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ABSTRACT

The catalytic decomposition of 2-propanol has beer investigated
in a flow system from 200-300°C on vanadium pentoxide and modified
vanadium pentoxide catalysts.

Dehydration, dehydrogenation and propane formation were observ-
ed over the temperature range studied. The propane reaction was predom-
inant at higher temperatures.

Kinetic experiments showed the dehydration and dehydrogenation
reactions to be zero order with respect to all components while the pro-
pane-forming reaction was found to have a rate order of 0.3 with respect
to 2-propanol. The kinetics for the reactions were interpreted in terms
of the Langmuir-Hinshelwood model and elimination type mechanisms have
been proposed to account for the 2-propanol decomposition.

Trends in activity and activation energies for the dehydration
reaction have been correlated with the mobility of surface oxygen
previously reported in the literature. Some correlations were obtained
with activation energies for dehydration reactions in similar systems.

The reduction of the catalysts used, as indicated by changes
in surface area and X-ray powder diffraction patterns, has been related
to oxygen mobility and to the surface 'Tammann' temperature of the

additive.



1. INTRODUCTION

1.1 General

Dehydration and dehydrogenation reactions are the two main
reaction paths followed in alcohol decompositions over metal oxide
catalysts.

Dehydrogenation of primary alcohols results in aldehyde for-
mation while with secondary alcohols ketones are produced. Dehydration
of alcohols generally gives olefins and water (1). At high temperatures

(BOO-GOOOC) carbon-carbon cleavage may occur yielding paraffins, CO, CO2

and other cleavage products, whereas at near ambient temperatures the
major product is ether (1). More recently it has been shown that these
reactions are of a more complex nature and may also involve condensa-
tion processes (2).

Numerous studies of the various reactions involved in alcohol
decompositions have shown that each type proceeds at specific surface
sites which may be subject to activity and selectivity variations through
changes in reaction conditions as well as catalyst preparation pro-
cedures.

Dehydrogenation is the preferred reaction on metals (3, 4) while
on metal oxides both dehydration and dehydrogenation take place (1}.
Since this study has been focused on the decomposition of Z-propanol
on selected metal oxides, selectivity in 2-propanol decomposition is of

interest.



The decomposition of 2-propanol serves as a good example for

the two contributing processes:

CH,COCH + H Dehydrogenation
H.C /3 3 2

N\
CH—OH
/

CHSCH,::CH2 + H.O Dehydration

This reaction has often been used as a model for studying the principles
of catalyst selection (1).

The various parameters which must be considered when selecting
a catalyst have been outlined by Krylov (1).

The rate limiting step for dehydrogenation is believed to be
the migration of vacancies whereas for dehydration it is thought to be
the migration of free electrons. Thus, in terms of the electronic
theory of catalysis, dehydrogenation should take place on '"p-type"
semiconducting oxides while dehydration should be favoured on ''n-type"
semiconducting oxides. However, several authors (5,6) have reported
conflicting evidence and possible explanations for these discrepancies
will be discussed later.

Balandin's "multiplet theory of catalysis' suggested that
alcohol decompositions involved a two point adsorption mechanism. Thus
the interatomic spacing between surface atoms of the catalyst should
affect the decomposition.

Krylov (1) reports that interatomic spacing is more critical
for adsorption processes giving rise to dehydration reactions than for

adsorption processes involving dehydrogenation reactions. Increasing



crystal lattice parameters would augment dehydration activity while
decreasing the crystal lattice parameters aids dehydrogenation.

The majority of catalytic reactions can be classified into
two general types, oxidation-reduction (electronic) and acid-base
(ionic) (1).

Dehydrogenation reactions fall into the electronic category
and should therefore be catalyzed by solids possessing 'free' or easily
excited electrons, e.g. metals and semiconductors. The mechanism of
catalytic dehydrogenation is usually interpreted as involving the trans-
fer of an electron from the catalyst to the reactant or vice versa (1).

Dehydration reactions belong to the ionic category and should
therefore be affected by the nature and preponderance of surface acid
or base sites. The mechanism has been reported as proceeding via the
transfer of protons or the production of a heteropolar donor-acceptor
pair (1).

If catalysis is considered to involve the formation of an
adsorbed cyclic intermediate then two-point adsorption of alcohol
to electropositive and electronegative surface atoms should occur.

Thus, an increase in the metal-oxygen distance would be expected to
facilitate dehydrogenation, while a decrease in this distance should
facilitate dehydration.

Krylov (1) has also discussed the role of the width of the
forbidden zone and specific conductivity of semiconductor catalysts.
Thus, the rate of alcohol dehydrogenation wauld be expected to increase
with a decrease in the width of the forbidden zone, while dehydration

should not be so affected, since it follows the mechanism of an acid



catalysed reaction rather than an electronic one related to band theory
concepts.

Other criteria for explaining the selectivity of oxide cat-
alysts towards dehydrogenation or dehydration have also been considered.

Schwab et.al. (7) proposed that, on alumina, selectivity was
not an inherent chemical property but that dehydrogenation occurred main-
ly on the flat surface of the catalyst whereas dehydration was restricted
to sub-microscopical holes, cracks, pores, or channels between par-
ticles.

Eucken (8, 9) concluded that dehydrogenation predominated
with large oxide cations of low valency and the converse was true for
dehydration. It was suggested that when small cations were involved
the surface of the oxide consisted mainly of oxygen atoms whereas with
larger cations, these were also present on the surface. Thus, dehydro-
genation involved adsorption on the metal atoms and dehydration involved
adsorption on oxygen atoms.

The mechanisms proposed for the catalytic dehydrogenation
and dehydration of alcohols may support or contradict these various
hypotheses regarding selectivity.
1.2 Dehydration

The dehydration of alcohols to olefins and ethers can result
through three possible reaction mechanisms commomly identified (10) as

(1) "consecutive', (2) "parallel', or (3) 'simultaneous'". Thus;:

alcohol ether olefin eoe 1.2.1
<~  E—



ether

alcohol 1.2.2

/N
7\

olefin

ether
.2.3

alcohol olefin

i

Ipatieff (11) favoured the so called '"consecutive' mechanism. From
studies of alcohol decomposition on alumina he concluded that the al-
umina formed a "hydrate-type intermediate''. This intermediate could
undergo subsequent reaction with another alcohol species to form the
corresponding ether, or, if another alcohol species was not available,

decompose to the olefin:

0 PAY 0
A1</ + CnH2n+10H—>Al< > Al < + CH, oo 1.2.4
OH + OCnH2n+1 OH
HZO
0 0
= /4
OH + Al 1.2.5
Al\0(: H ¥ CnH2n+1 _ﬁ>(CnH2n+1)20 * HZO “SO0H
n 2n+l

A similar intermediate of the type (Al1-0-Et) was proposed by Sabatier (12).
Pease and Yung (13) showed that the dehydration of ethanol

to ether was reversible and that water vapour and ethylene vapour



reduced the alcohol dehydrating efficiency of the catalyst. Although
the data of Pease and Yung could be accommodated by the "consecutive"
mechanism proposed earlier, there were indications that olefin produc-
tion proceeded directly from the alcohol, rather than through an ether
intermediate.

Adkins et.al. (14,15) illustrated the inadequacy of the ''con-
secutive" mechanism from their studies of butyl alcohol dehydration.
The butene obtained could not have resulted from an ether intermediate,
thus ether need not necessarily be an intermediate for olefin formation.

A "simultaneous'" mechanism, involving a carbonium ion inter-
mediate was proposed by Whitmore (16). The carbonium ion may be
formed from either the alcohol or the ether and can then react to form
either olefin or ether (17). The decomposition of ethanol via this

""'simultaneous! mechanism is illustrated below.

-0OH - + -H
C,H_OH _ C.H > C_H ... 1.2.6
25 +0H ™ 25 24
+C2H50 —CZHSO
CZHSOCZHS

According to Bremner (18) the adsorbed carbonium ion could be
formed via an oxonium ion, the conjugate acid, resulting from proton

donation from the catalyst to an alcohol molecule.

+

ROH —
* H2(ads) R(ads) * HZo(ads or g)°°

—>R0" +

+
H(ads) 1.2.7



The decomposition of ethanol by this type of mechanism has been de-
scribed, the adsorbed proton (H+(ads)) being part of a hydroxyl group

on the catalyst surface (10).

+ — +

CHgOH () + H g T CHO™ + Hy oy
] L -H,0 ... 1.2.8
+
H,C=CH; gy o CHCH, (ads)

Topchieva, Yun-Pin and Smirnova (19) found that the "simultan-
eous'" mechanism best explained the dehydration of alcohols over aluminum
oxide and silica-alumina catalysts. The "parallel" mechanism could
not explain the maximum yield of alcohol as a function of contact time
during the hydration of ether.

Topochieva et.al. (19) also advanced a reaction scheme, which
was very similar to that proposed earlier by Ipatieff (11) and Sabatier
(12), involving the formation of a surface complex with covalently
-bonded alcohol which confirmed their suggestion that hydroxyl groups

on the catalyst surface were the likely active sites for dehydration.

-H,O +5H_0
u s 2~ H 2 LCHY 0+ > 5
C2 5OH + HO-A1\<¢_____f7A1-0C2 5 4[C2 5)2 +'/AI—OH .. 1.2.9

~
CH, + “AL-OH
Krylov and Fokina (29) demonstrated that oxides which form

stable adsorption bonds with phenol act as dehydrogenation catalysts

while oxides which adsorb pyridine act as dehydration catalysts. Since



pyridine adsorption may involve proton addition to the nitrogen atom,

giving an analog of an oxonium ion, these results were believed to

provide indirect evidence in support of the oxonium ion mechanism (20).

From a statistical analysis of published experimental data
Krylov (1) suggested that catalytic activity towards dehydration was
inversely proportional to the increasing electronegativity difference
between anion and cation in the metal oxides which supports the car-
bonium ion mechanism since acid oxides have small electronegativity
differences.

Eucken (8,9) and Wicke (21) reported mechanisms involving a

cyclic transition complex:

]
H—C—¢C
| o
A H g H ... 1.2.10
..‘|‘~, /Iii
O\\\M///O

but Krylov (1) has not found any correlation between interatomic dis-

tances and catalyst activity towards dehydration reactions. He further

suggested (22) that dehydration involved one point adsorption which
resulted in the formation of coordinate bonds between Lewis acid sites

on the metal atom and the oxygen atom of the alcohol:



CHBCH(OH)CH3 + —O-¥-0-¥--—4>CH3—?H—CH3

0—H ... 1.2.11
0:.

-0-M-0-M-

Generally, there is uncertainty as to which atom of the
alcohol loses hydrogen in the subsequent dehydration process. In most
cases, as predicted by 'Ingold's rule', the elimination occurs trans
to the hydroxyl group.

The dehydration of secondary alcohols over ThOz, however,
gives only a-olefins, while over the oxides of W, Mg, Al, Ti, and Zr,
a mixture of o- and B- olefins are obtained (23). There is no clear ex-
planation for the difference between ThO2 and the other oxides. Per-
haps the reactions involving ThO2 involve the formation of a cyclic
complex and thus become an exception to Krylov's single point adsorp-

tion concept (1), e.g.

Th 0=
HO . “h
S ,///
H C C H oL 1.2.12
H C’/// \\\\H
2\

R

Again, according to Krylov (1), if there is an excess of charge on a

surface metal atom (e.g. a '"positive free valency'"), formation of a strong
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bond can occur which impedes catalysis, e.g.:

CH,CHOHCH, CHs-TH~CH3
+ —_— 0 1.2.13
e
-M-0-M-0- -M-0-M-0-

If this charge was cancelled, however, by the capture of an

electron, the number of active centres should increase, e.g.:

CHCHOHCH,, H,C-CH-CH, H G~ CH-CH,
Heé* . H
- $
. — M PP IV
~0-M-0-M- -0-M-0-M- -o-@-o-y-

Thus alcohol dehydration via a carbonium-oxonium ion mechanism on
Lewis acid centres would be enhanced as well.

Doping experiments, in which the electronic conductivity of
the catalyst was increased, showed that the rate of dehydration in-
creased also (24) and thus it would be expected that ''n-type' semi-
conductors would be more active than '"p-type' semiconductors for de-
hydration.

Krylov (1) concluded that although Brgnsted acid sites do
participate in dehydration of alcohols, in general, positive centres
such as surface '"positive free valencies'" on metal ions contribute most

to the catalytic activity.
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1.3 Dehydrogenation

Early work on the dehydrogenation of alcohols was carried out
using mainly metal catalysts (3,4). The mechanism for dehydrogenation
was thought to involve the simultaneous removal of two hydrogens from
the alcohol (25):

—>RCHO + H

RCHZOH + 2*—>RCHO + Z2H + 2* ... 1.3.1

(ads) 2T

However, deuterium exchange studies indicated the presence of inter-
mediates of the type RCHOH and R-CHZO* which implies a mechanism in-
volving the removal of hydrogens one at a time (26).

Dehydrogenations on metal oxides may be a result of hydrogen

addition to surface metal ions (8, 9, 21):

T T
H C C (0]
| B |+ e. 1.3.2
H H H
NN
0 0 0

Doping experiments carried out by Dandy (27) supported this concept.

The addition of Al3+ and Li1+ to zinc oxide did not alter the activation
energy for the decomposition of methanol and it was proposed that the
rate controlling step was not adsorption. The mechanism implied that

the process would be very dependent on interatomic distances within

reactant molecules and atomic spacings on the catalyst surface as
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discussed in terms of Balandin's '"Multiplet Theory of Catalysis'.

Balandin (28) concluded that dehydrogenation on metal oxides
resulted from interactions with metal atoms, but participation of the
oxygen atoms was not entirely ruled out. Krylov (22), however, reported
that the electronegative surface atom was responsible for interactions
leading to dehydrogenation. This conclusion was based on the high
catalytic activity of bases 629), the increased value of AsHads for
2-propanol and acetone when oxygen was preadsorbed (30) and also from
spectroscopic studies (31).

The most probable type of adsorption leading to dehydrogenation,
may involve the alcohol attachment through a carbon atom to a surface

anion, e.g. (22)

&
(A) H,C——C—O0H ... 1.3.3
o
M 0 M
Two other suggested forms:
(B) CH3—(|3H—CH3 and (C) CH,-CH-CH,
? O ... 1.3.4
i —M—0—M—
—M—0—M—

are not favoured since they would not lead to dehydrogenation, or, as
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in the case of (C) there is no experimental evidence indicating that
they are formed (22). Type (B) adsorption has been observed on NiO
and ZnO but does not lead to dehydrogenation (22). A transition from
(B) type to (A) type adsorption may account for the strengthening of
the alcohol-oxide bond (22) as observed by Keier (32) in thermodesorp-
tion studies of adsorbed ethanol on ZnO.

Once type (A) adsorption hasoccurred the reaction can then
proceed via the formation of a cyclic complex which results in the
loss of the second hydrogen. There are two possible mechanisms for

this process (22):

9

CH H

3 3
1) HSC—————?~———-O———H HSC—————Q————-? H(ads)

; —> o
[ 1 1

e M— 00— M— M O M — . 1.3.5

(Removal of the hydroxyl hydrogen)
CHS CH3
or 2) HBC—(E-—-—-O—-—H HZ(:Z ...... (:J——--—O—-H + H(ads)

! > !

—M 5 M— —M o M— . 1.3.6

(Removal of the methyl group hydrogen)

The preferred pathway has yet to be determined. Although com-
plexes of the type produced in 1) have been observed on alumina, they
were very stable and did not lead to dehydrogenation (31). Schwab and
Wandinger (33) have reported evidence in favour of a reaction via path

2). Their study of the dehydrogenation of CHSCD20H and CHSCHZOD showed
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that hydrogen was removed from methyl, methylene and hydroxyl groups.

Dehydrogenation is not inhibited by the addition of hydrogen,
but there is considerable controversy as to the effect of the addition
of acetone on the reaction rate. In a 'static' flow system the addition
of acetone strongly inhibited the initial reaction rate which indicated
that the rate-determining step was the dehydrogenation of the alcohol
in the adsorbed phase (34). However, it has also been reported that
acetone did not inhibit the dehydrogenation of 2-propanol over an
"aged" zinc oxide catalyst (35). From a study of 2-propanol dehydro-
genation over NiO the desorption of acetone was shown to be the rate
-determining step (36).

In recent work in these laboratories it was concluded that
the rate-controlling step in both dehydration and dehydrogenation reac-
tions over a series of oxides was either the adsorption of 2-propanol
or the reaction of the acdserbed alcohol (37, 38). It was shown further
that the decomposition of 2-propanol over manganese (II) oxide was
more complex than had been previously reported in that condensation
reactions were also possible (37).

Some of the conflicting results can be interpreted in terms
of the effects of surface oxygen (30, 38, 39). Gale et.al. (30)
suggested that preadsorbed oxygen may activate acetone to form a chem-
sorbed species. The oxygen would, in effect, decrease the activation
energy for acetone adsorption and hence the desorption of acetone,
which agrees with the view that acetone desorption is the rate-deter-
mining step in 2-propanol dehydrogenation over nickel oxide (36).

McCaffrey et.al. (38, 39) also reported relationships between
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oxygen content and mobility of surface oxygen with the catalytic activ-
ity of various metal oxides. In general, the selectivity for dehydro-
genation increased with increasing oxygen content (39).

1.4 Modified Metal Oxide Catalysts

Several studies have been made on the effects of added impur-
ities, on the activity of metal oxide catalysts towards alcohol decom-
position (36, 40, 41) and it has been reported that additives which
increased '"p-type' semiconductivity also increased dehydrogenation
activity, while those which increased ''n-type'" semiconductivity, have
the reverse activity effect. However, with zinc oxide ('"'n-type') in-
creasing the ''m-type'" character (i.e. increasing the ''free'" electron
concentration) also increased the rate of dehydrogenation (42, 43).
Other studies have also indicated that maxima and minima exist in
relationships between the rate of dehydrogenation and the concentration
of additives in zinc oxide (44, 45, 46).

Deren et.al. (47) studied the effects of lithium oxide doping
of zinc oxide on the semiconductivity and rates of dehydrogenation

0,

of 2-propanol (at approximately 1 atom % lithium, semiconductivity
reversed from '"n'" to 'p-type'") and found that the maximum activity cor-
responded to a maximum value in the electrical conductivity. It was
shown that initially a lowering of the Fermi level caused an increase
in the rate of dehydrogenation (a donor reaction) to a maximum. The
rate then decreased with a further shift in the Fermi level towards
the valence band (an acceptor reaction). Consequently dehydrogenation

can be regarded as either an 'acceptor' or 'donor' reaction depending

on the position of the Fermi level .
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The introduction of additives has been discussed so far in
terms of effects on conductivity and the electronic nature of the cat-
alyst, however, other factors may contribute to the changes produced.

Boreskov (48) reported that the presence of alkali metal
sulphates in vanadium pentoxide catalysts, used in sulphuric acid pro-
duction, had a pronounced effect on catalytic activity. Similarily,
Bibin and Kasatkina (49) found that the addition of alkali metal sul-
phates to vanadium pentoxide promoted exchange between molecular oxy-
gen and the oxygen of vanadium pentoxide. The effects on catalyst
activity were attributed to changes in mobility of the oxygen in the
pentoxide (49, 50, 51, 52).

The promoting action for oxygen exchange (49,50) was found

to be:

LiZSO < Na_ SO, < KZSO

4 2504 < RbZSO

< CSZSO

4 4 4

and studies of the catalytic oxidation of sulphur dioxide showed sim-
ilar trends (53).

1.5 Objective of the Present Investigation

From the above survey, it is apparent that the mechanism of
the heterogeneous decomposition of 2-propanol is still not well under-
stood. Much of the previous work has been concerned with the effects
of electronic and lattice factors and quite often the data obtained
have been confusing and contradictory.

The effect of oxygen mobility on the decomposition of

2-propanol has only recently received limited study. Thus, McCaffrey
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et.al. (38, 39) have proposed relationships between the catalytic
activity of alkaline earth oxides in 2-propanol decomposition and both
the mobility of surface oxygen and non-stoichiometric oxygen content.
Since the addition of alkali metal sulphates to vanadium pentoxide has
been shown to affect surface oxygen mobility, the decomposition of
2-propanol over modified vanadium pentoxide was investigated primarily

in an attempt to gain further information on these effects.



-18-

2. EXPERIMENTAL

2.1 General

The investigation of kinetic parameters, such as reaction rate
and factors influencing the reaction rate, is of prime importance to
catalytic research. Generally, kinetic data are used to develop rate
equations which are consistent with observations of the reaction mech-
anism,

Kinetic studies are mainly concerned with the slower reaction
steps, since these are rate-determining, and thus it is not always
possible to obtain a complete description of a catalytic reaction from
kinetic measurements alone. Frequently, different kinetic methods
are used to study a catalytic reaction. The major methods, the 'static!
method, the 'plug-type flow' method, and the 'pulse' method employ
different types of reactors and to some extent differ in the type of
information obtained (54).

The '"static' reactor system was one of the earliest used to
study catalytic reactions (55, 56). The reactants were introduced
into a constant volume reactor at the start of an experiment and then
the system was closed. The rate was followed by changes in concentra-
tion or pressure. 'Static'reactors are seldom used today because of the
many experimental uncertainties involved with the technique.

The two other principal methods are variations of flow tech-
niques. They differ in that the 'plug-type flow' method operates under

steady-state conditions whereas the 'pulse' method operates under
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non-steady state conditions.

In the 'plug-type flow' system a mixture of reactants, often
diluted by a carrier gas, is passed continuously, at a known rate of
flow, through a reaction vessel containing the catalyst to be studied (57).
The reaction products and unreacted starting materials are continuously
removed from the system for analysis.

These systems are generally in conditions where the catalyst
has attained 'steady-state activity'. Reaction rates and activities
are then determined after this condition has been established. The
steady state situation is achieved by passing the reactant gas(es) over
the catalyst for a period of time, which depends on the particular
catalyst. Reaching steady-state activity, however, creates one of the
inherent problems of this method—the chemical and physical nature of
the catalyst after conditioning. For example, Balandin and co-workers
(58, 59) have shown that during alcohol decompositions on transition
metal oxides the conditioning period caused reduction and in some cases
carbonization of many catalysts.

The 'pulse' method utilizes a fixed bed reactor with a con-
tinuously flowing carrier gas stream. In contrast to the *plug-type
flow" method the catalyst is not continuously exposed to the reactants
but to a micro quantity of reactant(s) (a pulse) injected into the
carrier gas stream (60). The carrier gas removes products and unreacted
starting material from the system for analysis. This method makes it
possible to study the process of 'conditioning' by pretreating with
reactants under non-steady state conditions. However, the non-steady

state condition usually does not allow rate data to be obtained, which
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is a major disadvantage.
2.2 Flow System

High purity helium (>99.99%) was passed through a molecular
sieve (Davison, Grade 564) drying column, which also acted as a pres-
sure stablizer, into a common junction, see Figure 2.2.1. Flow rates
were maintained using 'Matheson Rotameters' fitted with 'Matheson
Millimite' fine-control needle valves. In addition, lines (a), (b),
and (c) contained differential-pressure capillary flow meters, filled
with di-n-butyl phthalate as the manometric liquid, in series with the
rotameters. This ensured accurate flow measurements as the rotameters
tended to stick occasionally due to static charge build up created by
the dry helium passing through the glass rotameter tubes. The rota-
meters and differential flow meters were calibrated, for the gas used,
with a soap bubble burette.

From the differential flow meter in line (a) the helium
passed through an alcohol saturator. The alcohol-saturated helium was
channeled into a common manifold where it was allowed to mix with
helium carrier gas and other reactants, depending on the experimental
requirements. The reaction mixture next entered a preheater which
raised the temperature of the gas stream close to that of the reaction.
The stream was then directed through the reactor where it contacted
the catalyst.

The reaction products were conducted from the reactor through
heated lines and sampled periodically, by means of a gas sampling valve,
and fed into a gas chromatograph for analysis. The remainder of the

reaction products were vented to a fume hood.
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Flow line (b), Figure 2.2.1, was used for the addition of
pure helium carrier gas to maintain a constant total flow of 300 ml,
min_1 (NTP) in the system. Lines {(c) and (d) were used in studies of
the effects of the addition of acetone, water, propylene, propane and
hydrogen on catalysis. All gas streams could be mixed in desired
proportions in the common manifold prior to entry into the preheater.

The alcohol saturator was maintained at a constant temperature
by means of a water bath equipped with a 'Braun Thermomix II' circula-
tory heater which maintained the temperature at 17.4% 0.05°C. The
partial pressure of alcohol fed into the gas stream was controlled by
varying the flow of helium through the saturator. The saturator ef-
ficiency, with respect to saturation by alcohol vapour, was checked
by weighing the amount of alcohol removed and delivered to a cold trap
in separate experiments. The amount collected at a flow rate of 100 ml.
min-1 (NTP) through the saturator, when compared to the amount theor-
etically present, assuming complete saturation, corresponded to a sat-
urator efficiency of 98.7%. Unless otherwise stated, the flow through
the alcohol saturator was maintained at 100 ml. min-1 (NTP).

Since it was necessary in some experiments to vary the flow
through the alcohol saturator the effect of flow rate on saturator
efficiency was also examined. The efficiency was found to deviate by
less than 1% when the flow was varied between 40 ml. min-1 and 120 ml.
min—1 (NTP). The efficiency of the acetone/water saturator was deter-
mined in a similar manner and values of 99.5% for acetone and 96.8%
for water were observed.

Prior to use, saturator liquids were degased for 30 minutes
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by purging with dry helium. The shut-off taps, Figure 2.2.1, were
then opened and the gas stream was allowed to enter the common manifold.

The catalytic reactor was constructed from 20 mm. I.D. quartz
tubing and had an overall length of 58 cm. with B24/40 ground joints
at each end. The catalyst samples were sandwiched between quartz wool
plugs supported on three dimples in the reactor wall 32 cm. from the
entry port of the reactor.

The reactor was resistance heated by 5.14 m. of Chromel A
resistance wire (5.45 ohms. m_l) uniformly and non-inductively wound
in grooves in the quartz tube. The tube was then covered with asbestos
tape to a thickness of 1.5 cm. giving an outside diameter of 7 cm.
The reactor was finally wrapped tightly with several layers of aluminum
foil.

Reactor temperatures were monitored by a chromel/alumel
thermocouple, positioned in a thermometer well 5 mm. above the catalyst
bed, and controlled to within -0.2°C with a 'Thermo Electric 400' in-
dicating controller. A variable resistance was connected in series
with the resistance element of the reactor and adjusted with temper-
ature in order to eliminate slow cycling. All of the inter-connecting
lines from the outlets of the saturators to the inlet of the gas chrom-
atograph were tightly wound with thermal tape and maintained at a tem-
perature of not less than 120°C in order to avoid condensation of
vapour from the gas stream.

Blank run experiments, in which 2-propanol was passed through
the reactor containing quartz wool plugs, indicated no catalysis on

the reactor walls or plugs in the range from 150° to 3500C.
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2.3 Analysis

The gas stream containing reaction products was analyzed using
a dual column 'Hewlett Packard Research Chromatograph Model 5750' with
flame ionization and thermal conductivity detectors. Samples were in-
jected via a temperature controlled dual-loop gas sampling valve which
was maintained at 195°C. The analytical columns were constructed from
1.5 m. of 0.32 cm. 0.D. stainless steel tubing packed with 'Porapak Q'
(150-200 mesh).

Prior to each injection the column oven was maintained at
100°C. The temperature was held for a post-injection interval of
4 minutes which allowed water, propylene and propane to be eluted.
The column oven was then heated by linear-temperature programming at
20°C. min_1 to a maximum of 140°C. The columns were maintained at
this upper limit for 7 minutes. During this period, acetone and
2-propanol were eluted. The column oven was then recycled to 100°C.
With the chromatograph programmed in this manner the gas stream could
be sampled every 15 minutes.

A helium flow of 30 ml. min > (NTP) was passed through the
columns. Compressed air and pure hydrogen (99.9%), with flow rates

of 300 ml. min-1 and 30 ml. min_1

(NTP) respectively, were used as a
source for the jet flame of the ionization detector. In addition a
'make-up' gas stream of 40 ml. min_1 (NTP) helium was passed through
the flame detector.

The flame detector oven was maintained at 175°C. The oven

.. .. . . o
containing the thermal conductivity detector was maintained at 200 C

with a current of 245 mA passing through the detector filaments.
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The detector amplifiers were adjusted where necessary to en-
able the peaks of the individual components to remain on the recorder
scale. The chromatograms were recorded on a dual pen Linear Instruments
10" Strip Chart recorder.

Table 2.3.1 gives the retention times for the reaction com-
ponents using the 'Porapak Q' (150-200 mesh) column. Figures 2.3.1 and
2.3.2 show the chromatograms for the flame ionization and conductivity
detectors, respectively. Peak areas of the individual components were
used in quantitative estimations and these areas were determined from

the print-outs by a planimeter.

Table 2.3.1

Retention times for reaction components using a '"Porapak Q"
(150-200 mesh) column,

Reaction Component Retention Time (min)
Water 2.00
Propylene 3.47
Propane 3.85
Acetone 11.55
2-propanol 12.30

Detectors were calibrated for concentrations of gaseous com-
ponents by the exponential dilution method (61). This method involves
the injection of a gas sample into a mixing vessel of known volume
with a constant flow of helium passing through it. If at time, t=0,

the intial concentration of the injected sample was Co then at any
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time, t, the concentration, Ct’ of the gas can be calculated using the

equation:

C, =C -exp—(F/v)'t

& o ... 2.3.1

where F is the flow of helium through the vessel and V is the volume
of the mixing vessel. At various times the helium stream from the
vessel was sampled via the gas sampling loop of the chromatograph

and calibration curves of peak area against partial pressure were con-
structed as illustrated in Figure 2.3.3.

Calibration for the vapours, such as alcohol, acetone, and
water, was carried out by varying flow rates through the appropriate
saturator, see Figure 2.2.1, at a fixed temperature and calculating
the concentration of vapour which should be present in the gas stream.
A sample of the gas stream was analyzed via the gas sampling loop of
the chromatograph. Calibration curves of peak area against partial
pressure were constructed, see Figure 2.3.4. The accuracy of this
method was confirmed by injecting known amounts of the liquids into
the chromatograph by 'Hamilton micro-syringes' fitted with Chaney ad-
apters.

2.4 Surface Area Measurements

Surface area determinations involved the measurement of the
amount of gas necessary to form a monomolecular layer on the solid
surfaces. From the number of molecules adsorbed and the area occupied

by each molecule the surface area of the material can be determined.
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This technique has been widely used and gives very dependable results
for relative surface area values (62).

Brunauer, Emmett and Teller (63) derived the following gener-
al equation relating the monolayer volume (Vm) at saturation pressure
of the adsorbate gas (Po) to the total volume of gas adsorbed (V) at

a measured pressure (P), thus:

1 (C-1)P

_r 1 2.4.1
V(P_-P) vV C V_C-P_

where C is a constant related to the heats of adsorption and liquefac-
tion of the gas.

A plot of P/XV(PO—P) against P/PO gives a straight line of
slope (C—l)/VmC and intercept 1/VmC valid for relative pressures, P/Po’
between 0.05 and 0.35 (64).

The relatively small surface areas of the oxides, 0.36 to
12.7 mz.g-l, used in this work permitted the use of krypton as the
adsorbate (65). The apparatus is shown in Figure 2.4.1.

Approximately 10 mg. of sample was weighed into the sample
tube which was then positioned on the apparatus and evacuated at 10-4
Torr for 12 hours at 100°C. Krypton was then admitted to volume Va,
see Figure 2.4.1, and the pressure measured on the McLeod gauge. The

gas was then expanded into the sample tube which was immersed in liquid

nitrogen. After equilibrium was achieved, approximately 30 minutes,
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The pressure was again measured and the volume of krypton adsorbed was
calculated in the usual way (66) utilizing the computer programme
'KRBET' (see Appendix I).

2.5 X-ray Analysis

The catalysts in this work were analyzed by x-ray powder dif-
fraction techniques before and after use in the reactor.

The finely ground powders were sealed in capillary tubes and
diffraction patterns obtained using a Philipps X-ray Generator, oper-
ating at 40 kV and 20 mA, using a nickel-filtered, copper-K o radiation
source, equipped with a 114.83 mm. Debye-Scherrer camera. The dif-
fracted x-rays were recorded on strips of photographic film to give
the familiar powder photographs of lines of varying intensities. By
measurement of the lines, since the radius of the camera and the wave-
length (A) of the x-rays are known, the interplanar spacings were cal-
culated and the sample identified by comparison with standards in the
usual fashion (67).

2.6 Catalyst Preparation

The catalysts used were vanadium pentoxide and a series of
vanadium pentoxide melts containing, individually, 9.09 mole percent
of the sulphates of lithium, sodium, potassium, rubidium and cesium.

In addition a series of catalysts containing 1.01, 2.00 and 4.98 mole
percent potassium sulphate were prepared.

Vanadium pentoxide (>99.% pure) and the alkali metal sulphates
(>99.9% pure ) were obtained from Ventron and were used without any
further purification. The melts containing the alkali metal sulphates

were prepared (49) by mixing vanadium pentoxide powder and the correspond-
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ing weight of the appropriate sulphate additive in a 'ball mill' for
2 hours. This mixture was placed in a quartz dish and heated at 720°C
for 4 hours. The liquid melts were cooled rapidly, ground, and pellet-
ized in a 1.27 cm. die at a ram pressure of 3 tons for 2 minutes. These
pellets and pellets of pure vanadium pentoxide, prepared in the same
manner, were calcined at 520°C for 10 hours with the exception of the
cesium and rubidium sulphate melts which were calcined at 430°C. The
pellets were crushed, and sieved material with a particle diameter be-
tween 0.063 and 0.074 mm. used for the catalytic studies.
2.7 Reagents

"Spectranalyzed" grade 2-propanol and acetone were supplied
by Fisher Scientific.

Certified grade helium (>99.99 %), hydrogen (99.9%) and com-
pressed air were supplied by Canadian Liquid Air Limited.

Instrument Grade propane (99.5%) and C.P. Grade propylene (99.0%)

were obtained from Canadian Liquid Air Limited.
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3. RESULTS

3.1 Tests for Diffusion

In heterogeneous processes the transport of species ''through
the gas phase to or from the catalyst surface' is dependent on condi-
tions of temperature, pressure and gas flow (68). More specifically,
when transport phenomena such as flow, diffusion or convection are such
that they control the rate of the reaction then the contributions of
‘intrinsic chemical properties' of the surface reaction may be obscur-
red (69,70).

Catalytic reactions which are chemically controlled (i.e. in-
dependent of transport phenomena) can be interpreted using the Arrhenius

equation:

k = A exp (-Ea/RT) ... 3.1.1
where k is the rate constant, A, the 'pre-exponential factor' and, Ea,
the activation energy. For chemically controlled reactions the activa-
tion enexrgy is usually greater than 10 kc:al.mole—1 (71). In the case
of diffusion controlled reactions the estimation of activation energies
becomes more complex and values in the range of 2-4 kt:al.mole"1 are
frequently observed for diffusion processes (71). The evaluation of
transport effects, therefore, is important in any catalytic investiga-
tion.

Tests for gas phase diffusion normally involve examination
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of the effects of varying flow rate (72) and particle size (72, 73).
Preliminary investigations of the catalysts used in this

work indicated that the melt containing 9.09 mole percent potassium

sulphate was the most active catalyst and it was used as a standard for

diffusion tests and also in detailed kinetic studies.

3.1.1 Flow Rate Effects

The effect of varying flow rates, or space velocities, on
2-propanol decomposition was examined in order to establish a range of
flow rates within which 'intrinsic chemical activity' would be observed.
In these experiments the catalyst temperature and partial pressure of
2-propanol from the saturator were kept constant. The helium flow rate
was the only variable from 150 to 400 ml.min-1 (NTP). The flow effects
were studied at 230° and 300°C. In each experiment 1 g. of catalyst
(V205:9.09%K2804, particle size 0.063 to 0.074 mm.) was placed in the
reactor. The alcohol saturator was kept at 17.4+0.05°C and a partial
pressure of 8.84 mm. 2-propanol maintained.

Prior to each experiment the catalyst was conditioned for 24

hours in order to bring the system to a steady state, see section 3.2.1.

For each flow rate 4 successive samples were analyzed over a 1 hour

period.

The effects of varying flows on the rates, r, = rate of acetone
formation; T, = rate of propylene formation; rp = rate of propane form-
ation and T, = overall rate of 2-propanol decomposition, and product

formation are shown in Figures 3.1.1 and 3.1.2 for reactor temperatures
of 230° and 300°C respectively. Figure 3.1.1 shows that at 230°C the

overall and component reaction rates were unaffected by changes in flow
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rate, while Figure 3.1.2 indicates that at SOOOC reaction rates increase
with increase in flow rate. The reaction rates for formation of prop-
ylene and acetone show a fair tendency to level at 300 ml.min_1 (NTP)
at the higher temperature. However, the overall rate of reaction is
still climbing at this flow rate as a consequence of the increase in

the rate of formation of propane. Thus it appears that the latter rate
may be subject to transport influences in these conditions and hence

all subsequent experiments concerned with the evaluation of chemical
kinetic features were carried out at lower temperatures with a flow

rate of 300 ml.min ! (NTP) .

3.1.2 The Effect of Particle Size

The effect of varying particle size on the reaction rates
was examined at 2300C and BOOOC using 1 g. of catalyst (V205:9.09%
K2504) and a partial pressure of 8.84 mm. 2-propanol. The rates were

found to be independent of particle size at both temperatures, see

Table 3.1.1.

Table 3.1.1 Effect of particle size on the reaction rates: r,, ace-
tone formation; T, propylene formation and ry, propane
formation.

Particle Rates at 230°C Rates at 300°C
size range (moles.sec_l.m_z)xlo8 (moles.sec_l.m_z)xlo8
(mm) T T, Ty T r, T,
0.088 - 0.105 9.38 1.93 | 14.45 35.91 63.24 145.33
0.074 - 0.088 9.42 1.94 14.30 | 35.87 63.01 147.19
0.063 - 0.074 9.40 1.94 14.56 | 35.90 | 63.08 | 147.20
< 0.063 9.42 1.96 | 14.80 | 35.85 63.15 148.60
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In all further experiments a particle size range from 0.063 to 0.074
mm. was used.

3.2 The Catalytic Decomposition of 2-propanol

3.2.1 The Effect of Exposure Time on the Reaction Components

The effect of time on the decomposition of Z-propanol over
the catalyst containing 9.09 mole percent potassium sulphate, at 300°C
with 8.84 mm. alcohol partial pressure, is shown in Figure 3.2.1.

Initially the alcohol concentration dropped very quickly but
reached a steady level after approximately 12 hours. The acetone pro-
duction increased slowly while the propane increased at a faster rate.
Propylene formation increased very rapidly but fell off quickly with
time. The rate of decrease in propylene was in close step with the
rate of increase of propane, see Figure 3.2.1.

In all experiments therafter the catalysts were exposed to
8.84 mm. 2-propanol for 24 hours at 300°C before commencing a run.

The lengthy conditioning period ensured that catalyst samples had
reached a steady state activity. Results on all catalyst samples were
reproducible for at least 12 hours after the conditioning period.

3.2.2 The Effect of Temperature on the Reaction

Experiments were carried out, on vanadium pentoxide and the
series of catalysts containing alkali metal sulphate additives, with
8.84 mm. partial pressure 2-propanol, at various temperatures, from
200° to SOOOC, in which the rates of conversion of alcohol to acetone,
Ty» propylene, r

, and propane, r.,, were measured along with the over-

2 3

all rate of consumption of 2-propanol, Tys Figures 3.2.2 to 3.2.9.

The selectivity ratio for acetone formation , rl/(r1+r2+r3),
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was calculated for each catalyst as shown in Table 3.2.1.

The propane forming reaction was dominant although dehydration
to propylene and dehydrogenation to acetone also took place to a signifi-
cant extent. The contribution of these latter reactions,to the overall
reaction,decreased at higher temperatures. No other organic compounds
could be detected in the temperature range studied while water was
difficult to determine quantitatively with the chromatograph columns
used.

3.2.3 The Effect of 2-propanol Partial Pressure on the Reaction Rates

The partial pressure of Z-propanol was varied between 3.57 and
8.84 mm. over V205:9.09%KZSO4 at 230°C and 300 ml.min"1 (NTP) total
flow, see Figure 3.2.10. The amount of.propane produced increased
directly with increase in the partial pressure of 2-propanol while pro-
pylene was unaffected and acetone varied very slightly. A logarithmic
plot of rate against partial pressure of alcohol indicated a reaction
order for propane of 0.3 with respect to 2-propanol partial pressure,
Figure 3.2.11. The other products showed zero order reaction rate de-

pendencies with respect to 2-propanol partial pressure.

3.2.4 The Effect of Acetone

At 230°C and 8.84 mm. partial pressure 2-propanol, over
V205:9.09%KZSO4, the reaction was initially unsettled by the introduc-
tion of 0.58 mm. acetone but returned to steady values shortly after-
wards, see Figure 3.2.12. Once the system had returned to steady con-
ditions, no further effects of acetone on the reaction were detected
as the partial pressure of this component was increased step wise from

0.5 to 3.0 ‘mm Hg.
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The effect of 2-propanol partial pressure on the products
of theodecomposition of 2-propanol over V_ O :9.09%1(2804
at 230°C: A propane; [J acetone; (O propylene.
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3.2.5 The Effect of Water Vapour

At 230°C and 8.84 mm. partial pressure 2-propanol and a total
flow of 300 ml.min-l (NTP), over V205:9.09%KZSO4, the initial steady-
state condition was disturbed as water vapour was introduced. The sys-
tem returned to steady conditions shortly afterwards and then remained
unaffected as the partial pressure of water was varied from 0.75 to

3.0 mm., Figure 3.2.13.

3.2.6 The Effects of Hydrogen, Propylene and Propane

Under similar reaction conditions, 2300C, 8.84 mm. partial
pressure 2-propanol and a total flow of 300 ml.min_1 (NTP), over
V205:9.09%K2504, the main course of the reaction was not affected,
aside from the recurring initial settling, as the partial pressures of
propylene and hydrogen were varied between 4.2 and 10.0 mm., Figures
3.2.14 and 3.2.15. A similar result was observed for propane but,
unfortunately, insufficient data are available to plot a meaningful
graph.

3.3 Activation Energies

The apparent activation energies for the reactions involved
were calculated from rate equations formulated from the experimental
results. The order of the reaction for propane with respect to
2-propanol concentration was taken as 0.3 while the net effects of the
other components were considered to be zero order.

Since the dehydrogenation reaction, acetone formation, was
found to be zero order with respect to all components the reaction

may be treated as overall zero order, i.e.
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Figure 3.2.14 The effect of propylene partial pressure on the compomnents

for the decomposition of 2-propanol over V205:9.0996K2504

at 230°C: O acetone; O propylene; A propane and H2-propanol.
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Figure 3.2.15 The effect of hydrogen partial pressure on the components

for the decomposition of 2-propanol over V205:9.09%K2804
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1
dChc = k..c® .c® .c® .c° .c° .. 3.3.1
it 1" 7ac "alc pro py w
1
or dcac = k1 Le. 3.3.2
dt

where C refers to concentration and the subscripts ac, alc, pro, py and
w refer to acetone, 2-propanol, propane, propylene and water, respec-

tively. Separating variables and integrating gives:

Cac(f)
= k.t .. 3.3.3
ac 1

Cac(i)

where the subscripts i and f refer to initial and final concentrations,

Since Cac(i) = 0
]
then Cac(f) = kl.t ... 3.3.4
! C
or k1 = ac(f) ... 3.3.5
t

It is normal to assume that time, t, is inversely proportional to the

flow, i.e.

t o o 1

1
V. SV
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Where V = flow rate

. ; -1 -1
space velocity in cc. gas.cc, ~catalyst.sec
corrected for catalyst temperature (Reference 2)

S.V.

1"

Therefore k1 = Cac(f)' S.

V. ... 3.3.6

But C = Pac X 298 (moles.l-l) vee 3.3.7

G 24.47 x 760 x T

where ac = partial pressure acetone in mm.
and T = catalyst temperature in °K
and S.Vv. = 300 x_ T sec”! ... 3.3.8
298 x 1.1 x 60
since the catalyst volume was 1.1 cc.
" - -
Therefore kl = Pac x 300 (moles.sec 1.1 1) .. 3.3.9
24.47 x 760 x 1.1 x 60
The specific rate constant k1 is given by:
1" _1
k1 = kl.(S.A.)
where S.A. = the surface area of the catalyst present in the reactor.
Therefore k, = Pac * 300 (moles.l—l.sec_l.m-z)
24.47 x 760 x 1.1 x 60 x S.A. 3.3.10

For propane formation the following rate equation was formulated

1
.C0'3

EEpIQ k3 alc ... 3.3.11

dt
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Separating variables and integrating gives:

Since

then

or

where

and

where

and

where

Therefore
"

ks

S.V.

pro

pro

alc

alc

P

pro

Cpro(f)
C 1
pro = kSt 3.3.12
0.3
C
alc C
pro(i)
Coro(i) = °
! C
k3 = _pro . 3.3.13
0.3
C .t
alc
1" C
k3 = _pro . S.V. . 3.3.14
c0-3
alc
space velocity, see equation 3.3.8
concentration of propane
Ppro x 298 (moles.l-l) 3.3.15
24.47 x 760 x T
partial pressure of propane in torr
concentration of 2-propanol
_ Pay % 298 (moles.1 1) 3.3.16

24,47 x 760 x T

partial pressure of 2-propanol in torr

-0.3
x 300

X 298
c )

P
. al
24.47 x 760 x 1.1 x.60) ( 24.47 x 760 x T

(moles

0.

-0.7 -1
).

.sec 3.3.17

and the specific rate constant for propane formation is given by:
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-0.3
k3 - Ppro x 300 ) Palc X 298 )
24.47 x 760 x 1.1 x 60 x S.A. 24,47 x 760 x T
(moleso'7.1-0'7.sec—1.m-2) ... 3.3.18

The apparent activation energy for each reaction was obtained

by plotting the specific rate constant, k, in the Arrhenius fashion.

Log k = Log A - Ea ... 3.3.19
10 10 7303 x Rx T

A plot of Log 10 k against 1/T yields a line of slope
Ea/2.303 x R where Ea is the apparent activation energy, R the gas
constant, T the temperature in YK and A the 'pre-exponential factor'.

The specific rate constants for acetone formation, kl’ pro-
pylene formation, k2, propane formation, kS’ and 2-propanol consumption,
k4, were calculated. The surface areas used in these calculations were
those obtained after conditioning, see Table 3.4.1. The surface areas
measured after the conditioning period and those after subsequent reac-
tion were found to be the same in all cases. The rates of propylene
formation and alcohol consumption were zero order with respect to all
components thus the rate constants were determined in a manner simi-
lar to that used for acetone. Plots of Log 10 k against 1/T were
constructed, Figure 3.3.1.

Since all other catalysts were found to behave in a similar
kinetic manner to the melt containing 9.09 mole percent potassium
sulphate the same rate equations were used to evaluate specific reaction
rate constants and plots of Log 10 k against 1/T were constructed,

Figures 3.3.2 to 3.3.9.
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Figure 3.3.1

Arrhenius plots for the decomposition of 2-propanol over
V205:9.09%K2504: O kl’ acetone formation; O k2, propylene

formation; A k3, propane formation and (}k4, 2-propanol
consumption.
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Arrhenius plots for the decomposition of 2-propanol over
VZOS: Dkl’ acetone; O k2, propylene; A k3, propane and

O k> 2-propanol consumption.
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Figure 3.3.3

1.80 1.90 5 2.00 2.10
1000/T(°K)

Arrhenius plots for the decomposition of 2-propanol over
V205:9.09%LiZSO4: []kl, acetone formation; O k2, propylene

formation; A k3, propane formation and O k4, 2-propanol

consumption.
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Arrhenius »lots for the decomposition of 2-propanol over

. o . : .
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formation; A k3’ propane formation and () k4, 2-propanol

consumption,
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1 1 'O) 1
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Arrhenius plots for the decomposition of 2-propanol over

V205:9.09%C52804: ] kl’ acetone formation; QO k2, propylene

formation; A k3, propane formation and O k4, 2-propanol -

consumption.



(&3]
)
I

2.0 [T

(Log10 k1)+7; (Log10 k2)+7; (Log10 k3)+7; (Loglo k4)+7

1.0

-69-

1.70

Figure 3.3.7
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Arrhenius plots for the decomposition of 2-propanol over

V205:1.016K2504:E] kl’ acetone formation; C)kz, propylene

formation; A ks, propane formation and () k4, 2-propanol

consumption.
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Figure 3.3.8

Arrhenius plots for the decomposition of 2-propanol over
V205:2.00%K2804:[] k,, acetone formation; Ok,, propylene

formation; A k,, propane formation and o k4, 2-propanol

3,
consumption.
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A d f 1
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Figure 3.3.9
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1000/T( K)
Arrhenius plots for the decomposition of 2-propanol over

. o . : .,
V205.4.980KZSO4.E] kl’ acetone formation; C)kZ’ propylene

formation; A kS’ propane formation and (} k4, 2-propanol

consumption,
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Table 3.3.1 Apparent activation energies for 2-propanol consumption.
Activation energy in Activation energy in
Catalyst temperature range 300-270°C temperature range 260-200°C |
(kcal.mole-l) (kcal.mole-l)
V205 11.4 21.1
VZOS: .OQ%LiZSO4 13.1 20.3
V20$: .OQ%NaZSO4 11.9 24.9
VZOS: .09%K2804 19.6 26.1
VZOS: .09%Rb2504 14.5 26.1
VZOS: .09%C52804 13.1 30.5
VZOS: .01%K2804 17.7 17.7-6.9
VZOS: .00%K2504 9.2-17.2 17.2
V,0c: .98%KZSO4 18.3 18.3-4.3
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Table 3.3.2 Apparent activation energies for acetone production.
Activation energy in o Activation energy in o
Catalyst temperature range 300-230 C | temperature range 220-200"C
(kcal.mole—l) (kcal.mole_l)

V205 9.8 3.1
V205:9.09%Li2804 12.5 2.7
V205:9.09%Na2804 11.4 4.6
V205:9.09%K2804 11.0 1.8
V205:9.09%Rb2804 12.4 5.1
VZOS:Q.OQ%CSZSO4 13.1 6.0
V205:1.01%K2504 12.8 6.5
VZOS:Z.OO%KZSO4 11.9 4.6
V205:4.98%1(ZSO4 12.5 6.0
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Table 3.3.3 Apparent activation energies for propylene production.
Activation energy in Activation energy in
Catalyst temperature range 300-270°C temperature range 260-200°C
(kcal.mole‘l) (kcal.moleﬂl)

VZOS 16.1 22.9
V205:9.09%Li2504 17.2 27.7
V205:9.09%N32804 27.7 27.7
V205:9.09%K2804 30.5 30.5
V205:9.09%Rb2804 27.7 27.7
VZOS:Q.OQ%CSZSO4 30.5 30.5
VZOS:I.OI%KZSO4 8.1-23.9 23.9
VZOS:Z.OO%KZSO4 20.3 20.3
V205:4.98%KZSO4 23.9 23.9
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Table 3.3.4  Apparent activation energies for propane formation.
Activation energy in Activation energy in
Catalyst temperature range 300-270°C temperature range 260-200°C
(kcal.mole-l) (kcal.mole—l)
V205 10.0 17.4
V205:9.09%L12804 13.9 17.4
V205:9.09%Na2804 13.7 23.8
V205:9.09%K2504 13.7 23.8
V205:9.09%Rb2804 11.0 19.2
V205:9.09%CSZSO4 13.7 22.9
V205:1.01%K2504 11.9 24.7
V205:2.00%K2804 11.9 23.8
V205:4.98%KZSO4 12.8 24.7
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Apparent activation energies for the various reactions were
calculated from the Arrhenius plots and the results are shown in Tables
3.3.1 to 3.3.4.

3.4 Surface Area Determinations

The surface areas of all catalysts were found to change signifi-
cantly after conditioning, with the exception of the vanadium pentoxide
melt containing 9.09 mole percent potassium sulphate, Table 3.4.1.
Surface areas measured after reaction and after the 24 hour condition-
ing period were found not to change appreciably. Figures 3.4.1 and

3.4.2 show typical 'BET' plots for V 05:9.09%KZSO before and after

2 4

conditioning respectively.

3.5 X-ray Diffraction

X-ray powder patterns of the catalysts before reaction, with
the exception of the melt containing 9.09 mole percent sodium sulphate,
showed lines attributable to vanadium pentoxide, see Appendix II.

After catalysis, all catalysts exhibited a different powder
pattern. The extreme cases were the cesium sulphate and 9.09 mole
percent potassium sulphate melts. The latter gave a distinct but alter-
ed powder pattern while the pattern obtained with the former sample
was typical of an amorphous solid, Appendix II. The other catalyst
samples exhibited very faint, broad diffraction lines.

A sample of used V205:9.09%Li2504 catalyst which was heated
in air at 450°C for 1 hour gave a distinct powder pattern. An add-
itional sample was heated in air at 600°C for 12 hours. This sample
regained its orange-brown colour and the diffraction pattern was sim-

lar to that of VZO :9.09%Li, SO, which was unused, Appendix II.

5 2774
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4. DISCUSSION

4.1 Diffusion Effects

It is well established that gas transport phenomena and diff-
usion effects play an important role in the determination of experiment-
al kinetic data (74). The process which determines the overall rate
may be one or a combination of the following steps (71):

(1) Transport of reactants to the catalyst surface.

(2) Adsorption of reactants.

(3) Surface reaction.

(4) Desorption of products.

(5) Transport of products away from the surface.

When steps (1) and/or (5) are rate determining the reaction is said to
be diffusion controlled.

Diffusion processes on porous catalysts can be classified as;
(1) mass transfer to and from the catalyst surface (external diffusion)
and (ii) mass transfer in and out of catalyst pores (internal diffusion)
(75). Surface diffusion is frequently detected by varying the flow
rates, Section 3.1.1, while the influence of pore diffusion is often
assessed from particle size experiments, Section 3.1.2, (72, 75).

Variations in the total flow rate indicated that propane pro-
duction was influenced by transport phenomena at higher temperatures,
Figure 3.1.2. Activation energies for propane formation, Table 3.3.4,

at higher temperatures were <14.kc:al.mole_1 which lies towards the
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upper limit of the range usually associated with diffusion processes
(71). At these temperatures the chemical rate of propane formation may
approach that of the transport process and thus the reaction may then
be influenced by transport factors. At temperatures lower than 260°C
the rate of propane formation has decreased considerably, Figure 3.2.4,
and the reaction then becomes independent of transport phenomena, as
indicated by the results of the flow rate investigations at 2300C,
Section 3.1.1, and the values of activation energies, Table 3.2.4.

The rates of reaction for propylene and acetone formation were
not affected by variations in total flow at lower temperatures and
showed only a slight variation at higher temperatures. Surface dif-
fusion effects may, therefore, be negligible for these reactions, Sec-
tion 3.1.1. Variations in the rate of 2-propanol consumption as the
total flow was altered can be related to changes in the rate of prop-
ane formation, as discussed previously, Section 3.1.1.

Internal diffusion processes were investigated by varying the
particle size of the V205:9.09%K2804 catalyst, Section 3.1.2. These
experiments indicated that rates of reaction were unaffected by changes
in particle size at the temperatures investigated, Table 3.1.1.

It may be concluded that internal diffusion phenomena were not
rate controlling in the range of conditions used in this work while
external diffusion processes linked with propane formation were limit-
ed to higher temperatures. At lower temperatures, where kinetic exper-
iments were carried out, both external and internal diffusion pro-

cesses were not rate controlling.
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4.2 Catalytic Decomposition of 2-propanol

4,2.1 Conditioning Effects

The decomposition of 2-propanol over vanadium pentoxide and
modified vanadium pentoxide catalysts involved a hydrogenation-type
reaction forming propane, dehydrogenation to acetone and dehydration
to propylene. Contributions of other reactions, in the temperature
range used, were absent. Thus condensation reactions previously ob-
served by McCaffrey et. al. (37) on manganese oxides were not detected
with the present catalysts.

The effect of catalyst (V205:9.09%K2804) conditioning on pro-
duct distribution has been described in Section 3.2.1. Initially
2-propanol reacted on the catalyst surface to produce propylene and
acetone both of which may on desorption leave surface sites occupied by
hydrogen. As more sites become occupied by hydrogen,propylene and ace-
tone production decreased while propane production became evident, Fig-
ure 3.2.1. Propane may be produced by hydrogen extraction from the
surface. A more detailed discussion of possible mechanisms is given

in Section 4.2.5.

4.2.2 Selectivities for Acetone Formation

The selectivity ratios for acetone formation increased as re-
action temperatures decreased from 300° to 200°C indicating a prefer-
ence towards the dehydrogenation reaction at lower temperatures, Table
3.2.1.

Between 300° and <ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>