 623
r3 12 = = 0.5 = 0 0 623
Hn203 NZO/CZHG F - 0.8 - 0.7 - - 0 623
o - 0.8 - 0.7 - = 0 623
Mn203 02/C2H6 Fo - - 0.50.6 - - 0 573
Modmor/ qz/CzHé ry - = 0.30.4 - - 0 623_
manganese oxide
Mn203 NO/chHS m 0.5 - N o 0 0 0 673
Fo 0.5 = = = D 0 0 673
ra 1.35- - - 0 0 0 673
Mn203 NZ/ChHS rI - 0.5 - - 0.4 " 0 623
ry - 0.5 - - 0.4 . 0 623
Mn203 OZ/CLIHB rz LA 0."* - 0-3 = 0 !4?3
Modmor/ OZIChHS ro - - 0.4 - 0.4 - 0 523

manganese oxide
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In the nitric oxide/l-butene reaction, the reaction rate was zero
order with respect to hydrocarbon concentration and this was associated
with the rapid adsorption and reaction of this species compared to nitric
oxide. In both nitric oxide reactions, the rate order with respect to
nitric oxide was > 1 for nitrous oxide formation. This would be expected
if a disproportionation reaction is involved in the formation of nitrous

oxide.

4.9.3 Compensation effect

The kinetic parameters derived in this study are summarized in
Table 4.9.2. A compensation effect was shown to occur as a plot of 1nA
against apparent activation energy, Figure 4.9.1, exhibited a linear
relationship. This effect is often associated with the variation of
kinetic parameters of either a heterogeneous reaction occurring on
different solids or a group of related reactions on the same catalyst
(186,203). A number of theoretical models have been proposed to explain
the compensation effect, and these have been summarized by Galwey (204).

The compensation effect is expressed by the equation:
InA=mEa+b [4.9.1]

which indicates that the influence of a change of one Arrhenius parameter on
the reaction rate constant is offset by a corresponding change of the other
Arrhenius parameter.

From Figure 4.9.1, values for m and b were calculated to be 0.24
and -12.38, respectively. A compensation effect also occurred in reactions
of carbon fibre supported catalysts, Table 3.10.1, using experimental
values for activation energy and pre-exponential factors, Figure 4.9.1.

The expression for the compensation effect can be compared to

the Arrhenius equation of the form:

_Ea
In A= RT + In k0 [4.9.2]



TABLE 4.9.2
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Kinetic parameters

Catalyst Reaction Ea <9 Rate
(kJ mol ') Constant
Mn203 NO/CZH6 78 k]
32 k]
63 k,
22 k2
Mn203 NZO/CZH6 133 kl
106 k]
130 k2
Mn203 02/02H6 130 kz
Modmor/ 02/C2H6 108 k2
manganese oxide
78 k2
30 k3
Mn203 NZO/CQHS 117 kI
126 kz
Hn203 OZ/CkHS 183 k2
88 k,

mangaenese oxide

1nA Temperature
Range (K)
3.97 673 - 613
-4.61 613 - 573
L.46 673 - 613
-3.19 613 ~ 573
20.27 673 - 623
15.00 613 - 573
18.38 673 - 573
18.38 593 - 523
10.93 673 - 573
=1:76- 723 = 623
0.15 723 - 623
=3.92 723 - 623
13.32 673 - 573
14.48 673 - 573
35.09 523 < 503 -
12,59 503 - 433
9.98 573 - 473
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For a group of related reactions which obey equation [4.9.] ],.there
exists a temperature R, the isokinetic temperature, at which the rates
of these reactions are equal (205). The reaction rate constant at

B = 501 K is given by ko’ 4.2x10-6 mo | m-2 s_]. The theoretical signi-
ficance of the values of B and k0 remain unclear (206).

If the data are converted to the same units as in Galwey's

deécription of the compensation effect (204), then:
logA = B + eE [4.9.3]

and e becomes 0.1042, This value is the same as that found in the oxidation
reactions of propene (105) and acetylene (100) over various oxides (204).
This pattern of kinetic behaviour indicates that the reactions probably

involve the same rate-limiting step.

4.10 Modmor gibres plus manganese as catalysts

These catalysts were prepared by spraying the fibres with a
manganese(11) nitrate solution as described in section 2.11.3. The air
dried catalyst (9.5% w/w manganese) was heat treated at 773 K prior to

reaction.

4.10.1 The oxygen/ethane reaction

Analysis of the oxygen and ethane rate order results, section
3.11.1, yielded only one Langmuir-Hinshelwood-type kinetic expression

which could accommodate the data:

k a Pg's b Pg'a
v - 2 26 < (P P ) [4.10.1]
€0 % a pg°5 + B Pg': . My " Byl
2 26
as indicated by the linear relationships of PO'5 and (PO'S/rJO'5 in

Figure 4.10.1.
The form of this equation (51) suggests that oxygen and ethane

interact initially as two adsorbed species, each adsorbed on two surface
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Figure 4.10.1 Reduced plots of the Langmuir-Hinshelwood expression [4.9.1]
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sites according to the square root relationships in equation [4.70.71].

The (P0 P ) term indicates that both oxygen and ethane interact in

2 Cofg
further steps involving a more complex overall reaction.

A plausible surface reaction scheme was formulated on a test/

reject basis:

C2H6 + 2S5 — c2H6(ads) [4.10.2]

— CZH + [0OH] ] [4.10.3]

0 + [ 1+ CoHga4s) & tuds)

CoHg + S + [00H] —> C2H5( + [0] + H,0 [4.10.4]

ads) 2

with additional reactions given by:

2C2H5(ads) + 602 + [0] — hcoz + 5H20 + [ ] + 4SS  [4.10.5]

The rate constants derived for the oxygen/ethane reaction over
manganese(l11) oxide, Table 3.5.2, were approximately sixteen times
greater than those found for the same reaction over a Modmor/manganese
catalyst from 573 to 593 K, Table 3.11.2, The activation energy, 130 kJ
molwl, determined for the former reaction was somewhat higher than that
for the latter, 108 kJ mo]'I. Examination of Table 4.9.1 shows that the
reaction rate orders with respect to oxygen and ethane were 0.5 and 0.6
for reaction over manganese(lll) oxide at 573 K and 0.3 and 0.4 for
reaction over Modmor/manganese at 623 K.

The mechanism presented for reaction over Modmor/manganese cataTyst
contains similar steps to that proposed for the same catalytic reaction
over manganese(ll11) oxide, section 3.5. The basic differences occur in
the adsorption and reaction of both reactants on two surface sites on the

former catalyst and only one on manganese(!ll) oxide.

4.10.2 The oxygen/1-butene neaction

A Langmuir-Hinshelwood treatment (174-176) of the kinetic data
provided only one expression which best fit the experimental results. This

was the same expression as that determined in section 4.8 for the oxygen/
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1-butene reaction over manganesa(lll) oxide:

.5 0.5
TR ok
25 ohs8 57— x (Pg Pe ) [4.10.6]
e PC‘H ) 2 L8
2 4Hg

0
0
r =
0
(1 + a P0
The reduced plots are shown in Figure 4.10.2. The same reaction scheme as

presented in section 4.8 would also apply for this catalyst.

The activation energy for reaction over Modmor/manganese, 81

kJ mo]_], was slightly less than that over manganese(l!1) oxide, 88 kJ mol .

1
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02/CMH8 reaction at 523 K over Modmor/manganese; Or2 for
p , @ r, for p, .
C2H6 2 02



L.11

(i)

—_—
-—
—

—

(iii)l

(iv)

(v)

98

Conclusions

The main results of this study may be summarized:

Only the products of complete oxidation were observed in studies
of the catalytic reactions of nitric oxide, nitrous oxide or oxygen
with ethane or 1-butene over manganese (l11) oxide. These reactions
may all occur in emission control systems which require the removal
of NOx and unburned hydrocarbons.

Reactions appeared to initiate from an irreversible bimolecular

reaction between adsorbed species on the catalyst surface. Each

reactant was adsorbed on one surface site in reactions with ethane,
In reactions with 1-butene each reactant was adsorbed on two sites.
The initial steps in the mechanism were thought to involve C-H bond
rupture, although the strength of the metal/oxygen bond on the
catalyst surface appeared to influence the rate-limiting steps.
Manganese (111) oxide underwent a phase change from the alpha
to the gamma phase during catalysis. The extent of the change could
not be determined accurately, however, this indicates that lattice
or surface oxygen may be actively involved in the cataltic reactions.

The reactions of nitric oxide were more complex than those of
nitrous oxide or oxygen. In the nitric oxide/hydrocarbon reactions,
it was apparent that nitrous oxide was formed in one series of steps,
and that a second sequence was responsible for hydrocarbon oxidation
by nitric oxide and possibly by nitrous oxide as well. A nitro or
nitrate species was identified on the catalyst surface after reaction.

An activity series was developed for the nitrous oxide/1-butene
reaction:

Cu0>Fe203>N|O>Hn203>Cr 03>Tr0 >Sc203>SnO>Zn0>U 0 >A1203
There was no apparent enhancement of activity which could be related
to semiconductivity type, however, the strength of the metal/oxygen

bond appeared to be a factor.
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(vi) Carbon fibres were found to be a useful catalyst support, or
co-catalyst, in the oxidation of ethane or 1-butene by oxygen. A
more active catalyst was prepared by spraying the fibres repeatedly
with a manganese (I1) nitrate solution than by adsorption from
aqueous solution. The physical properties of these fibres appeared

to be altered by catalysis.

4.12 Suggestions gorn future work

Langmuir-Hinshelwood-related expressions provided a clue to the
nature of the surface mechanisms and corroborating information was obtajned
from infrared and ESCA studies as well as from the literature. However,
methods such as temperature-programmed desorption and isotopic exchange
would help to clarify some of the surface processes which occur during
catalysis.

This study indicated that carbon fibres may be a useful support
material in catalytic hydrocarbon oxidation reactions, however additional
reactions should be examined using other hydrocarbons and oxidizing
species. In addition, ESCA studies or infrared spectroscopy may be of
specific value in identifying the active surface centres involved in
catalysis. Further studies of the process of activating carbon fibres

would help in evaluating their potential as catalyst supports.
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APPENDIX

AT Saturaton efgiciency

The volume of water (£) passing through a flow line in time

3

t (h) with a carrier gas flow velocity V (dm min_]) is given by:

-2
t Vv P0 x 6 x lq (AL T.1]

101.08

volume =

at 100% efficiency with the partial pressure of water in the saturators at
P, (kPa). The number of moles of water vapour would therefore be:

0
-2
tV P0 x 6 x 10 (A.1.7]

22.515 x 101.08

no. of moles =

where one mole of water vapour at 101.08 kPa and 273 K occupies 22.415 £,
assuming ideal gas behaviour.

If the actual number of moles of water trapped is m, then
saturator efficiency is given by:

m x 22.415 x 101.08

-2
t Vv PO x 6 x 10

When m is replaced by W/M, the weight of water divided by the molecular

efficiency = x 100% [A.7.3]

weight, the expression becomes:

W x 22.415 x 101.08

Mtvpoxsxm'

x 100% [A.1.4]

efficiency = 2

A.2 Rate calculations

The calculation of experimental rate data assumes ideal gas
behaviour so that one mole of gas occupies 22.415 £ at STP (101.08 kPa and
273 K). Flow rate measurements were conducted at room temperature (296 K)
where the volume of one mole of gas is 24.303 £. When the partial pressure

of one component (product) gas is X kPa and the total gas flow rate is
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3

V dm mirt-1 (NTP), the rate of reaction is given by:

b XV T « (mol e s-]) [A.2.7]

101.08 x 24,303 x 296 x 6 x 10q % SR,

where T is the reactor temperature (K) and S.A., the surface area of the

catalyst (m2) in the reactor.

A.3 Space velocity

The term space velocity, SV, indicates the number of times that a
unit volume of gas contacts the catalyst during a specified time interval
at reactor temperature, T. |If the catalyst volume is CV (dm3) for a one
gram sample, then:

VT

Cy x 296 x 60 [A.3.1]

SV =

at a total gas flow rate V (drn3 min“]). Generally, the space velocity is

3 3

given as dm” gas per dm” catalyst per second, and this is usually abreviated

to s L.

The catalyst volume C

v for oxide samples was measured in a graduated

cylinder. The volume per gram was read directly after tapping the cylinder
to pack the particles to the same state as in the reactor.

The specific volume of the carbon fibres was measured by the
standard method using a pyknometer and found to be 0.68 dm3 g-] for Modmor
fibres tréated with manganese. This value did not change after catalysis,

and it compares favourably with the values gquoted for fibre density in

section 1.5.

A.4 Rate cownstants

Using the ideal gas laws in a manner similar to that outlined
in A.2, the concentration of any gas species at temperature T can be shown

to be:

_ XT -1 [A.4.1]
C = 707.08 x 25.303 x 296 (mol £ 7)




102

where X is the partial pressure (kPa).
The rate constant k was computed by integration of the experi-
mental rate equation in terms of concentrations (mol E_]). This equation

was of the form:
9B = w (a-p)™ 37 [A.4.2]

where a represents the initial concentration of reactant and b, that of the
product formed as a result of reaction. Rate order exponents, n and m,
were determined for reactants and products, respectively.

With conversion levels in this study kept below 15%, the rate

equation was simplified to a power law expression:

db . k a,M

m m - " » A.4.3
i 1 a, I 5. [ ]

n
2 bl 2

where the rate order exponents for products were usually zero. The injitial
product concentration was zero, so that separating variable and integrating

gave the equation:

[A.4.4]

The contact time T is proportional to the reciprocal of space velocity. The

specific rate constant was therefore given by:

5 b o SV x 10 [A.4.5]

where the 10-3 factor converts the space velocity term to £ per dm3 catalyst
per second. The units for k and A, the pre-exponential factor in the Arrhenius

_l)}-n]-HZ m-2 s-]. These rather cumbersome

equation, were therefore (mol £
units where not always specified in the text, however, rate order exponents

have been included such that the units of k and A are readily apparent.
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