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a b s t r a c t
Brønsted acid sites in zeolites (H-FER, H-MFI, H-MOR) selectively hydrogenate alkenes in excess H2 at
high temperatures (>700 K) and at rates proportional to alkene and H2 pressures. This kinetic behavior
and the De Donder equations for non-equilibrium thermodynamics show that, even away from equilibrium, alkene hydrogenation and monomolecular alkane dehydrogenation occur on predominantly uncovered surfaces via microscopically reverse elementary steps, which involve kinetically-relevant (C–H–H)+
carbonium-ion-like transition states in both directions. As a result, rate constants, activation energies and
activation entropies for these two reactions are related by the thermodynamics of the overall stoichiometric gas-phase reaction. The ratios of rate constants for hydrogenation and dehydrogenation reactions do
not depend on the identity or reactivity of active sites; thus, sites within different zeolite structures (or at
different locations within a given zeolite) that favor alkane dehydrogenation reactions, because of their
ability to stabilize the required transition states, also favor alkene hydrogenation reactions to the exact
same extent. These concepts and conclusions also apply to monomolecular alkane cracking and bimolecular alkane–alkene reaction paths on Brønsted acids and, more generally, to any forward and reverse
reactions that proceed via the same kinetically-relevant step on vacant surfaces in the two directions,
even away from equilibrium. The evidence shown here for the sole involvement of Brønsted acids in
the hydrogenation of alkoxides with H2 is unprecedented in its mechanistic clarity and thermodynamic
rigor. The scavenging of alkoxides via direct H-transfer from H2 indicates that H2 can be used to control
the growth of chains and the formation of unreactive deposits in alkylation, oligomerization, cracking and
other acid-catalyzed reactions.
Published by Elsevier Inc.

1. Introduction
The catalytic cracking and dehydrogenation of alkanes on
Brønsted acid sites within zeolites have been shown by experiment
[1–5] and theory [6–9] to occur via monomolecular routes at high
temperatures (>623 K) and low conversions (<2%) [10]. These paths
involve protonation at C–C or C–H bonds in alkanes, respectively,
to form (C–C–H)+ or (C–H–H)+ carbonium-ion-like transition states
in their respective kinetically-relevant bond scission steps [2].
Cracking and dehydrogenation of alkanes (C3H8, n-C4H10, i-C4H10)
via monomolecular routes at these conditions occur exclusively
on Brønsted acid sites in H-FER, H-MFI and H-MOR, consistent with
rates proportional to the proton density in these materials but not
with the number of metal or Lewis acid impurity sites [2,3]. On all
zeolites, the differences between cracking and dehydrogenation
activation energies of a given alkane equal the difference in gasphase proton afﬁnities of its C–C and C–H bonds, as expected from
thermochemical cycle analyses of transition state ion-pairs for
⇑ Corresponding author. Fax: +1 510 642 4778.
E-mail address: iglesia@berkeley.edu (E. Iglesia).
0021-9517/$ - see front matter Published by Elsevier Inc.
doi:10.1016/j.jcat.2010.10.013

cracking and dehydrogenation paths catalyzed by Brønsted acids
(Section S.1, Supporting information) [2,3].
The hydrogenation of alkenes by H2 on acidic zeolites, however,
is typically attributed to metals [11–16] or cations [17,18] introduced deliberately or present as adventitious impurities [19,20].
Yet, the reactivity of Brønsted acid sites in monomolecular alkane
dehydrogenation would make such sites plausible candidates as
catalysts for alkene hydrogenation with H2 via carbonium-ion-like
transition states, as proposed, but not shown unequivocally, on liquid superacids [21–23] and solid acids [18,24,25]. This expectation would be justiﬁed rigorously for any general chemical
reaction only at equilibrium, conditions at which reactions occur
via identical mechanistic sequences in forward and reverse directions, as dictated by the principle of microscopic reversibility
[26,27]. Such requirements hold even away from equilibrium for
elementary steps, because they involve a single energy barrier that
must be surmounted in both directions along the reaction
coordinate.
We provide evidence here that Brønsted acid sites in zeolites
catalyze alkene hydrogenation with H2, even at conditions far away
from equilibrium, via the microscopic reverse of monomolecular
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alkane dehydrogenation paths and at rates constrained by the thermodynamics of the stoichiometric gas-phase reaction. Rate constants, activation energies and activation entropies for propene
hydrogenation and monomolecular propane dehydrogenation are
interpreted rigorously using common elementary steps and De
Donder relations that describe the rates of elementary steps as a
function of their chemical afﬁnity, the relevant metric for their distance from equilibrium. We use these mechanistic insights to show
that intrazeolite locations and channel structures that lead to more
active Brønsted acid sites do so to the same extent for monomolecular propane dehydrogenation and propene hydrogenation reactions, regardless of their respective distances from equilibrium.
These conclusions would seem at ﬁrst glance to extend the principle of microscopic reversibility beyond its intended description of
chemical reactions at equilibrium, but represent, in fact, a not altogether uncommon example of chemical reactions that involve a single kinetically-relevant elementary step on predominantly vacant
surfaces, for which such principles apply at all distances from
equilibrium.
2. Methods
2.1. Catalyst synthesis and characterization
3 1 1
NHþ
s ,
4 -zeolites were treated in ﬂowing dry air (2.5 cm g
1
zero grade, Praxair) by heating to 773 K (0.0167 K s ) and holding
for 4 h to prepare H-zeolites, which were then pelleted, crushed
and sieved to retain 180–250 lm (60–80 mesh) aggregates. The zeolite samples used are described in Table 1 together with the relevant
characterization data. The notation describes their fractional H+ and
Na+ content at exchange sites, their framework structure and their
provenance. Methods to prepare Na+-exchanged zeolites, measure
elemental composition, and collect 27Al NMR and infrared spectra
have been reported elsewhere [2]. The number of Brønsted acid sites
in Na+-exchanged samples was determined by the difference in the
number of framework Al atoms and exchanged Na+ cations.

2.2. Catalytic rate measurements
Procedures for measuring monomolecular alkane dehydrogenation rates have been reported elsewhere [2]. Alkene hydrogenation
rates were measured in a plug-ﬂow tubular quartz reactor under
differential conditions (<5% conversion). Before rate measurements,
catalysts (0.01–0.10 g) were treated at 803 K (0.0167 K s1) in a 5%
O2/95% He mixture (16.7 cm3 g1 s1, 99.999%, Praxair) for 2 h and
then in pure He ﬂow (16.7 cm3 g1 s1, 99.999%, Praxair) for 0.5 h
while propene (1% C3H6, 5% Ar, 94% He, Praxair, 99.5% purity) and
H2 (99.999%, Praxair) reactants were transferred to a gas chromatograph (Agilent HP-6890GC) via heated lines (423 K) for calibration
purposes. Reactants and products were separated using GS-AL/KCl

capillary (0.530 mm ID  50 m; Agilent) and HayeSep DB packed
(100–120 mesh, 10 ft.; Sigma–Aldrich) columns and detected using
ﬂame ionization and thermal conductivity detection, respectively.
Reactants were diluted with He (99.999%, Praxair) to vary the pressures and molar rates of C3H6 (0.01–0.05 kPa; 107–106 (mol
C3H6) g1 s1) and H2 (10–120 kPa; 104–103 (mol H2) g1 s1)
and to maintain high H2/C3H6 feed molar ratios (>1000). Rate constants measured between 718 K and 778 K were used to estimate
activation energies and pre-exponential factors. On all catalysts,
steady-state rates and selectivities measured after 12 h on stream
were similar (within 5%) to their initial values, indicating that kinetic data were unaffected by deactivation.
3. Results and discussion
3.1. Monomolecular alkane dehydrogenation on acidic zeolites
Monomolecular alkane dehydrogenation proceeds via quasiequilibrated adsorption of alkanes within zeolite voids that contain
Brønsted acid sites (Step 1, Scheme 1), the subsequent formation of
(C–H–H)+ carbonium-ion-like transition states in kinetically-relevant C–H scission steps (Step 2, Scheme 1), and quasi-equilibrated
desorption of alkene and H2 products (Steps 3–5, Scheme 1) [2].
The temperatures and pressures required for monomolecular alkane activation lead to unoccupied H+ sites as the most abundant
surface intermediate (MASI) [2] and to low intrazeolite alkane concentrations that are proportional to gas-phase pressures.
Propane dehydrogenation rates (per H+; 718–778 K; <2% conversion) on acidic zeolites (H-FER, H-MFI, H-MOR) are proportional
to C3H8 pressures (Fig. 1), consistent with an equation for monomolecular propane dehydrogenation rates (per H+) derived from
the mechanistic assumptions described earlier:
!

rD ¼ K 1 k2 P C3 H8 ¼ kmeas;D PC3 H8 :

ð1Þ

In this equation, kmeas,D is the effective ﬁrst-order dehydrogenation
rate constant, K1 is the equilibrium constant relating intrazeolite
C3H8 concentrations to extrazeolite C3H8 pressures, and k2 is the
rate constant for the step that forms C3 Hþ
7 and H2 species within
zeolites via (C3H9)+ carbonium-ion-like transition states. Dehydrogenation rate constants (kmeas,D) can be expressed in terms of measured activation energies (Emeas,D) and pre-exponential factors
(Ameas,D):

 
kmeas;D ¼ Ameas;D exp ðEmeas;D RT :

ð2Þ

Temperature effects on kmeas,D include contributions from K1
and k2, and Emeas,D reﬂects enthalpy differences between (C3H9)+
carbonium-ion-like transition states (Step 2, Scheme 1) within zeolite channels and C3H8 reactants in the extrazeolite ﬂuid phase (as
depicted in Scheme 2):

Table 1
Characterization of zeolite samples used in this study.

a
b
c

Zeolite

Source

Si/Al ratioa

Na/Al ratioa

AlEFb (%)

X8-MRc

X12-MRc

H100Na0-FER-Z
H100Na0-MFI-Z
H100Na0-MOR-T
H100Na0-MOR-S
H100Na0-MOR-Z
H83Na17-MOR-Z
H73Na27-MOR-Z
H59Na41-MOR-Z
H38Na62-MOR-Z

Zeolyst
Zeolyst
Tosoh
Sud-Chemie
Zeolyst
Zeolyst
Zeolyst
Zeolyst
Zeolyst

10.3
16.5
8.9
10.1
10.0
10.0
10.0
10.0
10.0

0.002
0.004
0.001
0.001
0.001
0.17
0.27
0.41
0.62

15
12
19
21
22
22
22
22
22

–
–
0.78
0.60
0.56
0.36
0.27
0.20
0.17

–
–
0.22
0.40
0.44
0.64
0.73
0.80
0.83

Determined from elemental analysis (ICP-OES; Galbraith Laboratories).
Extra-framework Al content (AlEF) determined from 27Al MAS NMR spectra; details in [2].
Fraction of H+ sites in 8-MR or 12-MR locations on MOR samples determined from infrared spectral band deconvolution (Section S.3, Supporting information).

38

R. Gounder, E. Iglesia / Journal of Catalysis 277 (2011) 36–45

RH2 (g)

3.2. Catalytic hydrogenation of alkenes on acidic zeolites

R (g) + H2 (g)
k1

1. RH2 (g)

k-1
k2

2. RH2 (z) + H+Z-

k-2
k3

3. RH+Z-

k-3
k4

4. R (z)

k-4
k5

5. H2 (z)

k-5

Reactions of propene with excess H2 (H2/C3H6 > 2500) at temperatures also used for monomolecular propane dehydrogenation
(718–778 K) formed propane with high selectivity (>80%; Fig. 2)
on H-FER, H-MFI and H-MOR, irrespective of zeolite provenance
or Na+ content. Propane formation rates (per H+) increased linearly
with C3H6 and H2 pressures (Fig. 3), consistent with rates expected
for low intrazeolite H2 and C3H6 concentrations in equilibrium
with their extrazeolite pressures and for kinetically-relevant reactions of C3 intermediates, either as bound alkoxides, carbenium
ions or physisorbed alkenes, with intrazeolite H2 species (Step 2,
Scheme 1):

σ
RH2 (z)

1

RH+Z- + H2 (z)

1

R (z) + H+Z-

1

R (g)

1

1 1
rH ¼ k2 K 1
3 K 4 K 5 P C3 H6 P H2 ¼ kmeas;H P C3 H6 P H2 :

H2 (g)

1

Scheme 1. Catalytic cycle for monomolecular alkane (RH2) dehydrogenation and
for alkene (R) hydrogenation with H2 on acidic zeolites involving gas-phase species
(g), adsorbates at framework Al sites (Z), and species adsorbed within zeolite
channels near framework Al sites (z). Stoichiometric numbers (r) shown for each
elementary step.
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Fig. 1. Dependence of propene formation rates (748 K) on propane pressure on
H100Na0-FER-Z (N), H100Na0-MFI-Z (j), and H100Na0-MOR-Z () during monomolecular propane dehydrogenation reactions.







Emeas; D ¼ DH1 þ E2 ¼ DHz;2  DHHþ Z  DHC3 H8 ðgÞ :

ð3Þ

Ameas,D also includes contributions from K1 and k2 and reﬂects entropy differences between the transition state for Step 2 and gaseous C3H8 reactants. This measured activation entropy (DSmeas,D),
corrected for the number of C–H bonds in the reactant alkane (nB)
[2], is given by:

 


DSmeas;D ¼ R ln ðAmeas;D nB  ln ðkB T =h






¼ DSz;2  DSHþ Z  DSC3 H8 ðgÞ :

ð4Þ

The measured rate parameters for monomolecular propane dehydrogenation are reported on each sample as kmeas,D, Emeas,D and
DSmeas,D in Tables 2 and 3.

ð5Þ

Here, kmeas,H is the effective second-order hydrogenation rate
constant, K3, K4, and K5 are equilibrium constants relating intrazeolite concentrations of C3 Hþ
7 , C3H6 and H2 species to C3H6 and H2
gas-phase pressures, and k2 is the rate constant for the formation
of intrazeolitic C3H8 species via (C3H9)+ carbonium-ion-like transition states. We note that the identity of the C3 intermediate involved in the kinetically-relevant step (Step 2, Scheme 1) cannot
be determined from kinetic data, which only indicate that C3 species present as alkoxides, carbenium ions or physisorbed alkenes
are in quasi-equilibrium with gaseous C3H6; we refer to the intermediate involved in Step 2 (Scheme 1) as an alkoxide to facilitate
the discussion that follows.
Rates of propane formation were inﬂuenced only weakly by
space velocity and gave large values after extrapolation to zero residence time (Fig. 4), consistent with its formation via direct hydrogenation of propene. Methane and ethylene were formed in nearly
equimolar ratios also as primary products (Fig. 4), but with much
lower selectivities that decreased with increasing H2 pressure
(H2/C3H6 > 2000; Fig. 2). These minority products may form either
via monomolecular cracking of propoxide species [28–30] to form
C2H4 and CHþ
3 surface species that subsequently react with H2 to
form CH4, or via interconversion of (C–H–H)+ dehydrogenation–
hydrogenation transition states to the (C–C–H)+ transition states
involved in monomolecular cracking to form C2H4 and CH4. At lower H2 pressures (H2/C3H6 < 2000), C4+ molecules become detectable
and C2H4/CH4 ratios become larger than unity, apparently via bscission of larger chains formed by C3H6 oligomerization with
propoxides or with methyl groups stranded by b-scission reactions
of propoxides to form C2H4 in stoichiometric excess (C2H4/CH4 > 1).
Temperature effects on kmeas,H reﬂect enthalpy differences between hydrogenation transition states (Step 2, Scheme 1) and alkene and H2 reactants in the external ﬂuid phase:

Emeas;H ¼ E2  DH3  DH4  DH5








¼ DHz;2  DHHþ Z  DHC3 H6 ðgÞ  DHH2 ðgÞ ;

ð6Þ

as also shown in Scheme 2 when the same transition state is involved in propane dehydrogenation and propene hydrogenation,
because the kinetically-relevant step is the same (albeit in reverse
directions) for these two reactions. The same approach leads to
expressions for measured activation entropies for hydrogenation
(DSmeas,H), which reﬂect entropy differences between the hydrogenation transition state (Step 2, Scheme 1) and extrazeolite C3H6 and
H2 reactants:

 


DSmeas;H ¼ R ln ðAmeas;H nB  lnðkB T=hÞ








¼ DSz;2  DSHþ Z  DSC3 H6 ðgÞ  DSH2 ðgÞ :

ð7Þ

These rate parameters (kmeas,H, Emeas,H, DSmeas,H) for propene hydrogenation on each zeolite catalyst are also shown in Tables 2 and 3.
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Scheme 2. Relative enthalpies along the reaction coordinate of molecules in the gas and intrazeolite phases, and of (C3H9)+ carbonium-ion-pairs stabilized within zeolite
channels. Enthalpy differences are reﬂected
activation barriers for monomolecular propane dehydrogenation (Emeas,D) and for propene hydrogenation (Emeas,H),
 in measured

and in the gas-phase reaction enthalpy DHOR ðgÞ (approximate values in parentheses). Plausible carbonium-ion structures involved in the reaction coordinate are also
depicted.

Table 2
Rate constants for monomolecular propane dehydrogenation (kmeas,D; mol (mol
H+)1 s1 (bar C3H8)1) and for propene hydrogenation (kmeas,H; mol (mol H+)1 s1
(bar C3H6)1 (bar H2)1) and their ratio (kmeas,D/kmeas,H; bar) on acidic zeolites at
748 K. Mean value of kmeas,D/kmeas,H on all samples is 0.017 ± 0.001 bar (95%
conﬁdence interval).
Zeolite

kmeas,D

kmeas,H

kmeas,D/kmeas,H

H100Na0-FER-Z
H100Na0-MFI-Z
H100Na0-MOR-T
H100Na0-MOR-S
H100Na0-MOR-Z
H83Na17-MOR-Z
H73Na27-MOR-Z
H59Na41-MOR-Z
H38Na62-MOR-Z

0.0031
0.0046
0.0029
0.0018
0.0021
0.0012
0.00085
0.00065
0.00058

0.22
0.26
0.17
0.10
0.12
0.075
0.044
0.041
0.035

0.014
0.018
0.018
0.018
0.018
0.016
0.019
0.016
0.017

Monomolecular propane dehydrogenation (Eq. (1)) and propene
hydrogenation (Eq. (5)) rate equations reﬂect the law of mass action for the stoichiometric reaction in their respective directions
(Scheme 1). Thus, the ratio of hydrogenation and dehydrogenation
rates depends on the same combined pressure terms as in the equi-

librium expression for the overall chemical reaction ((C3H6)(H2)/
(C3H8); Section S.2, Supporting information). This algebraic resemblance, by itself, is insufﬁcient to establish a mechanistic connection between their respective sequences of elementary steps (i.e.,
Scheme 1) or to relate the measured rate constants (kmeas,D, kmeas,H)
to speciﬁc steps as they appear in Eqs. (1) and (5), or to the equilibrium constant for the overall reaction, because these rate constants are measured at different conditions and far from
equilibrium in their respective directions. In what follows, we provide evidence that alkane dehydrogenation and alkene hydrogenation paths do, in fact, proceed via the same sequence of elementary
steps (Scheme 1) by interpreting rate constants in mechanistic
terms and using the De Donder relations to connect kinetic parameters (kmeas, Emeas, DSmeas) for these two reactions.

3.3. The De Donder formalism for rates of elementary steps and their
sequences
The net rate of an elementary step (ri) reﬂects the difference be!
tween its forward ðri Þ and reverse ðr i Þ rates:

Table 3
Measured activation energies (Emeas; kJ mol1) and entropies (DSmeas; J mol1 K1) for propane dehydrogenation and for propene hydrogenation on acidic zeolites; uncertainties
correspond to a 95% conﬁdence interval. Mean values of (Emeas,D  Emeas,H) and (DSmeas,D  DSmeas,H) on all samples are 127 ± 8 kJ mol1 and 134 ± 11 J mol1 K1, respectively
(95% conﬁdence interval).

a
b
c
d

Zeolite

Emeas,Da

Emeas,Hb

Emeas,D  Emeas,H

DSmeas,Dc

DSmeas,Hd

DSmeas,D  DSmeas,H

H100Na0-FER-Z
H100Na0-MFI-Z
H100Na0-MOR-T
H100Na0-MOR-S
H100Na0-MOR-Z
H83Na17-MOR-Z
H73Na27-MOR-Z
H59Na41-MOR-Z

195
204
189
192
198
201
201
196

76
90
58
56
77
71
75
60

119
114
131
136
121
130
126
136

57
42
66
66
56
57
60
69

180
160
206
213
184
195
194
215

123
118
140
147
128
138
134
146

±7 kJ mol1.
±9 kJ mol1.
±10 J mol1 K1.
±11 J mol1 K1.
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Fig. 2. Carbon selectivity to C3H8 (), C2H4 (d), and CH4 (N) products formed during
propene hydrogenation with varying H2/C3H6 feed ratio at 748 K on H100Na0-MORZ.

0

1000
2000
3000
SV-1 (/ (mol H+) s (mol C3H6)-1)

Fig. 4. Rates of formation of C3H8 (), C2H4 (d), and CH4 (N) at different C3H6 space
velocities (SV) (3–6% C3H6 conversion) on H100Na0-MOR-Z at 748 K and a 4000/1 H2/
C3H6 feed ratio.

!

ri = ri ¼ expðAi =RTÞ:

H2 Pressure (bar)
0

0.5

1

1.5

Ai ¼ RT ln K i

C3H8 Formation Rate

Y

mj

!

aj

ð10Þ

;

j

15

where aj and mj are the thermodynamic activity and molecularity of
the species j involved in step i, and where mj is positive for products
and negative for reactants. Ki is the equilibrium constant
for the
!
step, which is given, in turn, by the ratio of its forward ðki Þ and reverse ðki Þ rate constants:

10

!

Ki ¼

ki

ð11Þ

:

ki

5

0

0

0.0002
0.0004
C3H6 Pressure (bar)

The De Donder equation (Eq. (9)) accounts rigorously for the
consequences of thermodynamic equilibrium and of reactant and
product thermodynamic activities on the net rate of any elementary step in a catalytic sequence [33–36]; the sign of Ai prescribes
the direction in which the chemical transformation indicated by
that step will occur. The net rate of each elementary step is then
given by Eqs. (8)–(10) in terms of the approach to equilibrium
parameter for the ith step (gi) as:

0.0006

Fig. 3. Dependence of C3H8 formation rates (748 K) on C3H6 pressure
(105 mol (mol H+)1 s1 (bar H2)1; }: P(H2) = 1.2 bar; h: P(H2) = 0.9 bar; 4:
P(H2) = 0.6 bar) and H2 pressure (102 mol (mol H+)1 s1 (bar C3H6)1; :
P(C3H6) = 0.0003 bar; j: P(C3H6) = 0.0001 bar) on H100Na0-MOR-Z.

ri ¼

ð9Þ

Elementary step reaction rates must also obey the law of mass
action because they occur as written, and the chemical afﬁnity is
given by:

20

!
ri  ri

4000

:

ð8Þ

The De Donder equation [31,32] relates forward and reverse
rates to chemical afﬁnities (Ai) for a given step, which are deﬁned
as (oG/on)T,P with G denoting the Gibbs free energy and n the extent of reaction:

ri ¼

!
ri

1
1  Q mj
K i j aj

!

!

¼ r i ð1  gi Þ:

ð12Þ

The value of gi approaches zero far away from equilibrium and
unity as a step reaches equilibrium.
Catalytic reactions occur, however, via a sequence of elementary steps that form reactive intermediates on active sites, transform them chemically, and ultimately desorb them as products
to regenerate sites for subsequent turnovers. The pseudo-steadystate hypothesis (PSSH) for all adsorbed species requires that the
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net rate of each elementary step be related to that of the overall
reaction (r) by:
!

!

r i  ri ¼ ri ðr i  r Þ ¼ ri r;

ð13Þ

in which ri is the stoichiometric number for Step i, deﬁned as the
number of times it must occur to complete one catalytic turnover.
Applying Eq. (9) to each elementary step in a catalytic sequence allows the De Donder formalism to be extended from elementary
steps to single path catalytic sequences [36]:

Q!
X . 
ri
 RTÞ;
¼ Q ¼ exp
Ai RT ¼ expðA=r
r
ri

!

r

ð14Þ

where A represents the chemical afﬁnity for the overall reaction
sequence:

A¼

X

ri Ai ;

ð15Þ

i

 is an afﬁnity-averaged stoichiometric number for the cataand r
lytic sequence:

r ¼

X

,

ri Ai

i

X

Ai :

ð16Þ

i

The fact that elementary steps are reversible (Eq. (9)) implies
that a single path catalytic sequence must also occur in both forward and reverse directions at the respective rates given by Eq.
(14),
at a given set of reaction conditions (T, Pj). Moreover, forward
!
ðk Þ and reverse ðk Þ rate constants must be related to the equilibrium constant (KR) for the overall reaction [36] by:
!

r
k = k ¼ K 1=
R :


ð17Þ

When all kinetically-relevant steps in a catalytic sequence have
stoichiometric numbers of unity, as is the case for hydrogenation–
dehydrogenation reactions (Scheme 1), Eqs. (14) and (17) become
indistinguishable from those derived for a single elementary step,
irrespective of the concentrations of reactants and products relative to their equilibrium values.

41

Thus, the ratio of measured rate constants for alkane dehydrogenation (kmeas,D) and alkene hydrogenation (kmeas,H), as given by
Eq. (20), equals the equilibrium constant for the interconversion
of the gaseous molecules, as given by Eq. (17), but only when the
surface coverage of each species is identical in both directions. This
requirement is rigorously met only for a ﬁxed set of reaction conditions (T, Pj); however, the reaction rate in the direction opposing
equilibrium cannot be measured directly in such cases.
Turnover rates for monomolecular propane dehydrogenation
and bimolecular propene hydrogenation were measured at different pressures so as to ensure unidirectional reactions in their
respective directions (gi < 0.001). Propene hydrogenation rates depend linearly on both C3H6 and H2 pressures (Fig. 3), consistent
with the rate expression derived when propoxide formation (Step
3, Scheme 1) is quasi-equilibrated but inconsistent with the zeroorder H2 dependence in the expression derived when Step 2
(Scheme 1) is assumed to be quasi-equilibrated instead (derivation
in Appendix A). The mean value of kmeas,D/kmeas,H at 748 K for all
zeolites tested is 0.017 ± 0.001 bar (Table 2), which is identical,
within experimental accuracy, to the equilibrium constant (KR)
for the stoichiometric propane dehydrogenation reaction at 748 K
(0.017 bar; Section S.2, Supporting information). This remarkable
 ¼ 1 (evident from the
agreement is consistent with Eq. (17) for r
elementary steps in Scheme 1), as if stoichiometric dehydrogenation–hydrogenation reactions behaved as a single elementary step.
This thermodynamic consistency between alkane dehydrogenation and alkene hydrogenation rate constants and equations persists at all temperatures (718–778 K; Fig. 5), but it is not
rigorously required in this case, because De Donder relations apply
only when forward and reverse reactions are carried out at the
same reactant and product pressures. The ratio of propane dehydrogenation and propene hydrogenation rates, when measured at
different conditions (denoted by subscripts A and B, respectively)
and when alkoxide desorption and formation (Step 3, Scheme 1)
is quasi-equilibrated, is given by (derivation in Appendix A):



!
kmeas;D P RH2 A ðcHþ Z ÞA
ðr Þ
 D A ¼
 
:
kmeas;H P H2 B ðPR ÞB ðcHþ Z ÞB
rH

ð21Þ

B

3.4. Mechanistic connections between alkane dehydrogenation and
alkene hydrogenation
The application of Eq. (14) to the alkane dehydrogenation sequence in Scheme 1 and with forward and reverse rates for elementary steps given by the law of mass action results in:
!

rD
rH

! ! ! ! !

¼

r1 r2 r3 r4 r5

r1 r2 r3 r4 r5
k1 aRH2 ðgÞ k2 aRH2 ðzÞ aHþ Z k3 aRHþ Z k4 aRðzÞ k5 aH2 ðzÞ
¼
:
k1 aRH2 ðzÞ k2 aRHþ Z aH2 ðzÞ k3 aRðzÞ aHþ Z k4 aRðgÞ k5 aH2 ðgÞ

ð18Þ

The thermodynamic activity of any given surface intermediate
appearing in the forward and reverse rate expressions in Eq. (18)
is identical for a ﬁxed set of reaction conditions (T, Pj). These terms
cancel in such cases and replacing activities for ideal gases with
pressures results in:
!

rD
rH

¼

k1 PRH2 k2 k3 k4 k5
:
k1 k2 k3 k4 PR k5 PH2

ð19Þ

The isolation of dehydrogenation and hydrogenation rate
parameters in the numerator and denominator, respectively, then
gives:
!

rD
rH

¼

K 1 k2 PRH2
1 1
k2 K 1
3 K 4 K 5 P R P H2

¼

kmeas;D PRH2
:
kmeas;H PR P H2

ð20Þ

This equation reduces to that describing a ﬁxed set of reaction
conditions (Eq. (20)) only when unoccupied H+ sites are the most
abundant species at the different reaction conditions used to measure forward and reverse rates, which is the case for the high temperatures and low hydrocarbon pressures used in this study. Thus,
the persistent relevance of the De Donder relation beyond its intended scope reﬂects a unique situation in which different conditions for forward and reverse catalytic reactions preserve the
identity of a single most abundant surface intermediate and of a
single kinetically-relevant step, which must be unoccupied H+ sites
and Step 2 (Scheme 1), respectively, for the dehydrogenation–
hydrogenation reactions described in this study (Appendix A). In
such cases, forward and reverse directions of the kinetically-relevant step, and consequently of a multi-step chemical reaction sequence even far away from equilibrium, must obey the principle
of microscopic reversibility. This unique situation, not all that
infrequent in heterogeneous catalysis, allows the rigorous prediction of the rate in one direction from thermodynamic data and
the rate in the opposite direction by using Eq. (17), for any active
site or catalyst, irrespective of its reactivity or structure.
Measured activation barriers for monomolecular propane dehydrogenation (Eq. (3)) and for propene hydrogenation (Eq. (6)) depend on zeolite channel structure because they each reﬂect
enthalpy differences between the same transition state (Step 2,
Scheme 1) solvated by channel environments and their respective
reactants in the extrazeolitic gas phase. The difference between
Emeas,D and Emeas,H on a given site is:
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100

ceed via the same kinetically-relevant transition state and differences in their measured activation energies merely reﬂect the
enthalpy for the overall chemical reaction (Eq. (22)). This relation
between activation energies in the forward and reverse direction
and the reaction enthalpy (shown in Scheme 2) holds rigorously
for any elementary step, but is unexpected in general for rates
and barriers arising from the sequence of elementary steps required to complete a catalytic turnover. These same arguments apply for differences in measured activation entropies for the
catalytic reaction in forward and reverse directions, which causes
differences between DSmeas,D and DSmeas,H on all zeolites tested
(134 ± 11 J mol1 K1; Table 3) to equal, within experimental error,
the gas-phase reaction entropy for propane dehydrogenation
(DSR(g) = 138 J mol1 K1; Section S.2, Supporting information) because the transition state entropy also cancels when evaluating
this difference:

kmeas,H
10-1

KR
kmeas,D
kmeas,H

10-2

kmeas,D

10-3









DSmeas;D  DSmeas;H ¼ DSC3 H6 ðgÞ þ DSH2 ðgÞ  DSC3 H8 ðgÞ ¼ DSRðgÞ :

10-4
1.24

1.34
103 (K) / T

1.44

Fig. 5. Rate constants for monomolecular propane dehydrogenation (kmeas,D;
mol (mol H+) s1 (bar C3H8)1; ) and propene hydrogenation (kmeas,H; mol (mol
H+) s1 (bar C3H6)1 (bar H2)1; N) and their ratio (kmeas,D/kmeas,H bar; d) from 718
to 778 K on H100Na0-MOR-T. The equilibrium constant for the gas-phase reaction
(KR; bar) is given by the dashed line.









Emeas;D  Emeas;H ¼ DHC3 H6 ðgÞ þ DHH2 ðgÞ  DHC3 H8 ðgÞ ¼ DHRðgÞ ;

ð22Þ

in which the enthalpy of the bare proton and of the transition state
cancel rigorously. The differences between measured Emeas,D and
Emeas,H are very similar on all zeolites (127 ± 8 kJ mol1; Table 3)
and identical, within experimental accuracy, to the enthalpy for
the stoichiometric propane dehydrogenation reaction (DHR(g) =
129 kJ mol1; Section S.2, Supporting information), consistent with
the relation expected (Eq. (22)) when the same elementary step
(Step 2, Scheme 1) is kinetically-relevant in both forward and reverse directions.
Theoretical studies indicate that monomolecular alkane dehydrogenation requires late transition states, with a nearly full positive charge localized at the alkyl cations and activation barriers
that reﬂect predominantly electrostatic interactions of the fullyformed ion-pairs [6,7,37,38]. We conclude from the thermodynamic consistency of the rate parameters for monomolecular
alkane dehydrogenation and alkene hydrogenation that they occur
via a common transition state, however, the initial carbonium-ions
formed in these two reactions are likely to differ in structure (as
depicted qualitatively in Scheme 2). This requires, in turn, that
the incipient (C–H–H)+ carbonium-ions formed in forward and reverse directions of Step 2 (Scheme 1) interconvert via rotations
that involve kinetically-insigniﬁcant energy barriers, which has
been shown by theory for the cationic intermediates and transition
states involved in hydride transfer and dehydrogenation reactions
of hydrocarbons on heteropolyacids [39,40]. These data and interpretations provide the ﬁrst experimental evidence for the facile
rotation of cationic species at transition states, which appears to
be ubiquitous in catalysis on solid acids.
The reaction coordinate for the overall catalytic reaction contains free energy barriers for the other elementary steps in
Scheme 1, but they are small enough in both directions to make
these steps quasi-equilibrated. As a consequence, monomolecular
alkane dehydrogenation and alkene hydrogenation reactions pro-

ð23Þ

Temperature effects on kmeas,D/kmeas,H ratios depend only on the
thermodynamics of the overall reaction (Eq. (22); Fig. 5); therefore,
they must be identical on all catalysts, irrespective of the structure
or reactivity of the active sites or of any conﬁnement effects provided by the spatial constraints within zeolite structures, as long
as H+ remains the single MASI and Step 2 (Scheme 1) remains
the sole kinetically-relevant step at the different conditions used
to measure forward and reverse reaction rates. As a result, the rate
of the reverse reaction at any given temperature and at any reactant and product concentrations can be determined rigorously
from the rate of the forward reaction determined at that temperature but at different reactant concentrations. In the same manner,
activation energies and entropies for a reaction can be estimated
accurately from thermodynamic data and their values for the reaction in the opposite direction, as long as these requirements are
met, as they are in this case for propane–propene interconversions.
3.5. Preferences of mechanistically-related paths for speciﬁc
intrazeolite locations
Each elementary step occurring on acid sites in zeolites, and on
catalytic sites in general, must proceed via a single reversible barrier and thus via identical transition states in its forward and reverse directions. As a result, an active site that preferentially
catalyzes a given elementary step by stabilizing its transition state
must also do so with equal preference and to the same extent in
the reverse direction. This must also be true, by extension, for entire catalytic sequences even away from equilibrium at ﬁxed reaction conditions (T, Pj) as indicated by Eq. (20), and even at different
reaction conditions as long as the kinetically-relevant step remains
the same and unoccupied sites are the most abundant surface species, as indicated by Eq. (21). In contrast, when surfaces are predominantly covered by species other than empty sites at the
different reaction conditions used for the forward and reverse
directions of a catalytic sequence, the coverage of intermediates
is given by terms of different magnitude in the respective denominators of the forward and reverse rate expressions, which therefore do not cancel in the ratio of forward and reverse rates; in
such cases (e.g., NH3 synthesis and decomposition [41]), surfaces
that preferentially catalyze the reaction in the forward direction
do not necessarily do so in the reverse direction.
A given catalytic solid contains a range of active sites differing
in structure, binding properties and spatial environment and therefore also in catalytic reactivity, even for regular crystalline materials such as zeolites. As a result, turnover rates for monomolecular
alkane activation differ among protons present at different locations within a given zeolite (e.g. 8-member and 12-member rings
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8-MR H+

Rate constant
a

kmeas,D
kmeas,Ha
kmeas,D/kmeas,H

12-MR H+

0.0036 ± 0.0004
0.20 ± 0.03
0.018 ± 0.004

b

n.d.
n.d.b
n.d.b

8-MR H+/12-MR H+
>10c
>17c

a
Rate constants determined by linear regression methods (Section S.3, Supporting information).
b
n.d., not detected.
c
Lower bounds on 8-MR-to-12-MR rate constant ratios determined by assuming
maximum values for 12-MR rate constants were upper bounds of conﬁdence
intervals containing one standard deviation, because 12-MR rate constants were
undetectable, within the accuracy of regression.

0.032

0.024

KR
0.016

0.008

0

0.20

Rate Constants (per total H+)

Table 4
Rate constants for monomolecular propane dehydrogenation (kmeas,D; mol (mol
H+)1 s1 (bar C3H8)1) and for propylene hydrogenation (kmeas,H; mol (mol
H+)1 s1 (bar C3H6)1 (bar H2)1) at 748 K on 8-MR and 12-MR H+ of MOR.

kmeas,D / kmeas,H (bar)

in H-MOR) [2,3], and the ensemble-averaged reactivity of protons
in a given zeolite also varies with channel structure (e.g. H-FER,
H-MFI, H-MOR) [2,42]. Thus, it seems reasonable to conclude that
the aforementioned irrelevance of the catalyst identity for kmeas,D/
kmeas,H ratios and their exclusive thermodynamic origins can be extended to sites of different reactivity within a given catalyst. If indeed so, site properties that affect reactivity would do so with the
exact proportional effects on the rates of the forward and reverse
reaction, even when the rates for these reactions are measured at
different conditions and each far away from its respective equilibrium, as long as such conditions preserve the identity of the single
MASI (unoccupied H+) and the single kinetically-relevant step
(Step 2, Scheme 1).
Turnover rates for the monomolecular cracking and dehydrogenation of linear (C3H8, n-C4H10) [2] and branched (i-C4H10) [3] alkanes are signiﬁcantly larger on protons located within eightmembered ring (8-MR) pockets in H-MOR than on protons with
similar acid strength [43] but present within larger and more
accessible 12-MR channels. The required transition states for alkane protonation at C–C and C–H bonds (Step 2, Scheme 1) are
conﬁned only partially within the shallow 8-MR pockets, leading
to structures with higher entropy and lower free energy and to rate
constants signiﬁcantly larger on 8-MR than 12-MR protons for both
dehydrogenation and cracking reactions [2]. Alkene hydrogenation
proceeds via the same kinetically-relevant step and transition state
as monomolecular alkane dehydrogenation; thus, hydrogenation
turnover rates must also be larger, to the same exact extent, on
8-MR than on 12-MR protons in H-MOR.
Infrared spectral band deconvolution methods (Section S.3,
Supporting information) showed that H-MOR samples of varying
provenance or extent of Na+ exchange contain very different distributions of protons between 8-MR side pockets (0.10–0.80 fraction;
Table 1) and 12-MR channels [2]. As in the case of propane dehydrogenation, rate constants for propene hydrogenation (per total
H+; 748 K; Fig. 6) increased linearly as the fraction of the H+ that
reside within 8-MR pockets increased, consistent with the prefer-

0

0.2

0.4
0.6
0.8
Fraction of H+ in 8-MR

1

Fig. 7. Dependence of monomolecular propane dehydrogenation-to-propene
hydrogenation rate constant ratios (kmeas,D/kmeas,H; bar; d) at 748 K on the fraction
of 8-MR H+ in MOR catalysts. The equilibrium constant for the gas-phase reaction
(KR = 0.017 bar; 748 K) is given by the dashed line.

0.15
kmeas,H

0.10

0.05

0.00

kmeas,D (x10)

0

0.2

0.4
0.6
0.8
Fraction of H+ in 8-MR

1

Fig. 6. Dependence of rate constants (per total H+) for monomolecular propane
dehydrogenation (kmeas,D; 10 mol (mol H+) s1 (bar C3H8)1; ) and propene
hydrogenation (kmeas,H; mol (mol H+) s1 (bar C3H6)1 (bar H2)1; N) on the fraction
of 8-MR H+ in MOR catalysts.

ence of both reactions for 8-MR sites. The contributions of 12-MR
sites to both measured propane dehydrogenation and propene
hydrogenation turnover rates were negligible (Table 4; Section S.3,
Supporting information). On all MOR zeolites, irrespective of their
H+ distribution, the kmeas,D/kmeas,H ratios were equal to the equilibrium constant (Table 2, Fig. 7; 748 K) and differences between the
measured activation energies and entropies for the dehydrogenation and hydrogenation reactions gave the overall reaction enthalpy and entropy, respectively (Table 3). These data are consistent
with Eqs. (17), (22), and (23), respectively, and with their requirement that the same elementary step (Step 2, Scheme 1) remains
the sole kinetically-relevant step and that the unoccupied sites
persist as the most abundant surface species at the conditions used
for alkane dehydrogenation and alkene hydrogenation reactions.
Therefore, Brønsted sites within a given zeolite structure that stabilize transition states more effectively and give higher turnover
rates for alkane dehydrogenation (e.g., 8-MR H+ in MOR) also do
so for alkene hydrogenation, even at the very different reactant
and product concentrations used to measure turnovers rates in
the two reaction directions.
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4. Conclusions
Brønsted acid sites within zeolite channels catalyze alkane dehydrogenation via monomolecular routes involving (C–H–H)+ carbonium-ion-like transition states for kinetically-relevant C–H bond
scission steps. The De Donder relations for non-equilibrium thermodynamics indicate that such sites must also catalyze the reverse
reaction, alkene hydrogenation with H2, at a ﬁxed set of reaction
conditions (T, Pj), even away from equilibrium. We show here that
propene–H2 reactions on acidic zeolites (H-FER, H-MFI, H-MOR) indeed led to the selective formation of propane, but at reactant and
product concentrations that differ from those used for monomolecular alkane dehydrogenation. Moreover, the ratio of rate constants
for the forward and reverse reactions was independent of catalyst
identity or Brønsted acid site reactivity and depended only on the
standard enthalpy and entropy of the overall reaction.
The thermodynamic origin of the ratio of rate constants measured at different conditions, possibly reﬂecting different mechanisms, most abundant surface intermediates or kineticallyrelevant steps, is surprising and not required rigorously by
non-equilibrium thermodynamic treatments of reaction rates
developed by De Donder and used by Boudart. The fortuitous success of the De Donder equation in enforcing these thermodynamic
constraints reﬂects surfaces that remain predominantly vacant and
elementary steps that remain kinetically-relevant at the different
conditions used to measure forward and reverse rates. In this case,
propene hydrogenation proceeds via elementary steps identical
(but reverse) to those required for monomolecular alkane dehydrogenation; these steps involve quasi-equilibrated adsorption of alkenes to form alkoxides and their reaction with H2 via the same
kinetically-relevant (C–H–H)+ carbonium-ion-like transition states
(Step 2, Scheme 1) as required for monomolecular dehydrogenation of alkanes on Brønsted acid sites. Thus, differences in catalytic
reactivity among zeolitic materials, which are inﬂuenced by conﬁnement, binding energy, and acid strength, must inﬂuence to
the same proportional extent the rates of the forward and reverse
reactions in general, even when the reactant and product concentrations differ in the measurement of the two rates, as long as the
conditions required for the De Donder relations to hold are maintained. Within the speciﬁc context of zeolite catalysis by Brønsted
acids, these concepts can be extended logically to alkylation reactions between alkanes (e.g., CH4, C2H6) and alkenes (e.g., C2H4,
C3H6) that proceed via (C–C–H)+ carbonium-ion-like transition
states [44,45] also involved in monomolecular cracking reactions
of linear [2] and branched [3] alkanes.
The ability of H2 to scavenge surface alkoxides directly via
hydrogen transfer can guide design and selection strategies for
zeolite catalysts that contain Brønsted acid sites, but are devoid
of metal or cationic species, for hydrogenation and hydrogen transfer catalysis. These results suggest further that reactions of alkoxides with alkenes in oligomerization reactions can be terminated
by hydrogen transfer from H2, in steps analogous to those that
transfer hydrogen from alkanes, and at rates that can be estimated
from the reverse reaction (alkane dehydrogenation to form the
alkoxide species). The incorporation of H2 into Brønsted acid-catalyzed reaction paths indicates its presence during oligomerization,
alkylation and cracking processes can inﬂuence chain growth
selectivities and mitigate the formation of unreactive residues
[46,47].
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Appendix A. Derivation of rate expressions for alkane
dehydrogenation and alkene hydrogenation
A.1. Temkin relation for forward and reverse rate expressions
The reaction rates in the forward (monomolecular alkane dehydrogenation) and reverse (alkene hydrogenation) directions can be
written by considering only Steps 2 and 3 in Scheme 1, which by
themselves comprise a closed sequence and are preceded only by
equilibrated steps that relate the activities of the species involved
to those in the gas phase, using the following relation [36,48]:
!

!

ðr D ÞA ¼
ðr H ÞB ¼

!

ðr 2 ÞA ðr 3 ÞA
!

r2 ðr3 ÞA þ r3 ðr2 ÞA
ðr 2 ÞB ðr 3 ÞB
!

r2 ðr3 ÞB þ r3 ðr2 ÞB

;

ðA:1Þ

:

ðA:2Þ

In these equations, the subscripts A and B denote the different reaction conditions used to measure rates of dehydrogenation and
hydrogenation, respectively. Reaction rates for elementary steps
are given by the law of mass action, and Eqs. (A.1) and (A.2) can
be rewritten as:

k2 k3 ðaRH2 ðzÞ ÞA ðaHþ Z ÞA
;
k3 þ k2 ðaH2 ðzÞ ÞA
k2 k3 ðaH2 ðzÞ ÞB ðaRðzÞ ÞB ðaHþ Z ÞB
;
ðr H ÞB ¼
k3 þ k2 ðaH2 ðzÞ ÞB
!

ðr D ÞA ¼

ðA:3Þ
ðA:4Þ

in which the aRHþ Z terms have been cancelled from the numerator
and denominator of each equation.
The activity of H+ species ðaHþ Z Þ can be expressed as the product of their activity coefﬁcient ðcHþ Z Þ and concentration ðcHþ Z Þ:

aHþ Z ¼ cHþ Z cHþ Z :

ðA:5Þ

We have shown previously [2], using reported adsorption
enthalpies and entropies for hydrocarbons on acidic zeolites [49–
51], that H+ sites are predominantly unoccupied at the conditions
(>700 K, <0.05 bar (hydrocarbon)) relevant for monomolecular alkane dehydrogenation and alkene hydrogenation reactions. In this
low coverage limit, both the fractional coverage of and activity
coefﬁcients for H+ sites approach unity. Studies of alkane adsorption on acidic zeolites (Si/Al > 10) using calorimetry, gravimetry
and infrared spectroscopy have shown further that C3–C6 n-alkanes adsorb speciﬁcally onto H+ sites with constant adsorption
enthalpies, even up to saturation coverages [49–51]. Thus, when
framework Al atoms are isolated from each other, as tends to occur
when Si/Al > 9 in FER, MFI and MOR [52], zeolites behave as Langmuirian ensembles of Brønsted acid sites with uniform binding
properties, and in turn, activity coefﬁcients that are independent
of surface coverage.
A.2. Case I: Step 3 is quasi-equilibrated
The assumption of quasi-equilibrium on Step 3 results in the
following relation:

k3  k2 aH2 ðzÞ :

ðA:6Þ

Eqs. (A.3) and (A.4) can be simpliﬁed by using the assumption in Eq.
(A.6), by rewriting the activities of H+ using Eq. (A.5), and by relating
the activities of intrazeolitic species to gas-phase pressures via
Steps 1, 4, and 5:
!

ðr D ÞA ¼ K 1 k2 ðPRH2 ÞA ðcHþ Z ÞA ðcHþ Z ÞA ;
ðr H ÞB ¼

1 1
þ 
k2 K 1
3 K 4 K 5 ðP R ÞB ðP H2 ÞB ð Hþ Z ÞB ðc H Z ÞB :

c

ðA:7Þ
ðA:8Þ

R. Gounder, E. Iglesia / Journal of Catalysis 277 (2011) 36–45

These rate expressions for monomolecular alkane dehydrogenation and alkene hydrogenation agree with their respective ﬁrst-order dependences on alkane (Fig. 2) and on alkene and H2 pressures
(Fig. 3). The only rate constants that appear individually and not as
a ratio (i.e., an equilibrium constant) in Eqs. (A.7) and (A.8) are for
Step 2 (k2, k2), indicating that this step, which involves the formation of (C–H–H)+ carbonium-ion-like ion-pairs at the transition
state, is the sole kinetically-relevant step in both directions. The ratio of forward (Eq. (A.7)) to reverse (Eq. (A.8)) rates, after cancelling
cHþ Z terms that are independent of coverage, gives:

!


rD
K 1 k2 PRH2 A ðcHþ Z ÞA
A
  ¼
 
1 1
þ 
k2 K 1
rH
3 K 4 K 5 ðP R ÞB P H2 B ðc H Z ÞB
B


P RH2 A ðcHþ Z ÞA
 
¼ KR
:
ðPR ÞB P H2 B ðcHþ Z ÞB

ðA:9Þ

The cHþ Z terms in Eq. (A.9) cancel only when surface sites are occupied to the same extent at conditions A and B. This is the case for
the range of pressures and temperatures used in this study, which
result in H+ sites that are predominantly unoccupied by hydrocarbons, and Eq. (A.9) becomes:

!


rD
PRH2 A
 A ¼ K R
  :
ðPR ÞB P H2 B
rH

ðA:10Þ

B

This expression is equivalent to that derived from the De Donder
relations (Eq. (20)), which apply for a ﬁxed set of reaction conditions, in which case cHþ Z values are identical in forward and reverse
directions and thus cancel rigorously.
A.3. Case II: Step 2 is quasi-equilibrated
The following relation holds if, instead, Step 2 is quasiequilibrated:

k2 aH2 ðzÞ  k3 :

ðA:11Þ

In this case, the rate expressions for alkane dehydrogenation (Eq.
(A.3)) and alkene hydrogenation (Eq. (A.4)) simplify to:
!

ðrD ÞA ¼

K 2 k3 ðaRH2 ðzÞ ÞA ðaHþ Z ÞA
;
ðaH2 ðzÞ ÞA

ðrH ÞB ¼ k3 ðaRðzÞ ÞB ðaHþ Z ÞB :

ðA:12Þ
ðA:13Þ

Expressing aHþ Z using Eq. (A.5) and relating the activities of other
species to gas-phase pressures via Steps 1, 4, and 5 gives:
!

ðrD ÞA ¼

K 1 K 2 k3 K 5 ðPRH2 ÞA ðcHþ Z ÞA ðcHþ Z ÞA
;
ðPH2 ÞA

þ 
ðrH ÞB ¼ k3 K 1
4 ðP R ÞB ðcHþ Z ÞB ðc H Z ÞB :

ðA:14Þ
ðA:15Þ

In these rate expressions, the only rate constants that appear
individually are for Step 3 (k3, k3), indicating that this step, which
corresponds to alkoxide desorption and formation, must be kinetically-relevant in forward and reverse directions. Eqs. (A.14) and
(A.15), however, are not supported by the experimental data and
the ﬁrst-order dependence of hydrogenation rates on H2 pressure
(Fig. 3).
We note, however, that the ratio of Eqs. (A.14) and (A.15), after
cancelling cHþ Z terms, gives an expression that resembles Eq.
(A.9):

!


rD
K 1 K 2 k3 K 5 PRH2 A ðcHþ Z ÞA
A
  ¼
 
k3 K 1
PH2 A ðPR ÞB ðcHþ Z ÞB
rH
4
B


PRH2 A ðcHþ Z ÞA
¼ KR  
:
PH2 A ðPR ÞB ðcHþ Z ÞB

45

ðA:16Þ

The consistency between Eqs. (A.16), (A.9) (derived for Step 3 quasiequilibrated) and Eq. (20) (the De Donder relation) reﬂects solely
the fact that the same step is kinetically-relevant in both forward
and reverse directions. Eqs. (A.9) and (A.16) are equivalent to Eq.
(20) only when unoccupied H+ sites are the most abundant species
for the different reaction conditions used to obtain kinetic measurements in forward and reverse directions.
Appendix B. Supplementary material
Supplementary data associated with this article can be found, in
the online version, at doi:10.1016/j.jcat.2010.10.013.
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