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ABSTRACT. The coverage of H-MFI zeolite acid sites by light alkanes (C3-C7) at monomolecular 

cracking reaction conditions was determined using infrared operando spectroscopy. At such 

conditions, alkane adsorption through H-bonding leads to a fully reversible perturbation of the 

zeolite νOH band at 3600 cm-1. This was used to assess the coverage at various temperatures and 

pressures, allowing for the determination of the adsorption thermodynamic parameters at reaction 
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conditions. The simultaneous determination of apparent monomolecular cracking rate constants 

allowed for the direct determination of the intrinsic cracking rate constants, activation energies, 

and activation entropies. These results show that while the coverage of the active sites increases 

with the alkane size, the differences tend to decrease at high temperature because of entropic 

effects. The intrinsic activation energy was constant for all alkanes investigated in this study (~ 

190 kJmol-1), lying in the lower range of the values usually derived from alkane adsorption heats 

and apparent activation energies. The magnitude of the activation entropies obtained in the present 

study was also lower than those derived from low temperature adsorption measurements, 

indicating that temperature could increase the entropy of the adsorbed state. However, this 

decrease was much less dramatic than that predicted by recent state of art simulations. In any case, 

this operando study confirms that the activation entropy chiefly determines the variations of 

apparent protolytic cracking rates.  

INTRODUCTION   

Acidic zeolites play a central role in petrochemical refining. In particular they catalyze 

cracking of alkanes, a major reaction in the production of fuels from crude oil by fluid catalytic 

cracking.1-3 At low conversion, these reactions mostly occur through monomolecular cracking, 

where the alkane is protonated by a zeolite acid site and undergoes subsequent C-C bond 

scission.4-5 Mechanistic studies of these reactions are complicated by the interplay between 

adsorption thermodynamics, which governs the concentration of alkane-active sites complexes, 

and the bond-breaking kinetics of these complexes. As a first order reaction, the specific rate of 

monomolecular cracking is given by: 
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 𝑟 = 𝐿 𝑘𝑎𝑝𝑝𝑃  
(1) 

where 𝐿 is the concentration of active sites (L = [ZOH], the concentration of acidic bridged 

OH groups of the bare zeolite), 𝑘𝑎𝑝𝑝 is the apparent rate constant per active site (turnover 

frequency) per unit alkane pressure, and 𝑃 the alkane partial pressure. For a monomolecular 

reaction, the rate can equivalently be expressed as: 

 𝑟 = 𝑘𝑖𝑛𝑡[ZOH ··· A] 
(2) 

where [ZOH ··· A] is the concentration of alkane-active site adsorption complexes at reaction 

condition and 𝑘𝑖𝑛𝑡 is the intrinsic rate constant of the cracking reaction. Under the conditions of 

monomolecular cracking, the adsorption of products can be neglected. Hence, the concentration 

of alkane-active site adsorption complexes is given by the Henry’s law: 

 [ZOH ··· A] = 𝐿 𝐾𝑎𝑑𝑠
°   𝑃/𝑃°  

(3) 

where 𝐾𝑎𝑑𝑠
°  is the alkane adsorption constant on the active site and P° is the pressure of the 

standard state. Equations (1-3) thus show that conventional catalytic activity testing only allows 

for the determination of the apparent cracking rate constant 𝑘𝑎𝑝𝑝which lumps the alkane 

adsorption equilibrium constant 𝐾𝑎𝑑𝑠
°  and the intrinsic rate constant 𝑘𝑖𝑛𝑡  : 

 𝑘𝑎𝑝𝑝 = 𝐾𝑎𝑑𝑠
° ×  𝑘𝑖𝑛𝑡 (4) 

The adsorption equilibrium constant (𝐾𝑎𝑑𝑠
° ) and the intrinsic rate constant (𝑘int) are in turn related 

to their enthalpic and entropic parameters through the general relationship of the equilibrium 

constant to the standard Gibbs free energy (𝐾𝑎𝑑𝑠
° = exp(−Δ𝑎𝑑𝑠𝐺° 𝑅𝑇⁄ )) and the Eyring equation, 

respectively. Hence: 
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𝑘𝑎𝑝𝑝 = exp (−

∆𝑎𝑑𝑠𝐻° 

𝑅𝑇
) exp (

∆𝑎𝑑𝑠𝑆°

𝑅
) ×

𝑘𝐵𝑇

ℎ
exp (−

Δ𝐻‡

𝑅𝑇
) exp (

∆𝑆‡

𝑅
) (5) 

Experimentally, the temperature dependence of the apparent rate constant is generally used to 

assess the apparent activation energy (𝐸𝑎𝑝𝑝) and the pre-exponential factor 𝐴𝑎𝑝𝑝 defined by the 

Arrhenius law: 

 
 𝑘𝑎𝑝𝑝 = 𝐴𝑎𝑝𝑝 exp (−

𝐸𝑎𝑝𝑝

𝑅𝑇
) (6) 

Identification of equations (5) and (6) above using the logarithmic derivatives of 𝑘𝑎𝑝𝑝 with respect 

to 1/T finally yields the following relationships:  

  𝐸𝑎𝑝𝑝 = Δ𝐻‡ + 𝑅𝑇 + ∆𝑎𝑑𝑠𝐻 = 𝐸𝑎 + ∆ads𝐻 (7) 

 
𝐴𝑎𝑝𝑝 = 𝜈 (

Δ𝑆𝑎𝑝𝑝
ǂ

𝑅
) = 𝜈 exp (

∆ads𝑆

𝑅
)  exp (

∆𝑆‡

𝑅
)   (8) 

where Ea = Δ𝐻‡  + 𝑅𝑇 is usually called ‘intrinsic’ or ‘true’ activation energy of reaction (Eqn. 

7), 𝜈 = 𝑘𝐵𝑇𝑒/ℎ, is a constant independent of the chemical system investigated, and Δ𝑆𝑎𝑝𝑝
ǂ  is the 

apparent activation entropy.     

Currently, the experimental determination of the intrinsic rate parameters, the activation 

energy Ea (or equivalently the activation enthalpy Δ𝐻‡) and activation entropy ΔS‡ requires an 

independent evaluation of the adsorption parameters ΔadsH and ΔadsS using extrapolation from 

low temperature adsorption measurements.6-9 

While it is well known that apparent cracking rate constants are strongly dependent on the 

alkane size and on the zeolite structure, the intrinsic activation energies, derived from apparent 

activation energies of the reaction and the alkane adsorption heat measured at low temperature 

are nearly constant, of the order of 195 kJ mol-1.4, 10-14 On this basis, the variations of apparent 

rates were initially accounted by changes in the adsorption equilibrium constant, i.e. to the 
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concentration of adsorbed alkanes.4, 10, 12 More recently, however, Iglesia and co-workers9, 15-16 

have pointed out that owing to adsorption enthalpy-entropy compensation,8, 12 the concentration 

of adsorbed alkanes of different sizes is not expected to change much at reaction temperatures 

and have concluded that apparent rates are chiefly determined by the pre-exponential factor of 

the intrinsic rate constant, or activation entropy, ΔS‡.9, 15-16  

Recently, many theoretical studies have been performed to better understand how coverage 

and intrinsic kinetics govern the alkane reactivity. De Moor et al.17 used hybrid QM/MM 

calculations and standard statistical thermodynamics to assess the adsorption parameters at 

reaction temperature. The values thus obtained were consistent with those derived from low 

temperature experiments. However, ab initio molecular dynamic studies by Bučko et al.18 and 

Jiang et al.19, as well as Monte Carlo simulations by Tranca et al.20 and Janda et al.21-22 have 

pointed out an important influence of temperature on the adsorption parameters. In particular, 

they often report adsorption entropies (∆𝑎𝑑𝑠𝑆) of smaller magnitude than those determined at 

low temperature.6, 9  In turn, some of these theoretical studies have predicted activation entropies 

of much lower magnitude (by a factor ~2-3 depending on the alkane) than those derived from 

combination of experimental apparent rates and low temperature adsorption measurements (Eqn. 

8).18, 20 This was primarily accounted by the fact that these theoretical studies consider a larger 

configuration space for the reactant state, where the alkane does not always interact with the acid 

site. On the other hand, at the experimental conditions used for the assessment of the adsorption 

parameters, most alkane molecules are localized over Brønsted acid sites.18, 20 More recently, 

Janda et al.21-22 have reassessed alkane adsorption parameters using Monte Carlo simulations by 

specifically considering configuration spaces at the vicinity of the acid sites. This has led to a 

much better agreement between adsorption parameters derived from experiment and simulation. 
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However, while earlier theoretical studies confirmed that the increase of apparent rates with the 

alkane chain length are primarily due to changes in activation entropy,17, 20 recent Monte Carlo 

simulation of Janda and co-workers have led to the conclusion that it is primarily caused by a 

decrease of activation enthalpy ΔH‡ with the alkane chain length.21  

Thus, the origin of activity trends in protolytic cracking of light alkanes still appears 

controversial. Among the factors put forward by theoretical studies to explain such 

discrepancies, the temperature dependence of adsorption enthalpies and entropies, which is 

neglected in the evaluation of activation entropies from experimental data, is expected to play a 

major role.18-22 Hence, the determination of the coverage of the zeolite active sites at reaction 

conditions, which has never been done to our knowledge, is key for the quantitative 

determination of the monomolecular reaction parameters.  

The main objective of the present study was to determine experimentally the coverage of the 

acid sites of H-MFI zeolites by light alkanes (propane, n-butane, n-pentane, n-hexane and n-

heptane) at monomolecular cracking reaction conditions simultaneously with the kinetics of the 

cracking reaction. This was done in an operando IR reactor-cell23-24 at variable temperatures 

(600-710 K), partial pressures and contact times. This allowed for recording the IR spectra of the 

zeolite acidic OH groups interacting with the hydrocarbon in the feed. These spectroscopic data, 

combined with simultaneous activity measurements, were used to derive the intrinsic rate 

parameters, Ea and ΔS‡, as well as the thermodynamic adsorption parameters, ΔadsH and ΔadsS 

directly at reaction conditions without the need for extrapolation. It will be shown that the 

activation entropy ΔS‡ chiefly determines the variations of apparent cracking rates. Finally, the 

activation entropies for individual cracking reactions ΔSi
‡

  were derived from the corresponding 
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selectivities and were used to gain insight of the alkane internal degrees of freedom involved in 

the transition state.  

 

EXPERIMENTAL 

Three commercial H-MFI zeolites with different framework Si/Al ratios (20, 29 and 75), 

denoted H-MFI(xx) in the following where xx is the Si/Al ratio, were used. No significant 

amount of extra-framework aluminum was detected by 27Al NMR or pyridine adsorption 

followed by infrared spectroscopy (see Supporting Information for supplementary details). 

About 20 mg of zeolite powder was pressed into a self-supported wafer with a surface of 2 cm2. 

The wafer was loaded into a transmission operando IR reactor-cell.23-24 Before testing, the zeolite 

wafer was activated at 750 K under a flow of 25 cc/min mixed gas (90% N2 and 10% O2) for 5 

hours. The infrared absorption coefficient of the band characteristic of the acidic OH groups of 

the zeolites was determined using a volumetric titration using pyridine as a basic probe molecule. 

The principle of this methodology has been previously reported25-26 and consists in monitoring 

the decrease of the νOH band area characteristic of the acidic OH groups (band at 3600 cm-1) 

upon exposure to accurate doses of pyridine which results from the protonation of pyridine by 

these acidic OH groups (ZOH + Py → ZO-···PyH+). The slope of the curve of the νOH area 

versus amount of adsorbed pyridine yielded a 𝜖𝑂𝐻 value of 3.5 ± 0.2 cm μmol-1, consistent with 

the literature.25 For consistency, the total number of Brønsted acid sites was determined by 

pyridine dosage. This total number of sites (L, Eqn. 1) determined by pyridine adsorption was 

found, for the three zeolites, correlated well with the total number of tetrahedral Al derived from 

the framework Si/Al ratio (NMR), yet systematically lower by ~15-20%. Such a precision is 

comparable to that obtained by NH3 dosing.22 It is worth mentioning here that a relatively low 
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precision on the total number of sites has a limited impact in the value of the adsorption entropy: 

a relative error Δ𝐿 𝐿⁄  ~ 0.2 leads to an absolute change of the adsorption entropy of ~ 

−𝑅 ln(1 − Δ𝐿 𝐿⁄ )  ~ 3 J mol K-1. This is of the same order as the standard error of the regression 

of the van’t Hoff plot and much lower than the magnitude adsorption entropies (40 to 100 J mol-1 

K-1). 

The monomolecular cracking reaction of alkanes (propane, n-butane, n-pentane, n-hexane, n-

heptane) was carried out under atmospheric total pressure and at various temperatures (620-

750 K).  Propane and butane were delivered from gas cylinders (Air Liquide) while pentane, 

hexane and heptane (Sigma Aldrich, Analytical grade) were delivered through a saturator under 

controlled temperature (293 K for hexane and heptane; 263 K for pentane) under a nitrogen flow. 

The partial pressures were adjusted by dilution in N2 (Air Liquide).  

The products were analyzed by gas phase chromatography (HP 3800), equipped with a FID 

detector with an alumina column (KCl/Al2O3, 30 m length, 350 µm internal diameter).  All the 

conditions (temperature, partial pressure, and contact times) were adjusted in order to control the 

actual total conversion below 2%. The typical ranges of alkane conversions obtained in our 

conditions are reported in Supporting Information.  At such conversions, no hydrocarbons with 

longer carbon chain than the reactant were detected and no deactivation with time on stream was 

observed.  Before activity measurement, about one hour of stabilization was used at each 

reaction condition. The absence of deactivation was regularly checked by activity measurements 

at initial reaction conditions (return point).  

The apparent cracking rates of alkane reactants (𝑛 carbon atoms) were computed following 

Narbeshuber et al.10 using:  
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𝑟 =
𝐹 

𝑊  
∑ 𝑦𝑖

𝑛−2

𝑖=1

 (9) 

Where 𝐹 is the molar flow rate of alkane, W is the mass of the zeolite wafer and 𝑦𝑖 are the 

molar yields of lower alkanes (i carbon atoms). In our conditions, secondary reactions such as 

hydrogen transfer had a limited impact and did not affect the total yield of the lower alkanes that 

increased linearly with the contact times or conversion ranges investigated here. This indicates 

that the apparent cracking rate using the above expression is not affected by secondary reactions 

in our conditions. A similar expression to Eqn. 9 where the sum is over the direct 

dehydrogenation products of the alkane reactant was used for the determination of 

dehydrogenation rates. The absence of external diffusion limitations in our conditions was 

checked by (i) using the Madon-Boudart method27 by verifying that the apparent rate constant 

was proportional to the zeolite content in pellets made of zeolite (50%) – silica (50%) mixtures, 

and (ii) by comparing the cracking rate constants normalized by the number of acidic OH groups 

of the zeolites with those reported in the literature (see below).  

The IR analysis of the zeolite surface was carried out using a Nicolet 6700 FT-IR instrument 

equipped with a MCT detector at 4 cm-1 resolution. The IR spectrum of the activated zeolite was 

used as the reference spectrum, which was subtracted from the spectra recorded during the 

reaction. The difference spectra thus obtained were then corrected for the atmospheric water 

present in the spectrometer and gas phase alkane in the IR reactor cell. As discussed below, the 

intensity of the νOH band decreased reversibly upon alkane adsorption. The full restoration of 

the initial νOH band intensity was systematically checked after each reaction condition (e.g. 

fixed temperature, pressure and contact time) by shutting off the reactant flow, which allowed for 

ascertaining for the absence of irreversible poisoning of the acid sites during the reaction. 

Finally, the absence of variation in the decrease of the νOH band at fixed temperature and alkane 
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pressure while varying the contact time (and hence the conversion and olefin yields) was also 

systematically checked in order to make certain that the adsorption of products did not perturb 

the measured intensity loss of the νOH band. The latter could then confidently be accounted by 

the reversible adsorption of the alkane reactants. The concentration of acidic OH groups 

interacting with the hydrocarbon feeds ([ZOH … A], Eqn. 3) was then determined using the 

integrated intensity I of the negative difference band at 3600 cm-1, and the above determined 

absorption coefficient 𝜖𝑂𝐻 using: 

 
[ZOH … A] =

𝐼 𝑆

𝜖𝑂𝐻 𝑊
 (10) 

where S and W are the geometric surface area and the mass of the pellet, respectively. 

 

RESULTS AND DISCUSSION 

Validation of the IR operando cell.  

The present study required the simultaneous determination of the coverage of the acid sites by 

the reactant and the reaction kinetics at differential reaction conditions. Because of the upper 

limit in the alkane flow rate, which was used to vary the contact time, the use of our operando 

system at high temperatures (> 750 K) generally led to either measurement at too high 

conversions, leading to secondary reactions and coke formation with irreversible poisoning of 

the acid sites, or to too low coverage of the active sites by alkanes, making the accurate 

determination of the coverage difficult. Hence, the experiments were carried out at temperatures 

lower than those typically used for conventional measurements of alkane cracking rates: ~600 - 

710 K vs. 750 - 825 K. In order to assess the kinetic relevance of our operando IR reactor cell 

and reaction conditions, the apparent cracking and dehydrogenation rates of propane obtained in 
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such conditions were compared (i) to those obtained for H-MFI(29) in a conventional plug flow 

reactor operated at typical reaction temperatures, and (ii) to those reported in the literature for 

monomolecular cracking over H-MFI zeolites10, 28-29. Figure 1 shows the Arrhenius plot of the 

corresponding rate constants normalized by the number of acidic OH groups of the zeolites.  

 

Figure 1. Arrhenius plots of propane monomolecular cracking (A) and dehydrogenation (B) 

turn-over frequencies over H-MFI zeolites: (●) H-MFI(29) in conventional reactor, (■) H-

MFI(29) in IR operando cell, (♦) H-MFI(20) in IR operando cell, (▲) H-MFI(75) in IR operando 

cell, (∆) Liu et al.,(Si/Al = 43 and 71)29 (○) Narbeshuber et al.10 (Si/Al=35) and (□) Gounder and 

Iglesia (Si/Al = 16.2, 16.5, 19, 25 and 40).28  

The Arrhenius plots obtained for propane cracking over H-MFI(29) in both reactors matched 

satisfactorily and  no significant effect of the reactor on either the slopes or the intercepts of the 

Arrhenius plots was found.  This indicates that the rate measurements are not affected by the 

operando cell geometry, in agreement with recent studies in which direct comparisons between 

conventional reactor and operando transmission IR cells are reported.24, 30 Hence, the apparent 

reaction parameters (pre-exponential factor and apparent energy of activation) obtained using the 
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operando cell are comparable to those obtained using a conventional plug flow reactor.  

Moreover, the extrapolation to higher temperatures of the rates determined in our conditions is 

also consistent with the apparent monomolecular cracking rates reported by other groups using 

conventional reactors. The apparent activation energies determined here (150 kJ mol-1 for the 

three zeolites investigated) is also very consistent with those reported previously. Interestingly, 

the variability of the apparent rates measured in our conditions over the three H-MFI samples 

(about a factor two between H-MFI(75) and H-MFI(29)) is also consistent with that reported in 

previous studies and is accounted by different distributions of Al atoms in the MFI structure (see 

refs.21-22, 29, 31 and discussion below). In this respect, the reaction rates and rate parameters 

derived from our measurements are averaged over these distributions. Figure 1B shows a similar 

plot for dehydrogenation rates. For this reaction, significant differences were also found among 

the three zeolites in term of turnover frequencies. It is worth noticing that in our conditions the 

relative activities for dehydrogenation differed from those obtained for cracking: while H-

MFI(75) was the least active for cracking, it was the most active for dehydrogenation. The 

apparent activation energies for dehydrogenation were of the order of 90 kJ mol-1, close from the 

lowest values reported in the literature.10  

Assessment of the coverage of acid OH groups by the alkane reactant. 

H-MFI zeolites were chosen because they are extensively used to study the monomolecular 

cracking of alkanes in both experimental4, 8-12, 15-16 and theoretical17, 20-21, 32 studies. Besides, their 

acidic bridged OH groups lead to a single νOH band at 3600 cm-1 which, upon interaction with 

an alkane, form a hydrogen bond complex which results in a downward shift of the νOH band.6, 

33 This is illustrated in Figure 2a which shows the difference spectra (spectra at reaction 

conditions minus the spectrum of the zeolite before reaction) at constant temperature, and 
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variable partial pressures and contact times for propane cracking over H-MFI(29) zeolite. In 

order to prevent experimental bias, the alkane partial pressures and contact times were changed 

in a non-monotonic order during the experiment.  

 

Figure 2. (a) Difference IR spectra in the νOH range of H-MFI(29)  at  increasing partial pressure 

of propane at 698 K. Dotted spectra were obtained after propane shut off. (b) Corresponding yields 

of cracking and dehydrogenation products vs. contact times ( 0.1 bar,  0.2 bar,  0.3 bar,  

0.5 bar,  1.0 bar). The pressure set points were fixed on a non-monotonic order. 

The spectral features of the difference IR spectra shown in Figure 2a characterize the 

formation of hydrogen bonds between the OH groups of the zeolite with the reactant or products, 

leading to the negative νOH band at 3600 cm-1 and the broader positive νOH band at ~3530 cm-

1.33-35 It is worth noting that at fixed temperature and pressure, no significant variation of 
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intensity with contact time was observed.  Examination of the characteristic bands of the 

adsorbed hydrocarbons, such as νCH, CC or CH was generally not possible because of the 

strong contributions of the alkane in the gas phase in most of our conditions which made difficult 

the observation the vibration modes of the adsorbed molecules. When such observation was 

possible (at low temperature and partial pressure), the position of these bands did not differ 

significantly from the gas phase. This is expected under the conditions of monomolecular 

cracking, where it is expected that the adsorbed alkanes form weak hydrogen bonds with the 

acidic OH groups - as evidenced by the OH spectrum above, or interact non-specifically with 

the zeolite walls or external surface (see also Supporting Information).  

Figure 2b shows the yields in cracking and dehydrogenation products (methane, ethylene and 

propene, respectively) obtained in these conditions. Both yields were found to increase linearly 

with the contact time as expected in differential conditions, while the amount of OH groups 

interacting with the reacted feed was nearly constant. Similar behavior was observed for all the 

alkanes and reaction temperatures investigated here. This indicates that the zeolite acid sites were 

not significantly affected by the adsorption of the reaction products, in particular alkenes, for 

which the concentrations are much lower than those of the alkane reactant in our conditions (by 

2-3 orders of magnitude, see Figure 2b). These spectroscopic evidences are thus fully consistent 

with the usual assumption consisting in neglecting adsorption of products for the determination 

of the cracking rate constant in differential conditions (Eqn. 1 above). Finally, Figure 2a also 

shows that the initial OH spectrum of the bare zeolite was fully recovered after shutting off the 

alkane flow, as indicated by flat difference spectra (Figure 2a, dotted lines). This points out that 

no irreversible poisoning of the acid sites occurred during the reaction. The negative band at 

3600 cm-1 could thus be used to determine the amount of reactant (alkane) in interaction with the 
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zeolite acid sites [ZOH ··· A] using the absorption coefficient determined by pyridine dosing (3.5 

cm µmol-1). 

 

Figure 3.  Propane adsorption isotherms over H-MFI(29) at reaction temperatures: 641K (◊), 

664K (□), 687K (∆) and 710K (○). The pressure set points were fixed on a non-monotonic order. 

Figure 3 shows the adsorption isotherms thus obtained for propane adsorption over H-MFI(29) 

in the 640 - 710 K range. It shows that the coverage of acid sites increased linearly with the 

alkane pressure, indicating that within the pressure and temperature ranges reported here, 

propane adsorption obeyed Henry’s law, as discussed earlier, in the conditions of monomolecular 

cracking (see Eqn. 3 above).  Similar behaviors, albeit for smaller pressure ranges (see 

Supporting Information), were observed for the higher alkanes (C4-C7).  

Because the perturbation of the OH groups by the alkane was fully reversible, the adsorption 

constants at various temperatures 𝐾ads
° (𝑇) could then be obtained from the slopes of the coverage 

of acidic OH groups vs. alkane partial pressure plots using (see also Eqn. 3 above):  

 
𝐾ads

° (𝑇) =
𝑑[ZOH ⋯ A]

𝑑𝑃

𝑃°

𝐿
 (11) 
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where L is the total concentration of acidic OH groups of the zeolite and P° is the pressure of 

the standard state (1 bar). With such a definition, the coverage of the standard state of the 

adsorbed alkane and of the free acid sites is 𝜃𝐴° = 0.5.36 

 

Figure 4. van’t Hoff plots of alkanes adsorption constants over H-MFI(29) acid sites: 

propane(□), butane(×), pentane(◊), hexane(∆) and heptane(○). 

Figure 4 shows the van’t Hoff plots of the adsorption constants obtained for C3-C7 adsorption 

over zeolite H-MFI(29). The corresponding adsorption thermodynamic parameters  Δads𝐻 and 

Δads𝑆 were then obtained from the slope and the intercept of these van’t Hoff plots. The 

corresponding values, together with those previously reported from low temperature 

measurements,6-7, 10 or theoretical studies20 are reported in Tables 1 and 2 for enthalpies and 

entropies, respectively. Figure 4 shows that while the coverage of active sites increases with the 

alkane size at low temperature, the differences tend to decrease at higher temperature because of 

enthalpy – entropy compensation effects (Table 1 and 2).8, 12 Extrapolation to higher 

temperatures indicates that the adsorption constants of propane and n-heptane tend to equalize at 
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~825 K, supporting the initial hypothesis of Bhan et al.9 based on much lower temperature 

measurements.6 

 

Table 1. Comparison of standard adsorption enthalpies with previous experimental and 

theoretical studies. Values are given in kJ mol-1 K-1 

  Experimental determinations Theoretical determinations 

Alkane Si/Al This 

work.a 
Narbesh-

-uber et 

al.b 

Eder et 

al. 6-7b 
De Moor 

et al.17c 
De Moor et 

al.d 
Swish

er et 

al.37e 

Tranca 

et al.20, e 
Janda et 

al.21,e,f 

           20 -39(2)        

C3 29 -38(2) -43 -45 -41 -52/-64 -38 -37 -44 

 75 -42(2)        

          

C4 29 -51(4) -62 -58 -52 -68/-78 -46 -52 -53 

          

 20 -65(4)        

C5 29 -65(2) -74 -69 -62.5 -85/-92 -55 -67 -63 

 75 -65(1)        

          

 20 -85(4)        

C6 29 -81(3) -92 -83 -72 -101/-106 -64 -81 -73 

 75 -85(3)        

          

 20 -100(3)        

C7 29 -106(4)        

 75 -106(2)        

a Obtained at 600-700 K, standard errors are in parentheses. b obtained experimentally at 320 K. 
c Obtained at 300-400 K. d obtained by ab initio QM-Pot(MP2//B3LYP) static simulations at 0 K and 

standard statistical thermodynamics calculations at 773 K. The two values correspond to adsorption in 

straight and zig-zag channels, respectively. e,f, Conformational Bias Monte carlo simulations (CBMC) 773 

K. g CBMC, 773 K. 
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Table 2. Comparison of standard adsorption entropies with previous experimental and 

theoretical studies. Values are given in J mol-1 K-1 

   Experimental determinations  Theoretical determinations 

Alkane Si/Al This work.a Eder et 

al.6-7, b 

De Moor et 

al.17c 

De Moor et 

al. 17, d 

Swishe

r et 

al.37, e 

Tranca et 

al. 20, e 

Janda et 

al.21, f 

           20 -89(4)       

C3 29 -91(3) -102 -94 -96 /-96 -39 -39                           -104 

 75 -95(3)           

         

C4 29 -105(5) -119 -104 -102/-105 -48 -48 -114 

         

 20 -118(6)       

C5 29 -119(3) -135 -118 -108/-114 -58 -60 -123 

 75 -120(1)       

         

 20 -145(6)       

C6 29 -138(4) -152 -121 -113/-122 -73 -70 -133 

 75 -146(4)       

         

 20 -161(4)       

C7 29 -174(7)       

 75 -169(4)       

a Obtained at 600-700 K, standard errors are in parentheses. b obtained experimentally at 320 K. 
c Obtained at 300-400 K. d obtained by ab initio QM-Pot(MP2//B3LYP) static simulations at 0 K and 

standard statistical thermodynamics calculations at 773 K. The two values correspond to adsorption in 

straight and zig-zag channels, respectively. e Conformational Bias Monte Carlo simulations (CBMC) 773 K. 
g CBMC, 773 K, values corrected for the standard state 𝜃𝐴° = 0.5.  
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Tables 1 and 2 also show that our estimates of adsorption enthalpies and entropies are 

consistent with earlier experimental determination. It is worth noting however that the 

magnitudes of adsorption entropies are slightly, but systematically lower than those reported by 

Eder and al. by ~10 J mol-1 K-1 and close from those reported by De Moor et al.  Comparison of 

these experimental values with those predicted by molecular simulations show a generally fair 

agreement for adsorption enthalpies while the simulation methodology has a large impact on the 

predicted entropies. The values reported by De Moor et al.17 were obtained by static DFT 

calculations at 0 K with a correction for long range interactions followed by standard statistical 

thermodynamic calculations at 773 K. The predicted adsorption enthalpies are significantly more 

negative than the experimental values (by 10-20 J mol-1 K-1), while the reported adsorption 

entropies showed a fairly good agreement with the experimentally determined values. By 

contrast, the magnitudes of adsorption entropies reported by Swisher et al.37 and Tranca et al.20 

are nearly two times lower than those experimentally determined. While both authors have 

compared their values with experiments, it should be noted that such a comparison is not 

straightforward because of differences in (i) the reference states and (ii) the configuration space 

used to compute the adsorption entropies.  

The comparison of adsorption entropies from various sources (experimental or simulation studies) 

must take into account the reference states of the gas phase, of the adsorption sites, and of the 

adsorbed phase. Considering the adsorption process of an alkane in the gas phase: Ag + * ⟶ A*, 

the corresponding standard adsorption entropy is defined as: 

 𝛥𝑎𝑑𝑠𝑆° = 𝑆°(𝐴 ∗) − 𝑆°(𝐴𝑔) − 𝑆°(∗)  
(12) 



 

 20 

In experimental measurements, the standard state for the gas phase is generally taken at 𝑃° = 1 

bar, but there is no generally accepted standard states for adsorbates. Because the 

thermodynamic activities of adsorption sites and of adsorbed species are primarily governed by 

their coverage 𝜃, the corresponding standard states must be taken at given coverages 𝜃𝐴∗
°  and 𝜃∗

°. 

While any standard coverage can be used (see Eqns. 3 and 8 above), recent studies and 

recommendations in the field use standard states for the adsorbate and the adsorption site taken 

at 𝜃𝐴∗
° =  𝜃∗

° = 0.5.6-7, 17, 36 With such a choice, the configurational entropies of the adsorbed 

phase and of the free surface cancel each other. This choice also naturally arises when the 

entropies are derived from the van’t Hoff plots of Langmuir or Henry adsorption constants as 

considered in this work. However, the Monte Carlo simulations carried out by Swisher et al. and 

Tranca et al. have considered the adsorption of a single molecule in the simulation box 

representing the zeolite from the gas phase in its standard state (1 bar). Therefore, the adsorption 

entropy must be corrected for the reference state of the adsorbed phase. Assuming that the 

differences of entropy due to change of coverage are mostly due to the configurational entropy, 

the values reported by Swisher et al. and Tranca et al. thus differ from the standard adsorption 

entropy according to: 

 Δ𝑎𝑑𝑠𝑆 = Δ𝑎𝑑𝑠𝑆° +  𝑆𝑐𝑜𝑛𝑓𝑖𝑔(𝐴 ∗) (13) 

where,  𝑆𝑐𝑜𝑛𝑓𝑖𝑔(𝐴 ∗) is the configurational entropy of one alkane molecule adsorbed in the 

simulation box. This additional term, difficult to assess without further simulations, explains in 

part why the adsorption entropies reported by these studies exceed by far the standard adsorption 

entropies reported here.  

A second source of discrepancy, which was identified by Tranca et al., arises from different 

definitions of the adsorbed state, which in turn defines the configuration space used to determine 



 

 21 

its entropy. Our estimates are based on the spectroscopic observation of the hydrogen bond 

between the acid site and the reactant while simulations of Tranca et al. and Swisher et al. 

consider larger configuration spaces where all adsorbed states of the alkane are taken into 

account, including those where it does not interact with the acid site. As shown by the quantum 

molecular dynamic studies of Bučko et al.18 and Jiang et al.,19 the hydrogen bonding interaction 

dominates at low temperature and alkanes form stable adsorption complexes with the acid sites. 

However, the probability of forming hydrogen bonded states decreases with temperature and 

becomes much lower at temperatures typical of the reaction where most of the alkanes are at 

distances too large to form hydrogen bonds.18 Hence, when all adsorbed states are taken into 

account, the configuration space of the adsorbed phase expands with temperature, leading to 

higher entropy. This gives smaller magnitudes of adsorption entropies as compared to the values 

determined in the present study where the configuration space is limited to hydrogen bonded 

states. By contrast with the definition of the standard state discussed above, the choice of the 

configuration space has fundamental consequences because it merely defines the initial reactant 

state of the cracking reaction. In the present case, molecular simulations lump adsorption states 

that are usually considered distinct and consecutive: adsorption in the zeolite pores by van der 

Waals interactions, followed adsorption on the active site (see e.g. Scheme 2 in ref.9, or Figure 1 

in ref.20). These states are energetically distinct because the hydrogen bonded state gives a 

stabilization of ~10 kJ mol-1.6 At low temperatures, this distinction does not import much 

because most of the alkanes are localized on the acid site.6 This explains why the adsorption 

parameters predicted by De Moor et al., 17 who have considered only the hydrogen-bonded state 

in its configuration at 0 K, or by the Monte Carlo simulations of Tranca et al.20 at room 

temperature are close to the experimental ones.  
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Finally, in two recent studies, Janda et al.21-22 have improved the approach used by Swisher et 

al. and Tranca et al. by restricting the configuration space to adsorbed species at the vicinity of 

the active sites, by defining a cut-off radius of 5 Å around the Al atom, i.e. in regions where the 

formation of a hydrogen bonded complexes has a high probability. As shown in Tables 1 and 2, 

this modified approach leads to similar adsorption enthalpies and to a much better agreement for 

the adsorption entropies. As will be discussed below, however, this new approach does not 

completely solve the discrepancy on activation parameters derived from experiments and 

simulations.   

Assessment of apparent and intrinsic monomolecular cracking and dehydrogenation rates 

In order to determine the intrinsic cracking rate parameters, the apparent cracking rates were 

measured simultaneously with the concentration of the acid site – alkane hydrogen bond 

complexes [ZOH···A], which are considered as the initial states for the monomolecular cracking 

reaction. Figure 5 shows the evolution of these apparent cracking rates versus [ZOH···A] at 

various temperatures and pressures of the alkanes investigated in this study. It indicates a very 

good correlation between apparent rates r and the concentration of hydrogen bonded alkanes 

[ZOH···A] (alkane coverage). The intrinsic rate constants kint (T) are given by the slopes of these 

correlations.  
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Figure 5. Correlation between alkane apparent cracking rates and the corresponding 

concentration of acid site – alkane hydrogen complexes [ZOH···A],  at various pressures and 

temperatures: 710K (□), 687K (◊), 664K (∆), 641K (○), 618K (×) and 595K (+). 

Figure 6a and Figure 6b show the Arrhenius plots of the apparent cracking rate constants 

normalized to the number of OH acid sites (or turnover frequencies), and the intrinsic rate constants 

of propane monomolecular cracking over the three zeolites investigated in the present study. The 

intrinsic activation energies were found nearly identical for the three zeolites: 192(3), 189(4) and 

189(2) kJ mol-1 for H-MFI(29), H-MFI(20) and H-MFI(75), respectively. These values are 

consistent with those previously derived from the use of low temperature adsorption for propane 

cracking data over H-MFI zeolites (187 – 205 kJ mol-1),9-10, 20 yet lying in the lower range of these 
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values. It is worth noting that the Arrhenius plots of the three zeolites show very similar shift along 

the ordinate axis for both apparent and intrinsic rate constants (Figure 6a and Figure 6b, 

respectively), indicating that the differences in apparent cracking activity per active site are 

essentially due to changes in the intrinsic rate constants. Hence, the pre-exponential factor was 

significantly lower for H-MFI(75), while zeolite H-MFI(20) and H-MFI(29) could not be 

distinguished in terms of cracking activity. This trend, where the zeolite having the lowest Al 

content has the lowest cracking turnover frequency, is in agreement with the study of Janda and 

Bell38, who have evidenced a similar decrease with Si/Al ratio for butane cracking. In particular, 

they have been able to relate this trend to the increase of the fraction of acid sites located in the 

intersection of the channels relative to that of acid sites located in the channels. However, it is 

worth mentioning that studies by Gounder and Iglesia28 or Liu et al.29 show that in absence of 

indication as to the location of acid sites,  no such a correlation between Si/Al ratio and turnover 

frequencies can generally be made, including for zeolites from the same provider for which the 

cracking (and dehydrogenation) rates are not correlated to the framework Al content or to the 

amount of Brønsted or Lewis acid sites.28 Because of the limited number of zeolites investigated 

here and the lack of information on the distribution of their acid sites, the origin of the differences 

in intrinsic cracking activity of these zeolites cannot be commented further.   
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Figure 6. Arrhenius plots of (a) apparent cracking rates, (b) intrinsic cracking rate constants, 

(c) apparent dehydrogenation rates and (d) intrinsic dehydrogenation rate constants for propane 

over H-MFI zeolites with different Si/Al ratio: (∆) H-MFI(20), (□) H-MFI(29) and (◊) H-

MFI(75).  

The Arrhenius plots showing the temperature dependence of apparent and intrinsic 

dehydrogenation rate constants for cracking and dehydrogenation are exhibited on Figure 6c and 

6d, respectively. Like for the cracking reaction (Figures 6a and 6b), the ranking of apparent rates 

follows that of intrinsic rates. The apparent activation energies were of the order of 90 kJ mol-1 

for the three zeolites: 87(11), 89(10) and 93(5) kJ mol-1 for H-MFI(29), H-MFI(20) and H-

MFI(75), a value close from that reported by Narbeshuber et al. (96 kJ mol-1), but much lower 

than the values of ~ 200 kJ mol-1 reported by Gounder and Iglesia7 or Liu et al.29 Table 3 below 

compares the apparent activation energies and activation entropies (Eqns. 6-8) for 

dehydrogenation of propane, butane and pentane on H-MFI(29) with typical values reported in 
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the literature (the apparent activation entropies were computed from the reported data and use of 

Eqns. 6-8). The dehydrogenation rates for higher alkanes (hexane and heptane) could not be 

obtained with enough precision due to secondary cracking of the dehydrogenated products.  

Our data show that the increase of the alkane chain length, from C3 to C5, lead to an increase of 

apparent activation energies and a decrease of the magnitude of activation entropies, in 

agreement with the results reported by Narbeshuber et al.10 More strikingly, as already reported 

by others, the values of apparent rate parameters reported in the literature show a large 

dispersion, for both apparent activation energies (from ~ 100 to ~ 200 kJ mol-1) and apparent 

activation entropies (from -150 to -11 J mol-1 K-1). The values reported here belong to the set of 

apparent rate constants with low activation energies/very negative activation entropies, such as 

those reported by Narbeshuber et al.10 To our knowledge, only Janda and Bell have proposed a 

rationale for this dispersion.38 In the case of butane, they have shown that dehydrogenation 

apparent rates were strongly affected by isobutene which specifically inhibits dehydrogenation 

active sites. A major consequence of this inhibition, which violates the assumption that 

adsorption of products can be neglected in the calculation of rate constants (Eqns. 2-3), is that the 

values of turnover frequencies are affected by the contact time, whereby longer contact times 

lead to larger inhibition and lower turnover frequencies. Hence, Janda and Bell have 

recommended to use turnover frequencies extrapolated at zero contact time for the determination 

of the dehydrogenation rate parameters. They have shown that in their conditions, this led to 

increased values of apparent activation energies.38   As shown in the Supporting Information, we 

have also observed a similar influence of the contact time on butane dehydrogenation turnover 

frequencies, confirming the inhibition of dehydrogenation sites by reaction products. However, 

such a phenomenon was not observed for propane dehydrogenation and more importantly, we 
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did not observe a significant change of the perturbation of the OH groups with contact time at 

fixed pressure and temperature for either propane (as shown in Figure 2, above) or butane 

(Supporting information). As discussed above, this is spectroscopic evidence that in our 

conditions the zeolite acidic OH groups were not affected by the increased yield of reaction 

products. Hence, the change of dehydrogenation turnover frequencies at constant coverage of 

OH groups is an indication that either a minority of undetected acidic OH groups are responsible 

for a significant part the dehydrogenation activity or that other types of sites act as 

dehydrogenation centers. In particular, it is well known that Lewis acid sites of zeolites are very 

active for dehydrogenation reactions with low activation barriers.28, 39-40 Although the zeolite 

having the largest dehydrogenation activity did not present an appreciable amount of Lewis acid 

sites (Supporting Information), it is likely that a minority of defect sites, in the zeolite pores or at 

its external surface act as dehydrogenation centers. It is worth noticing that Janda and Bell did 

observe a fast initial deactivation of butane dehydrogenation centers while the cracking activity 

was much more stable and proposed that the initial dehydrogenation they observed originated 

from Lewis acid sites. It is thus possible that in our conditions (in particular lower temperature), 

no significant deactivation of such sites occurs, although small activation energies for 

dehydrogenation, presumably associated to Lewis acid sites,39-40 have also been reported for 

higher reaction temperatures (Table 3). In any case, since a significant fraction of 

dehydrogenation acitivity is not due to the acidic OH groups, the derivation of apparent turnover 

frequencies and intrisic dehydrogenation rates (as shown if Figures 6c and 6d) does not have 

much physical meaning, except for the assessment of apparent activation energy. In particular, 

such derivation lead to very negative, unrealistic intrinsic activation entropies (-80 and -75 J mol-

1 K-1 for propane and butane, respectively). Such very negative values suggest that the number of 
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dehydrogenation sites is much lower that of acidic OH groups. A proper derivation of relevant 

protolytic dehydrogenation rate parameters would require (i) ascertaining that all 

dehydrogenation sites other than zeolite OH groups are deactivated, and (ii) properly account for 

the correct fraction of acidic OH groups active in dehydrogenation. Indeed, in the hypothesis 

were only acid OH groups are active for this reaction, the sensitivity of the dehydrogenation 

turnover frequency to the contact time while cracking is not affected, indicates that this reaction 

occurs in distinct sites which have not yet been quantified to our knowledge, while previous 

studies have generally considered the whole population of OH groups for intrinsic entropy 

calculations. If such an approach may be useful on deriving systematic trends, we suggest here 

that caution should be taken when discussing their absolute values. In the present case, none of 

the two requirements are fulfilled and the proper dertermination of intrinsic dehydrogenation 

parameters is beyond the scope of the present work which focuses on the protolytic cracking of 

carbon-carbon bonds of light alkanes.  

 

Table 3. Comparison of apparent dehydrogenation rate parameters on H-MFI(29) with previous 

experimental and studies.a   

A
lk

an
e 

This workb Narbeshuber 

et al.10, c 

Krannila et 

al.41, d 

Lercher et 

al.42, e 

Gounder 

and 

Iglesia28, f 

Janda and 

Bell38, g 

 Eapp Sapp Eapp Sapp Eapp Sapp Eapp Sapp Eapp Sapp Eapp Sapp 

C3 89 -190 95 -193     200 -45   

C4 102 -144 115 -154 149 -120 105 -150   208 -11 

C5 139 -101           

a Activation energies in kJ mol-1, entropies in J mol-1 K-1. b H-MFI(29), 640-710 K; c Si/Al = 35, 

723-823 K ; d Si/Al = 35, 700-800 K ; e Si/Al = 35, 735-835 K ; f Si/Al = 25, 718-778 K ; g Si/Al = 

25, 723-788 K.  
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By contrast with dehydrogenation, the changes of the (OH) band intensity with respect to all 

reaction conditions (partial pressure, temperature and contact time) respect all assumptions made 

to derive kinetic parameters for the protolytic cracking of carbon-carbon bonds. Hence, the usual 

assumption that all acidic OH groups of the zeolite are active for cracking is confirmed by the 

present results, even though the dependence of intrinsic rate constants on the zeolite sample 

indicates an influence of the location of the OH groups in the zeolite pores (Figure 6b), which 

primarily affects the pre-exponential factor 𝐴 of the intrinsic rate constant. The latter is related to 

the intrinsic activation entropy Δ𝑆‡ by the standard transition state theory formula  𝐴 =

𝜈 exp(Δ𝑆‡ 𝑅⁄ ) where 𝜈 = 𝑘𝐵𝑇𝑒 ℎ⁄ . 

 In order to compare with experimental studies9 the intrinsic activation entropy values can be 

corrected for the number of C-C bonds of the alkane as follows: considering the global cracking 

rate constant 𝑘𝑖𝑛𝑡 =  ∑ 𝑘𝑖
𝑛−2
𝑖    where 𝑛 is the alkane chain length and  𝑘𝑖 are the intrinsic rate 

constants for individual cracking reactions, the intrinsic cracking rate per C-C bond is defined as 

〈𝑘𝑖𝑛𝑡〉 = 𝑘𝑖𝑛𝑡 (𝑛 − 1 )⁄ , and the corresponding pre-exponential factor and activation entropy are 

defined as 〈𝐴〉 = 𝐴 (𝑛 − 1 )⁄  and  〈𝛥𝑆‡〉 = 𝑅 (ln〈𝐴〉 − ln 𝜈 ).  With this definition, the carbon-

carbon bond corrected activation entropy 〈𝛥𝑆‡〉 is related to the overall activation entropy (𝛥𝑆‡, 

Eqn. 5 and 8) by: 〈𝛥𝑆‡〉 = 𝛥𝑆‡ − 𝑅 ln(𝑛 − 1). It is worthwhile noting that these activation 

entropies are not proportional to the mean of activation entropies of individual cracking reactions 

Δ𝑆𝑖
‡
  but are related to the log-sum of their exponentials: 

 

Δ𝑆‡ = 𝑅 ln ∑  exp (
𝛥𝑆𝑖

‡

𝑅
)

𝑛−2

𝑖=1

 (14) 
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〈Δ𝑆‡〉 = 𝑅 ln ∑

1

𝑛 − 1
 exp (

Δ𝑆𝑖
‡

R
)

𝑛−2

𝑖=1

 (15) 

Because of these relationships both Δ𝑆‡ and 〈Δ𝑆‡〉 are dominated by the largest values of Δ𝑆𝑖
‡
. 

Table 4 summarizes the intrinsic cracking parameters (activation energies and entropies) 

determined in this work and shows a comparison with those reported by previous experimental 

and theoretical studies. As shown above (Figure 1 and 6a), the largest difference in the apparent 

turnover frequencies of propane cracking for the zeolites was observed to be on the order of a 

factor 2 for H-MFI(29) compared to the higher Si/Al ratio zeolite H-MFI(75). Assuming 

rigorously identical adsorption parameters and intrinsic activation energies for propane cracking, 

this difference can be accounted for by differences in the activation entropies of R ln 2 = 5.7 

J mol-1 K1.  This difference compares favorably with the difference of the activation entropies 

determined from extrapolation of the Arrhenius plot: 〈Δ𝑆‡〉 = -21(4) and -26(5) J mol-1 K-1 for H-

MFI(29) and H-MFI(75), respectively.  It is worth nothing however that such differences are at 

the limit of the accuracy currently achieved for the determination intrinsic activation entropy 

(See e.g. ref.28).  

Table 4 shows that the intrinsic activation energies are similar for all the alkanes investigated in 

this study (~ 190 kJ mol-1), whatever the zeolite used. This remarkable constancy is illustrated in 

Figure 7 which shows the Arrhenius plot of intrinsic cracking rate constants obtained for the five 

alkanes over H-MFI(29). Comparison with the literature show that our values lie is in the low 

range of intrinsic activation energy value derived from the alkane adsorption heats and apparent 

activation energies (Table 4).9-10, 16  
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Table 4. Comparison of intrinsic cracking rate parameters on H-MFI with previous experimental 

and theoretical studies.a 
A

lk
an

e 

S
i/

A
l 

ra
ti

o
 

This workb Narbesh-

-uber et 

al. 10 

Bhan et 

al. 9, c 

Tranca et 

al. 20, d 

Janda et 

al.21, d, e 

Eapp Ea ΔS‡ <ΔS‡> Eapp Ea <ΔS‡> Ea ΔSi
‡ Ea ΔS‡ 

             

 20 151(2) 189(4) -17(4) -23(4)        

C3 29 151(1) 192(3) -16(4) -21(4) 155 198 -9 185 -68 198 -21 

 75 151(4) 189(2) -21(5) -26(5)        

             

C4 29 134(2) 188(4) -5(6) -15(6) 135 197 3 186 -65 188 -25 

             

 20 122(2) 189(6) -1(7) -13(7)        

C5 29 120(5) 186(6) -2(9) -13(9) 120 194 11 176 -35 183 -23 

 75 123(2) 186(5) -9(8) -20(8)        

             

 20 101(5) 184(4) 6(5) -7(5)        

C6 29 98(1) 183(4) 2(6) -11(6) 105 197 23 180 -20 177 -24 

 75 105(1) 190(3) 3(5) -10(5)        

             

 20 74(4) 176(5) 16(4) 1(4)        

C7 29 86(4) 190(2) 14(3) -1(3)        

 75 72(3) 193(4) 9(6) -6(6)        

a Activation energies in kJ mol-1, activation entropies in J mol-1 K-1. b Standard errors are in 

parentheses. c Computed from the experimental data of Narbeshuber et al.10 and Eder et al.6-7 d 

Computed from the reported values of  ΔH‡ at 773 K using Ea = ΔH‡ + RT. e Computed from the 

apparent rate parameters of Narbeshuber et al.10 and adsorption parameters obtained by CBMC 

simulations.21-22 
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Figure 7. Arrhenius plots of intrinsic cracking rate constants of  (□) propane, (o) n-butane, 

(◊)  n-pentane, (∆) n-hexane and (+) n-heptane cracking over H-MFI(29). Intrinsic rate is 

expressed in s-1.  

Our data thus confirm that the intrinsic activation energies are independent of the chain length 

of the alkanes, and are consistent with previous experimental10 and most of theoretical18, 20, 32 

studies. By contrast, in recent studies,21-22 Janda and coworkers have re-evaluated intrinsic 

activation energies by considering the experimental apparent activation energies on the one hand, 

and adsorption parameters issued from Monte Carlo simulations which selectively took into 

account the alkanes at the vicinity of  the acid sites. As discussed in the previous section, this led 

to a much better agreement between predicted and observed adsorption entropies. However, 

Table 4 also shows that such an approach leads to a significant decrease of activation energies by 

~ 20 kJ mol-1 from propane to n-hexane, which is not observed (Table 4 and Figure 7). This 

discrepancy suggests that not only the distance between the alkane and the Al atom should be 
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taken into account. It is possible, in particular, that the directionality of the hydrogen bond 

should also be explicitly taken into account to characterize more selectively the reactant state.      

By contrast with activation energy, the present data show that the magnitude of activation 

entropy increases with the chain length, in agreement previous studies. This confirms that 

differences in monomolecular cracking rates are primarily determined by the activation entropy 

affecting the intrinsic rate constant and not by differences in adsorption constants, that lead to 

similar reactant concentrations on the active sites at reaction conditions.9, 16-17, 20  However, the 

magnitudes of intrinsic activation entropies derived by molecular simulation are markedly lower 

that those obtained here, or derived by Bhan et al. 9, in particular for the lighter alkanes. As 

stated by Tranca at al., 20 this difference could arise from the lower magnitude of adsorption 

entropies obtained from molecular simulation and discussed in the previous section, as compared 

to those obtained here. In the present work the actual concentration of alkane-acid site complexes 

at reaction conditions were determined, which is much lower than the concentrations predicted 

by the simulations of Tranca et al.,20 and yields much higher intrinsic cracking rates and higher 

magnitudes of activation entropies. However, it should be also noted that the activation entropies 

reported by Tranca et al.20 were obtained by DFT calculations where the initial reactant state was 

localized at the vicinity of the acid site. A major source of error could also be the method used to 

compute the entropy of the transition state, such as the harmonic approximation that could 

overestimate the contribution of soft, low frequency vibration modes. Finally, the intrinsic 

activation entropies recently re-evaluated by Janda and co-workers - from experimental rate 

constants and predicted adsorption parameters - have the same magnitudes as those determined 

here, but are nearly constant and do not predict the systematic increase with the alkane chain 
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length. This again suggests that simulations should explicitly take into account the hydrogen 

bonding to describe the reactant state.     

Finally, it is worth noticing that on the other side, the values of activation entropies determined 

in the present work at reaction conditions are also significantly lower than those obtained by 

combining low temperature adsorption experiments and classical activity measurements.9 

However the magnitudes of adsorption entropies determined here were also found smaller than 

those of Eder et al.6-7 used in  ref. 9 (see Table 2) so that the apparent activation entropies, 

defined as the sum of adsorption and activation entropies, Δ𝑆𝑎𝑝𝑝 = Δads𝑆 + Δ𝑆‡ are in fair 

agreement. This suggests that the magnitudes of entropy of the hydrogen bonded state could be 

decreased at high temperature, as suggested by Tranca et al.,20 though by a much lower amount 

than those predicted in this study.  

In order to summarize these findings, the magnitudes of the various contributions of the 

enthalpic and entropic terms to the total apparent cracking rates can be conveniently represented 

using a waterfall chart of the natural logarithm of the cracking rate constant divided by the 

universal frequency factor 𝜈:  

 

 

ln
𝑘𝑎𝑝𝑝

𝜈
= −

Δads𝐻

RT
+

Δads𝑆

R
−

𝐸a

RT
+

Δ𝑆‡

R
 (16) 

This is illustrated in Figure 8 for the cracking of C3-C7 linear hydrocarbons over H-MFI(29) 

for T=700 K.  In this representation, each term of Eqn. 16 is plotted sequentially for each 

hydrocarbon. Figure 7 shows the simultaneous increase of the magnitude of adsorption enthalpic 

and entropic terms with the hydrocarbon chain length which however compensate each other. 

The dotted line represents the natural logarithm of the adsorption constant (ln 𝐾ads) which is 

nearly constant across the hydrocarbon series, clearly showing the compensation effect for 

adsorption. The largest term and main contributor to the magnitude of the apparent rate constants 



 

 35 

is the activation energy and is constant for the whole series of hydrocarbons investigated here. 

Finally, the activation entropic term is the smallest contribution to the apparent rate constants, 

but modulates and controls the wide range of cracking rates across the hydrocarbon series.  

 

Figure 8. Waterfall plot of the adsorption and kinetic terms contributing to the adsorption 

constants and apparent rate constants for H-MFI(29) at T = 700K.  

Activation entropies of individual C-C cracking reactions. 

In the previous section, the kinetic parameters were determined for overall alkane 

monomolecular cracking. In this section the activation entropy of individual cracking reactions, 

which has not received much attention yet, are considered. Figure 9 shows the experimentally 

obtained selectivities toward lower alkanes for the monomolecular cracking of n-butane to n-

heptane plotted as a function of temperature. These selectivities are independent of temperature, 

indicating that the intrinsic activation energies for breaking different C-C bonds within a given 

reactant molecule are the same, in agreement with previous studies.8, 43 Thus, as for the overall 

cracking kinetics discussed above, the selectivities are also governed by the intrinsic activation 
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entropies. Table 5 and Figure 10 show the experimental selectivities toward lower alkanes (𝑠𝑖) 

and the corresponding activation entropy values Δ𝑆𝑖
‡
determined from the global activation 

entropies Δ𝑆‡ and the selectivities 𝑠𝑖 according to:  

 𝛥𝑆𝑖
‡ = Δ𝑆‡ + 𝑅 ln 𝑠𝑖 (17) 

 

 

Figure 9. Alkane (C4-C7) monomolecular cracking product selectivities on H-MFI(29) plotted as 

a function temperature: CH4(◊), C2H6(□), C3H8(∆), C4H10(○) and C5H12(×). 
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Figure 10. Selectivity towards lower alkanes during the monomolecular cracking of n-butane 

(C4), n-pentane (C5), n-hexane (C6) and n-hepatne (C7)  on H-MFI(29) at 650K.  

 

Table 5. Selectivities towards lower alkanes and associated activation entropies 

Reactant Products Selectivities si ΔSi
‡ a 

C4 CH4 0.49 -11 

 C2H6 0.51 -11 

    

C5 CH4 0.20 -15 

 C2H6 0.58 -6 

 C3H6 0.22 -14 

    

C6 CH4 0.10 -17 

 C2H6 0.41 -5 

 C3H6 0.40 -5 

 C4H6 0.09 -18 

    

C7 CH4 0.06 -10 

 C2H6 0.27 4 

 C3H6 0.38 8 

 C4H6 0.26 4 

 C5H12 0.04 -13 
a Values reported in J K-1mol-1  
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As shown by Figure 10, a very symmetric selectivity pattern is obtained when the lower alkane 

cracking products are ranked with the increasing chain length. As shown in the Supporting 

Information, similar patterns were consistently observed in many previous studies, irrespective 

of the type of zeolite used, as H-MFI 5, 8, 11, 43-48 , H-MOR 8, 11, 49, H-USY 8, 11, 45, 50 and 

chemically dealuminated HY.11   

Table 5 shows that excepting for the cracking of central bonds of n-heptane, all C-C cracking 

reactions have negative activation entropies which implies the loss of degrees of freedom at the 

transition state with respect to the adsorbed, hydrogen-bonded state. For a given reactant, the 

close selectivities toward lower alkanes imply close entropies of the corresponding transition 

states. Recent state of the art theoretical studies generally show that the cracking reaction 

involves the scission of 3-center-two electrons carbocations to the products.18, 32 Examination of 

Table 5 show that for a given reactant, products formed with similar selectivities are 

systematically produced from distinct carbocations. For instance, pentane cracking leads to 

methane and propane in nearly equal amounts (20 vs. 22%, Table 5) while these products should 

result from the scission of distinct carbocations centers on the outer C1-C2 bond and the vicinal 

C2-C3 bond, respectively:  

C-H+-C-C-C-C ⟶ C1 + C4
=    and    C-C-H+-C-C-C ⟶ C3 + C2

= 

The scission of second carbocation can also lead to a distinct set of products, namely ethane 

and propene (C-C-H+-C-C-C ⟶ C2 + C3
=), but with significantly larger selectivity (58% vs. 

22%). It is striking that this can be generalized to all the products formed with similar 

selectivities. This shows that the entropy of the transition state does not primarily depend on the 

position of the three-center-two electrons carbocation in the molecule (in such a case C3 and C2 

would be formed in close amount), but on the position of the carbon atom common to the CC 
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bond to be broken and the vicinal CC bond that will belong to the product olefin. In the case of 

the two carbocations leading to methane and propane shown for pentane above, this corresponds 

to the second carbon of the chain, while for the carbocation leading to ethane, this corresponds to 

the third carbon atom of the chain. It thus appears that the transition states leading to the pairs of 

products symbolized in Scheme 1 below, where j is the common atom of the bonds to be cleaved 

in the two sets of products with similar selectivities, have close entropies. 

 

Scheme 1 

Recent state-of-the art calculations have emphasized the complexity and multiplicity of 

reaction paths leading to a given set of products.18, 32, 51 Despite this complexity, however, the 

close entropies of transition states leading to products in Scheme 1 indicates that the partition 

functions associated to the internal degrees associated to bonds i-j and j-k – such as those 

associated  to frustrated internal rotations – play a key role and have similar values at these 

distinct transition states.  

CONCLUSIONS 

In summary, the IR operando study of protolytic cracking of alkanes has allowed for the direct 

assessment of the intrinsic parameters of this reaction. Our results confirm that monomolecular 

cracking rates of alkanes are chiefly controlled by their intrinsic activation entropies at high 

temperature. IR spectroscopy allows for unambiguous definition and quantification of the initial 

state of the reaction, namely alkane – acid site hydrogen bond complexes at reaction conditions, 

which is key to properly quantify adsorption and activation entropic terms. While the activation 

entropies where found lower than those derived from low temperature adsorption measurement, 

they remain much higher than those currently predicted by state of the art calculations.   
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 With this respect, the present work could provide guidelines for theoretical predictions of 

alkane adsorption and reactivity on zeolites acid sites at elevated temperatures. Its application to 

other zeolite types and reactants should also give information as to what extent the present 

findings can be generalized to other reactions over acidic zeolites.  
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