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a b s t r a c t
The effects of heteroatom identity (Al3+, Ga3+, Fe3+, or B3+), concentration and location on catalysis by MFI
zeolites are examined and interpreted mechanistically using methanol dehydration rate constants and
density functional theory estimates of acid strength (deprotonation energies, DPE). In doing so, we shed
light on the concomitant effects of conﬁnement and acid strength on catalytic reactivity. Rate constants
(per H+ from pyridine titrations during catalysis) in the ﬁrst-order and zero-order kinetic regimes
decreased exponentially as the DPE of MFI with different heteroatoms increased. These trends reﬂect a
decrease in the stability of ion-pair transition states relative to the relevant precursors (H-bonded methanol and methanol dimers, respectively, for these two regimes) with decreasing acid strength and resemble those in mesoporous solid acids (e.g., polyoxometalates). Conﬁnement effects, weaker in mesoporous
solids, give larger rate constants on MFI than on POM clusters with similar DPE. Such reactivity enhancements reﬂect the effects of MFI voids that solvate transition states preferentially over smaller precursors
via van der Waals interactions with the conﬁning voids. Both dehydration rate constants on MFI with 0.7–
2.4 H+ per unit cell volume (5.2 nm3) are independent of Al or H+ densities, indicating that neither H+
location nor acid strength depend on acid site concentration. Higher site densities (3.6 H+ per unit cell)
lead to larger ﬁrst-order rate constants, but do not inﬂuence their zero-order analogs. These data reﬂect,
and in turn provide evidence for, the initial siting of H+ in less constrained channel intersections and their
ultimate placement within the more solvating environments of the channels themselves. Thus, the higher
reactivity of Al-rich samples, often attributed to the stronger acid sites, arises instead from the ubiquitous
role of zeolites as inorganic solvents for the relevant transition state, taken together with H+ siting that
depends on Al density. We ﬁnd that heteroatom composition, but not Al density, inﬂuences acid strength
in MFI, consistent with experiment and theoretical estimates of DPE, and that methanol dehydration rate
constants, properly interpreted, provide relevant insights into the combined effects of acid strength and
conﬁnement on the reactivity of solid Brønsted acids.
Ó 2014 Elsevier Inc. All rights reserved.

1. Introduction
Zeolites are inorganic silica-based solids with microporous void
structures and Brønsted acid sites that catalyze chemical reactions
with unique reactivities and selectivities [1–4]. The isomorphous
substitution of framework Si-atoms with trivalent atoms (e.g., Al3+,
Ga3+, Fe3+ or B3+) creates anionic charges that can be compensated
by protons located on bridging O-atoms (e.g., Al–O(H)–Si). The acid
strength of X-MFI samples (where X indicates the isomorphous substitution of Si4+ by Al3+, Ga3+, Fe3+ or B3+) depends on the identity of
the trivalent framework heteroatom, as shown by deprotonation en-
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ergy (DPE) estimates from density functional theory (DFT); these
DPE values are much smaller for Al-MFI than for Ga-MFI, Fe-MFI or
B-MFI (by 11, 23, 72 kJ mol1 [5]). Absolute and relative DPE values
differ among X-MFI samples [5–9], however, depending on the type
and size of the zeolite model used. These differences reﬂect how
cluster and periodic models account for longer-range electrostatic
interactions that stabilize the anionic framework after deprotonation [10,11]. Therefore, it is necessary to compare and validate calculated DPE values with experimental estimates of acid strength.
Probes of solid Brønsted acid strength include adsorption
enthalpies of amines [12], alkane cracking and dehydrogenation
turnover rates [13], Hammett indicators [14], 13C NMR chemical
shifts of adsorbed acetone [15] and Brønsted m(OH) frequency
shifts upon interactions with weak bases [16]. These probes often
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lead to conﬂicting conclusions about the acid strength of X-MFI, at
least in part, because measured properties depend on the identity
of the probe molecules and on the location of protons within the
microporous voids, which leads, in turn, to differences in the dispersive stabilization of adsorbed probes because of local variations
in void shape and size within a given framework structure [17]. For
instance, differential adsorption enthalpies of NH3 measured calorimetrically on Al-MFI and Fe-MFI zeolites are similar
(145 ± 5 kJ mol1), but these samples differ markedly in their nhexane cracking turnover rates (1.3  103 vs. 0.048  103 n-C6H14(H+s)1, 700 K) [18] leading to contradictory conclusions
about their acid strength differences.
CH3OH dehydration (to dimethyl ether, DME) rate constants on
SiO2-supported Keggin polyoxometalate (POM) clusters decrease
exponentially with DFT-derived DPE estimates of the clusters
[19]. First-order (kﬁrst) CH3OH dehydration rate constants reﬂect
the free energy of the DME formation transition state relative to
an uncharged adsorbed CH3OH and a gaseous CH3OH molecule
(Scheme 1). Zero-order rate constants (kzero) reﬂect the free energy
of the same transition state, but in this instance relative to that of a
cationic CH3OH dimer (Scheme 1). The differences in charge and
size between this transition state and the two reactive intermediates (H-bonded CH3OH monomers, kﬁrst; protonated CH3OH dimers, kzero) cause these two rate constants to depend differently
on acid strength and solvation by van der Waals interactions with
the surrounding void environment. Therefore, such measurements
on X-MFI samples may allow the independent assessment of their
acid strengths and of their heteroatom siting among the diverse local environments provided by channels and intersections within
MFI frameworks. Here, we report these rate constants on X-MFI,
normalized by the number of protons and their DPE values, estimated by DFT methods through extrapolation to large MFI clusters.
2. Methods
2.1. Catalyst synthesis and characterization
Al-MFI was synthesized by dissolving Al(OH)3 (53% Al2O3, Reheis
F-2000 dried gel, 0.02–0.08 g) in a solution containing demineralized

H2O (6 g), tetra-n-propyl ammonium hydroxide (TPAOH, 40 wt%,
Aldrich, 1.5 g) and NaOH (1 M solution in demineralized H2O, Fisher,
1.5 g). Amorphous SiO2 (Cab-o-sil M-5, 15 mmol) was added to the
mixture, which was treated in a rotating sealed Teﬂon-lined vessel
(43/60 Hz; Parr, 23 cm3) held at 433 K for 6 days in a convection oven
(Blue M). Solids were collected by vacuum ﬁltration, washed with
H2O to reduce the pH to 9 and treated in vacuum overnight at ambient temperature. Ga-MFI and B-MFI were synthesized by the same
protocols using Ga(NO3)3 (nonahydrate, 99.9%, Aldrich, 0.03 g) and
Na2B4O7 (decahydrate, >99.5%, Aldrich, 0.06 g) instead of Al(OH)3.
The same procedure was used to prepare Fe-MFI, using Fe(NO3)3
(nonahydrate, >99.9%, Baker, 0.12 g), TPAOH (40 wt%, Aldrich,
2.4 g), NaOH (1 M solution in demineralized H2O, Fisher, 0.5
mMoles), demineralized H2O (4 g) and Cab-o-sil M-5 (20 mmol).
Other Al-MFI samples were obtained from a commercial source
(Table 1).
Samples were analyzed by scanning electron microscopy (JEOL
JSM-6700F) and X-ray diffraction (Siemens D-500; Cu Ka radiation)
to determine their size and framework identity. Si, Al, Ga, Fe, B and
Na contents were measured by inductively coupled plasma optical
emission spectroscopy (ICP-OES; Galbraith Laboratories; Supporting information). The fraction of Al-atoms in tetrahedral and octahedral coordination was determined from 27Al magic angle
spinning NMR lines at 55 ppm and 0 ppm, respectively (details in
Section S.2 of the Supporting information).
2.2. Catalytic rate measurements
MFI samples were pressed, crushed using a mortar and pestle,
and sieved (to retain 180–250 lm aggregates), and then diluted
with SiO2 (Cab-o-sil HS-5, washed with 1.0 M HNO3, 180–250 lm
pellets) to maintain a sample mass larger than >0.025 g. Samples
were held on a coarse quartz frit within a tubular packed-bed
quartz reactor (7.0 mm i.d.) and their mass (5–220 mg) was adjusted to conversions below 5%. The bed temperature was kept constant using a resistively heated three-zone furnace (Applied Test
Systems Series 3210) and Watlow controllers (EZ-ZONE PM Series);
it was measured using a K-type thermocouple in contact with the
outer surface of the quartz tube at the center of the catalyst bed.
All samples were treated in ﬂowing 5% O2/He mixture
(83.3 cm3 g1 s1, 99.999%, Praxair) by heating to 773 K (at
0.025 K s1), holding at 773 K for 2 h and cooling to 433 K before
catalytic measurements. Liquid CH3OH (99.8%, Sigma–Aldrich)
was introduced via heated lines (>373 K) into He ﬂow (99.999%,
Praxair) using a syringe pump (Cole-Palmer 780200C series).
Reactant, product and titrant concentrations were measured by
gas chromatography (Agilent 6890N GC) using a DB-Wax capillary
column (0.320 mm ID  30 m  0.50 lm ﬁlm; J&W Scientiﬁc) and
Table 1
Zeolite sample information.

a
b

Scheme 1. Illustration of the relationships between the energies of H-bonded
CH3OH monomers, protonated dimers and cationic DME formation transition states
–
reﬂected in measured ﬁrst-order (E–
first ) and zero-order (Ezero ) CH3OH dehydration
rate constants.

c
d

Zeolite

Provenance

Si/Ta

H+/Tb

H+/Tc

%TTdd

H-[Al]-MFI-1
H-[Al]-MFI-2
H-[Al]-MFI-3
H-[Al]-MFI-4
H-[Al]-MFI-5
H-[Al]-MFI-6
H-[Ga]-MFI
H-[Fe]-MFI
H-[B]-MFI

Commercial
This work
Commercial
Commercial
This work
This work
This work
This work
This work

16.6
22.8
29.2
43.8
51.9
117.6
108.7
61.1
75.3

0.65
0.27
0.77
1.03
0.59
0.86
1.09
0.85
0.25

0.52
0.33
0.72
0.89
–
–
–
0.68
–

88
85
89
89
87
96
–
–
–

Determined from elemental analysis (ICP-OES; Galbraith Laboratories).
Determined from pyridine titrations during CH3OH dehydration reactions at
433 K.
Determined from NHþ
4 decomposition.
Fraction of Al in tetrahedral coordination (%TTd) determined from 27Al MAS
NMR.
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ﬂame ionization, and mass spectrometric detection (MKS Spectra
Minilab). Dimethyl ether and water were the only products observed at all reaction conditions.
CH3OH dehydration rates (per mass) on SiO2 (0.2114 g) and silicalite-1 (SIL-1, 0.2236 g, synthesized using previously developed
protocols [20] and Ludox AS-40) were <0.03 of those on Al-MFI
at all conditions; on SIL-1, such rates were 20% of those measured
on H-[B]-MFI (at 55 kPa CH3OH). These SIL-1 rates were subtracted
from measured H-[B]-MFI rates to account for contributions from
the purely siliceous framework. Rates were measured periodically
at a given reaction condition (10 kPa CH3OH, B-MFI; 0.6 kPa CH3OH, other X-MFI; 433 K); no deactivation was detected on Fe-, Band some Al-MFI samples (Si/Al = 22.8, 51.9 and 117.6). Al-MFI
(Si/Al = 29.2 and 43.8) and Ga-MFI samples were corrected for
slight deactivation (<15% over >5 h). Athena Visual Studio [21]
was used to regress rate data to the functional form of the mechanism-based rate equations and to determine 95% conﬁdence
intervals.
2.3. Chemical titration of sites with pyridine and decomposition of
exchanged NHþ
4 cations
Brønsted acid sites were measured using pyridine (99.9%, Sigma–
Aldrich) as a titrant during CH3OH dehydration at 433 K. Pyridine
(0.3–3.0 Pa) was introduced after establishing steady-state CH3OH
dehydration rates (10 kPa CH3OH, B-MFI; 1.1 kPa CH3OH on other
X-MFI) by introducing a pyridine-CH3OH liquid mixture into the
reactor. Titrant efﬂuent concentrations were measured using the
chromatographic protocols described above. The number of protons
in each sample was determined from the cumulative titrant uptakes
of pyridine required to fully suppress CH3OH dehydration rates
(assuming a 1:1 pyridine:H+ adsorption stoichiometry).
Protons were also measured by decomposition of NHþ
4 (to form
+
NH3) on NHþ
4 -exchanged samples, prepared by treating the H form
3 1 1
of MFI in ﬂowing dry air (2.5 cm g s , UHP Praxair; heating to
823 K at 0.025 K s1, 4 h hold) and adding these samples to 0.1 M
NH4NO3 (>98%, Sigma–Aldrich; 1 g zeolite per 300 cm3) while stirring at 353 K for 4 h. The solids were recovered by ﬁltration and the
exchange procedure was carried out two more times. After the
third exchange, samples were ﬁltered, washed with 300 cm3
demineralized H2O and allowed to stand in ambient air. NHþ
4 -exchanged samples (0.05–0.13 g) were placed within the reactor described in Section 2.2 and heated to 923 K (at 0.833 K s1) in
ﬂowing He (2.5 cm3 g1 s1, 99.999%, Praxair) and Ar (0.83 cm3 g1 s1, 99.999%, Praxair) and held for 1 h. A heated, Si-coated
stainless steel capillary (420 K, 0.254 mm i.d., 183 cm length)
was placed directly after the samples and connected to a mass
spectrometer (MKS Spectra Minilab) to measure NH3 concentrations in the efﬂuent stream. The intensities for NH3 (17, 16 amu),
H2O (18, 17 amu) and Ar (40 amu) ions were acquired every 4 s.
2.4. Density functional theory calculations of deprotonation energy
Geometry optimizations were performed on neutral (ZH) and
deprotonated (Z) clusters with the hybrid functional xB97X-D
[22] using the double-f, polarized valence 6-31G(d,p) basis set
implemented in the Gaussian software package [23]. Wave functions were converged to 1.0  106 hartree and structures were
optimized until the root-mean-square force was less than
3  104 hartree bohr1. Single-point calculations on the resulting
geometries were performed at the xB97X-D/6-311++G(3df, 3pd)
level to test the effects of a larger basis set.
DPE values were calculated using cluster models derived from
the MFI crystal structure [24] and terminated with H-atoms (Si–
H bond lengths ﬁxed at 0.1455 nm [25]) to replace terminal Oatoms while maintaining charge neutrality. Terminal SiHx atoms

were ﬁxed during geometry optimizations while all other atoms
were allowed to relax, thus preventing the energetic relaxation of
clusters into structures unrelated to the periodic crystalline framework [27]. Si–H bonds were used instead of Si–O–H to terminate
clusters, because Si–O–H leads to unrealistic electrostatic destabilization and large DPE values [11]. The T12 site of MFI, according to
the numbering convention of Olson et al. [24], was considered as
the heteroatom substitution site for all clusters, with a H+ located
in the X12–O20(H)–Si3 position (where X = Al, Ga, Fe or B) [25,27].
The resulting H+ resides in the void created by the intersection of
the straight and sinusoidal channels in MFI.
MFI clusters with one X heteroatom and 5, 8, 11, 20, 27, 38 or 51
tetrahedral atoms (denoted as 5T, etc.) were extracted from periodic MFI structures built from coordinates derived from X-ray
diffractograms [24] to look at the effect of increasing the number
of Si and O-atoms that lie between the acid site and the terminal
Si-atoms on DPE. The clusters with 5 and 38 T-atoms after relaxation are depicted in Fig. 3 (heteroatom sites identiﬁed; other clusters in Section S.3 of the Supporting information). Clusters with Fe
heteroatoms were calculated with a spin multiplicity of six since
Fe3+ has a high spin ground state (d5) in tetrahedral coordination
[8] and because spin polarized energy calculations on 5T clusters
indicated that this was the most stable electronic conﬁguration.
DPE values represent the energy required to heterolytically
cleave H-atoms from the zeolite framework (HZ) to form a noninteracting H+ and a zeolite framework anion, Z. DPE values were
calculated as the energy difference between these deprotonation
products and the neutral starting structure:

EDPE ¼ EZ þ EHþ  EHZ

ð1Þ

where EZ, EH+ and EHZ are the electronic energies of the deprotonated zeolite anion, a bare proton and the neutral Brønsted acid,
respectively.
2.5. Infrared detection of Brønsted acid sites
Infrared spectra were collected in transmission mode using selfsupporting wafers (5–15 mg cm2) and a quartz vacuum cell
with NaCl windows. Spectra were measured in the 4000–
400 cm1 range with a 2 cm1 resolution using a Nicolet NEXUS
670 spectrometer equipped with a Hg–Cd–Te (MCT) detector by
averaging 64 scans. Samples were treated by heating to 723 K
(0.033 K s1) in dry air (1.67 cm3 s1, zero grade, Praxair), holding
for 2 h and then cooling to 433 K. Samples were evacuated using
a diffusion pump (<0.01 Pa dynamic vacuum; Edwards E02) before
collecting spectra. All spectra were normalized by the intensity of
the Si–O–Si overtones (2100–1750 cm1).
3. Results and discussion
3.1. CH3OH dehydration on X-MFI: Proton site counts and kinetic
effects of CH3OH pressure
Fig. 1 shows CH3OH dehydration rates (433 K; per heteroatom
from elemental analysis; Table 1) as a function of pyridine titrant
uptakes on X-MFI samples. CH3OH dehydration rates decreased
linearly with the amount of pyridine adsorbed (Fig. 1); rates did
not increase when pyridine was removed from the inlet stream,
indicating that pyridine irreversibly titrates all sites active for CH3OH dehydration. Pyridine (0.6 nm kinetic diameter [28]) can diffuse through MFI channels (10-MR channels, 0.55 nm diameter)
and is protonated by Brønsted acid sites, rendering such sites unreactive for CH3OH dehydration, but it can also coordinate to Lewis
acid sites in zeolites [29]. Larger 2,6-di-tert-butylpyridine
(1.05 nm diameter) molecules selectively titrate Brønsted acid
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Fig. 3. Optimized geometries of H13Si4Al1O3 (5T; top) and H55Si37Al1O49 (38T;
bottom) H-Al-MFI clusters (geometries for 8, 11, 20, 27 and 51 T-atom clusters
provided in the Supporting information). The 38 T-atom cluster is shown in two
orientations, looking down the 10-MR straight channel (left) and looking down the
10-MR sinusoidal channel at the void created from channel intersections (right).
Atom colorings are as follows: H in gray, Si in blue, O in orange and Al in green. (For
interpretation of the references to color in this ﬁgure legend, the reader is referred
to the Web version of this article.)

Fig. 1. CH3OH dehydration rates at 433 K (per metal atom (T) measured from
elemental analysis, Table 1) as a function of cumulative pyridine on H-[Al]-MFI-6
(d), H-[Ga]-MFI (), H-[Fe]-MFI (j) and H-[B]-MFI (N) (1.1 kPa CH3OH and 0.6 Pa
pyridine for Al, Ga, and Fe substituted MFI samples; 10 kPa CH3OH and 1.2 Pa
pyridine for B-MFI). Dashed lines are linear regressed ﬁts of the data.

Fig. 2. CH3OH dehydration turnover rates at 433 K normalized by pyridine uptakes
on H-[Al]-MFI-6 (d), H-[Ga]-MFI (), H-[Fe]-MFI (j) and H-[B]-MFI (N). Dashed
curves represent regression of data points to Eq. (2).

sites [30], but did not decrease rates on H-[Al]-MFI-1, indicating
that such titrants cannot access H+ within MFI channels and that

the fraction of H+ at external MFI surfaces is inconsequential for
catalysis. We compare pyridine uptakes (Table 1) with ex situ H+
counts from the thermal decomposition of the NHþ
4 -form of these
zeolites to determine the quantity of Lewis acid sites from the difference of their values; these site counts are selective to Brønsted
+
acid sites because NHþ
4 cations in solution replace H during exchange but do not coordinate to Lewis acid sites. NHþ
and
pyridine
4
uptakes were similar (within a factor of 0.8; Table 1) indicating
that pyridine adsorbs negligibly at any Lewis acid sites that may
be present on these samples. The negligible adsorption of pyridine
on Lewis acid sites and the near-complete suppression of DME formation rates by pyridine titrants on these samples indicate that Lewis acid sites do not contribute detectably to CH3OH dehydration
rates on these samples.
DME formation rates were fully suppressed by contact with
pyridine on Ga-MFI and Fe-MFI samples, but small residual rates
(10% of initial rates) were detected after saturation titrant uptakes on B-MFI and on H-[Al]-MFI-6 (Fig. 1). The small residual
rates after titration do not appear to be the result of Lewis acid
sites because pyridine titrants will also coordinate with Lewis acid
sites if they are present [29]. They may instead reﬂect DME formation on H+ that are accessible to CH3OH reactants but inaccessible
to pyridine titrants as the result of adsorbed pyridine molecules
that hinder the diffusion of pyridine molecules to reactive H+, or
due to structural defects that occlude pyridine molecules from certain voids. Therefore, the total number of protons on each sample
was estimated by extrapolating titrant uptakes to zero CH3OH
dehydration rates. They are reported in Table 1 along with sample
provenance, chemical composition and Al coordination determined
from 27Al MAS NMR.
Proton counts (per heteroatom) from pyridine titrations and
NHþ
4 decomposition were smaller than unity (except for H-[Al]MFI-4 and H-[Ga]-MFI; Table 1), indicating that some heteroatoms
do not have associated protons of sufﬁcient strength to protonate
pyridine irreversibly. This may reﬂect distorted heteroatoms with
tetrahedral or octahedral coordination or extra-framework phases
[31,32] that lack reactive protons. 27Al MAS NMR data show that
some samples contain more framework Al-atoms than protons
(e.g., 0.88 AlTd/AlTot vs. 0.65 H+/Altot, H-[Al]-MFI-1, Table 1), but
NMR studies use samples hydrated at ambient conditions, which
can re-form tetrahedral Al centers [33]. This may lead to Al species
that are tetrahedral during NMR experiments but do not contain
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Brønsted acid sites after relevant catalyst pretreatment and
reaction conditions [34]. The ubiquitous and variable H+/AlTd substoichiometry makes tetrahedral Al sites an equivocal surrogate
for the number of protons, which must be determined instead by
using speciﬁc titrants, whenever possible as catalysis takes place
[34]. Here, we use pyridine uptakes, which titrate Brønsted acid
sites in these samples, as an estimate of the number of protons in
calculating turnover rates.
CH3OH dehydration turnover rates (per H+) are shown in Fig. 2
as a function of CH3OH pressure on X-MFI samples. Turnover rates
on Al-MFI, Ga-MFI and Fe-MFI samples increased linearly with
CH3OH pressure below 3 kPa CH3OH and then more gradually consistent with a Langmuir-type rate equation:

kfirst ½CH3 OH
r
¼
½Hþ  1 þ kfirst ½CH3 OH

ð2Þ

kzero

Here, kﬁrst and kzero are the regressed ﬁrst-order and zero-order
parameters that give rise to the dashed curves in Fig. 2. Dehydration
turnover rates on B-MFI samples increased linearly with CH3OH
pressure at all pressures (up to 60 kPa CH3OH) so that only kﬁrst
could be measured.
Turnover rates were inﬂuenced by the identity of the heteroatom (Al, Ga, Fe, B) at low pressures (<10 kPa CH3OH) in a manner
consistent with their different DPE values (Section 3.2) and with
the expectation that stronger acids, with a more stable conjugate
anion, would lead to lower activation energies for reactions mediated by ion-pair transition states [35]. Turnover rates ultimately
become zero-order in CH3OH at higher pressures on Al-MFI, GaMFI and Fe-MFI; these constant values conﬁrm the absence of mass
transfer effects, a conclusion supported by the similar turnover
rates measured on Al-MFI samples with different Si/Al ratios and
crystal sizes (Section 3.4).
Next, we assess the acid strength of X-MFI samples using theoretical DPE values and use these values in Section 3.3 to interpret
and compare rate constants in terms of the relative contributions
of dispersive and electrostatic forces on the stability of the transition state and its relevant precursors.

and O shells around an Al-atom in MFI for cluster models up to 8
tetrahedral atoms (T-atoms) in size [11], but DPE values slowly
converge to constant values with increasing cluster size [10]. The
large clusters required to approach realistic electrostatic interactions (>46 T-atoms) [10] have not been used, to our knowledge,
to calculate DPE values for MFI with heteroatoms other than Al,
an approach that we follow here in order to assess the effects of
acid strength on CH3OH dehydration rate constants on X-MFI.
DPE values are shown in Fig. 4 as a function of the reciprocal of
the number of T-atoms in the clusters for each X-MFI composition.
DPE values decreased with increasing cluster size (5–51 T-atoms),
suggesting that either (i) charge is transferred (delocalized) many
atom distances away from the anion, or (ii) O-, Si- and terminal
H-atoms become polarized in the clusters through long-range
electrostatic interactions with the anion; we will henceforth refer
to these two scenarios as delocalization and polarization, respectively. These size effects are strongest for B-MFI, which shows
the highest DPE value and the least stable anionic cluster (DPE decreased by 132 kJ mol1 from 5T to 38T B-MFI clusters). This may
reﬂect the small size of B3+ cations (effective ionic radius of
0.027 nm [43], absolute hardness of 111 eV [44]), which stabilizes
negative charge less effectively than larger cations (e.g., Al3+ with
an effective ionic radius of 0.054 nm [43], absolute hardness of
46 eV [44]), causing DPE values to be more sensitive to long-range
effects that are more accurately described as the size of the clusters
increase. The effects of the size of the clusters used in DPE estimates weaken for larger clusters (>20 T-atoms; Fig. 4), suggesting
that electrostatic interactions rigorously approach those found in
actual zeolite lattices, as discussed by Brand et al. [10], and that
the effects of delocalization or polarization do not extend far
beyond the second coordination sphere of O-atoms from the heteroatom (where the ﬁrst coordination sphere of O-atoms is deﬁned
as that containing O-atoms bonded directly to the heteroatom).

3.2. Density function theory calculations of deprotonation energy
DFT-derived DPE values have been reported with contradictory
results for zeolites using periodic [36,37], embedded cluster
[38,39] and free cluster [5–8] models. Periodic boundary conditions give rise to spurious electrostatic interactions among the
charge defects formed by deprotonation in neighboring cells [40–
42], which have remained uncorrected in these previous studies.
Embedding approaches connect cluster models, treated locally
using rigorous quantum mechanics (QM), to a potential ﬁeld that
represents the periodic zeolite via linking H-atoms [39]. It remains
unclear, however, how the presence and position of these linking
atoms affect calculated DPE values as they have been shown to
do for small clusters [11,35]. In addition, the wave function of
the cluster region is not inﬂuenced directly by the charge distribution of the potential region [38], which may be important for
describing the long-range electrostatics important in anion energy
calculations of clusters [10,11].
Cluster models represent small portions of larger periodic structures, which do not accurately represent the O:Si stoichiometry in
zeolites; these clusters must be terminated abruptly in a way that
inﬂuences DPE values [11,35]. Large clusters mitigate the artifacts
created by terminal atoms on the stability of the cluster to deprotonation [11], and therefore, the use of large clusters represents the
most reliable strategy to explore these electrostatic effects, albeit
at signiﬁcant computational expense. DPE values (calculated at
the HF/3-21G level) oscillate with the monotonic addition of Si

Fig. 4. Calculated DPE values for Al (d), Ga (), Fe (j) and B (N) heteroatoms in MFI
at the T12 site as a function of cluster size calculated with the xB97X-D exchange
correlation functional and a 6-31G(d, p) basis set. Open circles are single-point
calculations of optimized Al-MFI clusters with the 6-311++G(3df, 3pd) basis set.
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Next, we consider the inﬂuence of basis set size on DPE trends
with cluster size in Al-MFI clusters (Fig. 4). Increasing the basis set
size allows enhanced electron density polarization and diffuseness,
and may impact the ability of clusters to delocalize or polarize
charge. Increasing the 6-31G(d, p) basis set to the near-complete
6-311++G(3df, 3pd) decreased DPE values by 41 and 25 kJ mol1
for Al-MFI with 5T and 20T clusters, respectively (Fig. 4). The effects of the larger basis set decrease with increasing cluster size;
extrapolation of the difference in DPE values calculated with the
two basis sets to larger clusters suggests that DPE values are
19 kJ mol1 larger for 6-31G(d, p) than for 6-311++G(3df, 3pd)
basis sets for clusters larger than 38 T-atoms (Supporting
information). This suggests that DPE values of 51T Al-MFI clusters
calculated at the 6-311++G(3df, 3pd) level are 1200 kJ mol1, a
value also reported for Al-MFI using embedding cluster methods
(1200 kJ mol1) [38]. This value also resembles that inferred from
2-butanol dehydration rate constants measured on POM clusters
and another aluminosilicate (H-Al-BEA; 1185 kJ mol1) [45]. The
systematic effects of cluster size on DPE suggest that both basis
sets give similar DPE differences among X-MFI samples; DPE comparisons among solid acids of different types (e.g., zeolites and heteropolyacids), however, require near-complete basis sets, similar
structural models (e.g., cluster vs. periodic) and the same level of
theory (e.g., DFT vs. MP2).
The strong and systematic effects of cluster size on DPE
(>130 kJ mol1 for B-MFI clusters from 5T to 38T) seem surprising
for insulating frameworks where considerable charge transfer is
not expected. The origins of these cluster size effects were probed
by examining the electron density differences between neutral and
deprotonated structures. Fig. 5a shows the electron density distribution of the neutral (HZ) and anionic (Z) 38T Al-MFI clusters
(with Al at the origin). The locations of peaks in Fig. 5a align with
the locations of the ﬁrst (Al–O*) and second (Al–O–Si–O*)
coordination spheres of O-atoms away from the heteroatom (the

asymmetry of the cluster prevents the perfect assignment of subsequent electron density peaks because the O-atoms are located
at various positions), consistent with the negative charge located
predominantly at these locations. Deprotonation of the cluster
(Fig. 5a) did not lead to detectable changes in the position of these
peaks, but caused a large increase in electron density at 0.8 nm,
which corresponds to the position of the second coordination
sphere of O-atoms. This suggests that atom displacements resulting from deprotonation do not signiﬁcantly inﬂuence the electron
density because these would result in changes in the positions of
peaks in Fig. 5a. Instead, the increase in electron density upon
deprotonation at the second coordination sphere O-atoms reﬂects
either (i) charge delocalization or (ii) charge polarization of the
atom or Si–O bond, which we discuss next.
The difference between electron densities for protonated and
deprotonated 38T Al-MFI clusters (Fig. 5a) is shown in Fig. 5b. A positive feature indicates a loss of electron density at that position.
The weak feature at 0.3 nm shows that the O-atoms bonded to
the Al heteroatom acquire only a small negative charge upon deprotonation and that this negative charge resides predominantly at
more distant O-atoms (0.8 nm) in the second O-coordination
sphere. The loss of electron density at 0.6 nm corresponds to the
ﬁrst coordination sphere of Si-atoms (Al–O–Si*). The similar size
of the negative features at 0.6 and 0.8 nm, respectively, suggests
that electron density moves from Si-atoms in the ﬁrst coordination
sphere (Al–O–Si*) to O-atoms in the second coordination sphere
(Al–O–Si–O*) upon deprotonation. Therefore, the most evident
changes in electron density upon deprotonation arise from the
polarization of charge along the Si–O bond, which places a larger
electron density on the second coordination sphere O-atoms and
removes some electron density from the ﬁrst coordination sphere
Si-atoms. The delocalization of electron density near atoms close
to the heteroatom, however, seems negligible, in view of the lack
of strong features below 0.6 nm (Fig. 5b), which would indicate a
change in electron density near the Al heteroatom. The polarization

Fig. 5a. Electron density distribution of a 38 T-atom Al-MFI cluster as a function of
the distance from Al before (solid line) and after (dotted line) deprotonation. Al is
located at the origin; average positions of some O-atoms and Si-atoms are identiﬁed
for clariﬁcation.

Fig. 5b. Difference in the electron densities between the protonated (HZ) and
deprotonated (Z) 38 T-atom Al-MFI clusters (Fig. 5a). Al is located at the origin;
average positions of some O-atoms and Si-atoms are identiﬁed for clariﬁcation.
Positive features indicate a loss of electron density in that region.
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of the Si–O bond may be the result of the loss of the electrostatic potential of the H+ cation, which removes the long-range electrostatic
attraction of electrons to the H+ location, therefore allowing electrons to concentrate on distant but more electronegative O-atoms
(instead of Si-atoms).
Changes in the cluster electron density upon deprotonation at
distances beyond 1 nm from the Al center are evident in Fig. 5b.
These features are smaller than those residing at the second coordination sphere O-atoms. A Bader charge analysis [46] (Section S.5
of the Supporting information) shows that individual Si and O
charges change by less than a factor of 1.05 upon deprotonation,
consistent with the low dielectric constants for aluminosilicates
[47] and their consequent resistance to charge delocalization. We
conclude that the deprotonation of clusters induces changes in
the polarization of Si–O bonds and atoms (instead of a long-range
delocalization of charge) and thereby changes the ability of the
cluster to stabilize charge. DFT-derived DPE values converge only
for cluster models larger than 20 T-atoms, in which second coordination sphere O-atoms are not connected to terminal Si–H bonds,
suggesting that polarization up to the second O-atom coordination
sphere is essential for stabilization of the negative charge formed
upon deprotonation and therefore for accurate DPE calculations
in zeolites. We note that only minor changes to the electron density are observed at the Al–O bonds, which may explain the consistency of DPE values calculated here and with embedded
approaches, which allow for the polarization of the potential region by the anionic structure, but do not allow for the inﬂuence
of the potential region on the wave function of the QM cluster.
3.3. Mechanistic origins of CH3OH dehydration rate constants
Next, we interpret measured CH3OH dehydration rate constants
(kﬁrst and kzero) in terms of elementary steps and their rate and
equilibrium constants. DFT calculations and measured CH3OH
dehydration turnover rates indicate that CH3OH dehydration proceeds via direct routes involving H-bonded monomers and protonated dimers on W-based polyoxometalate clusters (POM) [19].
Protonated CH3OH dimers (middle, Scheme 1) form via reactions
of gaseous CH3OH with neutral CH3OH monomers (left, Scheme 1)
and then reorient to properly align the orbitals involved in the
kinetically relevant elimination step (right, Scheme 1).
DFT estimates of CH3OH dehydration routes on small zeolite
cluster models (3 T-atoms) previously showed that these direct
routes are preferred over alternate sequential routes, involving
methoxide intermediates, also on zeolitic protons [48,49], but such
clusters fail to capture van der Waals forces and long-range electrostatic interactions essential for accurate transition state energies within microporous voids. Yet, attractive induced dipole
forces, which are not accurately captured by most DFT functionals,
should cause an even stronger preference for the larger transition
states involved in direct routes, as long as such void spaces are
large enough to contain them. CH3OH monomers, but not methoxides, were detected in the infrared spectra of H-MFI and H-FAU
during contact with CH3OH at CH3OH/AlTd stoichiometries below
unity, while protonated CH3OH dimers became evident at higher
CH3OH contents [50]. The exclusive presence of monomers at
low CH3OH pressures and the linear increase in dehydration rates
with CH3OH pressure at these conditions (Fig. 2) provide direct evidence for the involvement of direct routes on H-MFI (see
Section S.6 of the Supporting information). Protonated dimers, detected in the infrared spectra of working catalysts at higher CH3OH
pressures [50], are also consistent with direct dehydration routes
and with the zero-order rate dependence observed at high CH3OH
pressures (Fig. 2). The combination of DFT, infrared and kinetic
evidence strongly suggests that zeolite protons catalyze CH3OH
dehydration through direct routes (Scheme 1).

Direct routes involving quasi-equilibrated CH3OH adsorption,
protons occupied by H-bonded CH3OH monomers or protonated
dimers, and H2O elimination as the sole kinetically-relevant step
lead to the rate equation (Eq. (3)) [19]:

kfirst ½CH3 OH
rDME kDME K D ½CH3 OH
¼
¼
½Hþ  1 þ K D ½CH3 OH 1 þ kfirst ½CH3 OH

ð3Þ

kzero

where KD is the equilibrium constant for the adsorption of a CH3OH
on a H-bonded monomer to form the protonated dimer and kDME is
the rate constant for the formation of DME from protonated dimers
(middle, Scheme 1). Measured zero-order rate constants (kzero) reﬂect differences in free energy between the cationic DME formation
transition state (right, Scheme 1) and the protonated dimer (middle,
Scheme 1). First-order rate constants (kﬁrst) reﬂect differences in
free energy of the same transition state relative to a gaseous CH3OH
molecule and an essentially neutral adsorbed CH3OH monomer
(left, Scheme 1).
Reactions mediated by cationic transition states, as in the case
of CH3OH dehydration, exhibit activation enthalpies that decrease
monotonically with decreasing DPE [35]. When activation entropies do not depend strongly on acid strength, as expected for isostructural polyoxometalate clusters or X-MFI samples, activation
free energies will depend linearly (and rate constants exponentially) on DPE values [19,51], as we discuss in the next section.
3.4. Inﬂuence of acid strength on dehydration rate constants on
substituted MFI and POM
Measured CH3OH dehydration rate constants are shown as a
function of DPE values (calculated on 38T clusters) for X-MFI in
Fig. 6. First-order and zero-order rate constants decrease exponentially with increasing DPE, consistent with activation barriers that

Fig. 6. First-order (closed) and zero-order (open) CH3OH dehydration rate constants at 433 K plotted at their respective DPE values calculated on 38 T-atom
clusters for H-[Al]-MFI-5 (d), H-[Ga]-MFI (), H-[Fe]-MFI (j) and H-[B]-MFI (N).
Dashed lines represent least squares regression of the natural log vs. DPE values.
The value of kzero for B-MFI is unavailable experimentally because of the much
higher CH3OH pressures required to reach CH3OH dimer-saturated surfaces.
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increase linearly with increasing DPE for the cationic transition
states that mediate these reactions [19,35]. Activation barriers increase with increasing DPE when cationic DME formation transition state energies are more sensitive to changes in electrostatics
(reﬂected in DPE values) than reactive intermediates (Scheme 1),
as is the case here because of the higher charge in the DME formation transition states than in CH3OH monomers or dimers [19,48].
First-order and zero-order rate constants depend differently on
DPE (Fig. 6) because they reﬂect the energies of uncharged
H-bonded CH3OH monomers and protonated dimers, respectively,
relative to the same cationic transition state (Scheme 1). In the case
of ﬁrst-order rate constants, the transition state is preferentially
stabilized over uncharged precursors with decreasing DPE because
stronger acid sites are able to stabilize, through electrostatic interactions, cationic species more than less charged species [19]. In the
case of zero-order rate constants, the inﬂuence of decreasing DPE is
attenuated because changes in the electrostatic stabilizations of
the cationic transition state and protonated dimer become similar
due to their similar charge. Indeed, the Bader charge in the bridging H-atom in protonated CH3OH dimer intermediates on POM is
near unity (+0.88 to +0.86 e on P and Co POM, respectively) [19],
indicating that this species is highly charged and would be stabilized similarly to the cationic transition state with changes in the
electrostatic stability of the zeolite conjugate base.
DPE values for Ga-MFI and Fe-MFI differ only slightly
(3.4 kJ mol1, 38T clusters) and are within the accuracy of DFT
methods (±10 kJ mol1 [39]). Measured rate constants are also
similar for Ga-MFI and Fe-MFI samples (Fig. 6); the ratios of
Ga-MFI to Fe-MFI rate constants are 1.6 and 0.7 for ﬁrst-order
and zero-order rate constants, respectively. The difference in kﬁrst
values is especially small when compared with the nearly 106-fold
differences in ﬁrst-order rate constants among POM and X-MFI
samples with DPE values that differ by 212 kJ mol1 (Fig. 7). The
similar DPE and kﬁrst values indicate that Ga-MFI and Fe-MFI
samples have similar acid strength. This is inconsistent with the
conclusions of previous DFT-derived DPE calculations of Ga-MFI
and Fe-MFI, which showed DPE differences of up to 20 kJ mol1
[5,7,8] probably because of the small clusters used in their calculations (2–8 T-atoms).
Next, we examine how DPE inﬂuences values of kﬁrst on MFI and
POM catalysts (Fig. 7). DPE values of POM clusters with W addenda
atoms (H8nXn+W12O40; 1080–1143 kJ mol1 [19]) depend on the
identity of their central atom (Xn+ = P5+, Si4+, Al3+ and Co2+) and
the concomitant change in their number of protons [52]. First-order rate constants on MFI and POM samples both decrease exponentially with increasing DPE (Fig. 7), indicating that in all cases,
stronger acids preferentially stabilize the dehydration transition
state over the H-bonded CH3OH monomer. The slope of the correlation between ln(kﬁrst) and DPE values for MFI and POM samples is
much smaller than unity (Fig. 7), indicating that a large fraction of
the energy required to separate the proton is recovered upon formation of the ion-pair at the transition state. The slopes
(d(ln(kﬁrst))/d(DPE)) are also similar on POM (0.08 ± 0.06) and
MFI (0.11 ± 0.06), leading us to conclude that the fraction of the
DPE recovered at the transition state is insensitive to the structure,
composition and void space of the solid acid [19].
The values of kﬁrst predicted from trend lines for POM (Fig. 7) at
DPE values of X-MFI 38T clusters (1226–1292 kJ mol1) are much
smaller than measured kﬁrst values on X-MFI samples. In particular,
Al-MFI and Co-based POM have similar kﬁrst values (within a factor
of 1.3), but they differ in DPE by 83 kJ mol1. These DPE differences
are much larger than expected from inaccuracies in DFT methods
(10 kJ mol1) or the effects of different basis sets (19 kJ mol1;
Section 3.2), suggesting that these differences cannot be explained
by differences in basis set size used to calculate DPE on these two
systems (DPE values on POM were calculated with a plane wave ba-
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sis set and Vanderbilt ultrasoft pseudopotentials [19]). Instead, the
larger kﬁrst values on MFI samples than those expected for hypothetical POM samples with equivalent DPE suggest that the transition
state and reactive intermediate energies reﬂected in kﬁrst are inﬂuenced by interactions that are not described in DPE considerations.
Protons in MFI reside within small voids and adsorb CH3OH
with much greater enthalpies (115 ± 10 kJ mol1, microcalorimetry, 400 K, [53]) than estimates for CH3OH interactions with protons on POM (62–75 kJ mol1 calculated with VASP on Co and P
POM, respectively, [19]). This difference is undoubtedly due, in
part, to the van der Waals interactions and H-bonding of CH3OH
with framework O-atoms in MFI as demonstrated by CH3OH
adsorption enthalpies on silicalite (pure silica MFI) of
65 ± 10 kJ mol1 (350 K, microcalorimetry, pure silica MFI [53]).
These van der Waals interactions will also stabilize DME formation
transition states and to a greater extent than H-bonded CH3OH
monomers because of its larger size and number of atoms
(Scheme 1). Therefore, larger values of kﬁrst for X-MFI than those
of a hypothetical POM sample with the same DPE (by 612-fold at
a DPE of 1226 kJ mol1) may be explained, at least partially, by differences in the van der Waals stabilization of the DME formation
transition state, which beneﬁts more from tighter conﬁnement
than the CH3OH monomer. It is not clear, however, to what extent
these interactions inﬂuence measured rate constants because the
DPE values calculated on POM and X-MFI are at different levels
of theory and thus are not directly comparable. The preferential
solvation of transition states by van der Waals interactions has
been explained previously as the ‘‘nest effect’’ in zeolite catalysis
[54] and its inﬂuence on reactivity is discussed elsewhere
[51,55]. We conclude that kﬁrst values compared on MFI and POM
samples indicate that DME formation transition states beneﬁt from
conﬁnement in the micropores of MFI.

Fig. 7. First-order CH3OH dehydration rate constants at 433 K plotted at DPE values
calculated for 38 T-atom clusters for H-[Al]-MFI-5 (d), H-[Ga]-MFI (), H-[Fe]-MFI
(j) and H-[B]-MFI (N), and for H8nXn+W12O40/SiO2 (in order of increasing DPE:
X = P, Si, Al, Co) samples (N) taken from Carr et al. [19] at their calculated DPE
values. Dashed lines represent least squares regression of natural log vs. DPE data.
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3.5. Al density and acid strength in Al-MFI zeolites
In this section, we examine the effects of Al density on the reactivity of protons in MFI zeolite structures using mechanism-derived CH3OH dehydration rate constants to probe how Al density
inﬂuences the strength and location of Brønsted acid sites. Fig. 8
shows kzero and kﬁrst as a function of Al or H+ densities (per unit
cell), determined by elemental analysis and pyridine titration,
respectively, on Al-MFI samples of different provenance and Si/Al
ratio (Table 1). The number of H+ per unit cell decreases by more
than ﬁvefold (3.6–0.7 H+/u.c) in these samples (H-[Al]-MFI-1 to
H-[Al]-MFI-6; Table 1). The values of kzero (per H+) are similar
(15  103 ± 3  103 DME molecules(H+ s)1) on all Al-MFI samples and do not show any discernible monotonic trend with
changes in Al or H+ density (Fig. 8). These data indicate that acid
strength is similar in these materials, in view of the fact that
zero-order rate constants depend exponentially on DPE (Fig. 6)
and are insensitive to conﬁnement differences in MFI voids because of the similar size of DME formation transition states and
protonated dimers (Scheme 1 and [19]). This is consistent with
similar DPE values calculated at three crystallographically unique
tetrahedral Al-substitution sites (within 10 kJ mol1; QM-Pot)
[39] and with geometric arguments that support the presence of
isolated Al T-atoms in MFI at Si/Al ratios above 9.5 [56]; next-nearest-neighbor Al-atoms decrease the acid strength of associated
Brønsted sites [36,57]. First-order rate constants (per H+) are similar (4.2  103 ± 0.6  103 DME molecules(kPa H+ s)1) also on
MFI samples at H+/u.c. densities below 3.6, but are measurably
higher on samples with higher Al contents. These data suggest that
proton densities below 3.6 H+/u.c. do not inﬂuence the size of the
conﬁning environment around protons, since the consequent solvation effects would inﬂuence kﬁrst values because of the signiﬁcant
differences in size between the transition state and the relevant Hbonded CH3OH precursors (Section 3.4).

Fig. 8. First-order (j) and zero-order (N) CH3OH dehydration rate constants at
433 K on Al-MFI samples of varying provenance and Al (closed) or H+ (open)
densities per unit cell (Table 1; H-[Al]-MFI-1 through 6) determined from elemental
analysis and pyridine titrations, respectively. Horizontal dashed lines are provided
as a guide to the eye.

At higher H+/u.c. densities in H-[Al]-MFI-1 (3.6 H+/u.c.), kﬁrst values are threefold larger than on the other Al-MFI samples (Fig. 8),
but kzero values are similar. Therefore, the higher kﬁrst value at high
H+/u.c. densities does not reﬂect a decrease in DPE, because DPE
will inﬂuence both rate constants (Fig. 6). These differences may
instead arise from a change in the solvating environment around
H+, which affect kﬁrst more than kzero because of the difference in
the size and number of van der Waals contacts of the monomer
and dimer species reﬂected in their values (Scheme 1 and [19]).
The increase in dispersive stabilization suggested by larger kﬁrst
values reﬂects a smaller void space near protons at higher H+/u.c.
densities. Such smaller void spaces arise from (i) occlusion of void
space by extra-framework Al (Alex) species, as shown in FAU samples [34]; (ii) van der Waals interactions of transition states with
nearby H-bonded CH3OH; or (iii) the preferential siting of H+
(and their associated Al-atoms) within channels instead of intersections in MFI.
Alex contents can be estimated from the difference between H+
and Al contents (Table 1). This value is actually smaller for H-[Al]MFI-1 (1.9 Alex/u.c.) than samples with lower kﬁrst values (e.g., H[Al]-MFI-2; 3.0 Alex/u.c.), inconsistent with occluded Alex as the
cause of smaller local voids. In addition, the Alex density (1.9 Alex/
u.c.) in H-[Al]-MFI-1 is small compared with the available void volume in MFI (4 intersections/u.c.) and with the Alex density (37 Alex/
u.c.; 4 Alex/supercage) in H-USY, for which detrital Al decreases
void size and stabilizes transition states [34]. Interactions between
H-bonded CH3OH and DME formation transition states require protons to be located at distances improbable for these proton densities (3.6 H+/u.c.) for the large unit cells of MFI (2.0  2.0  1.3 nm3;
[58]) and the number of H+ binding locations (192 O-atoms/u.c.).
MFI structures contain straight and sinusoidal 10-MR channels
(ca. 0.55 nm diameter), which intersect to form ellipsoidal voids
(0.64 nm included sphere diameter [59]). The location of Al among
these two environments depends sensitively on synthesis protocols
and is not always dictated by thermodynamic stability [60,61]. In
fact, Al siting in MFI determined from 27Al MAS NMR [60] and diffraction on Cs-[62–64] and Cu-[65] exchanged MFI show that only
a few of the 12 T-sites in MFI contain Al-atoms and that the relative
occupancy differs markedly among samples. The similar ﬁrst-order
rate constants in Al-MFI samples with low H+ density (<3.6 H+/u.c.;
5 samples) indicate that H+ reside within similar environments and,
in view of their proclivity for diverse distributions among T-sites,
probably within only one of the two possible environments (channels or intersections). We conclude instead that protons ﬁrst occupy T-sites at channel intersections in these samples. Indeed, 8 out of
12 T-sites in MFI lead to H+ at such intersections. The preferential
siting of H+ at intersections was inferred from the formation of nhexane ‘‘dimers’’ at each H+ for samples with 2.7 H+/u.c., which cannot take place at smaller channel locations [66].
The higher kﬁrst value on H-[Al]-MFI-1 compared with samples
of lower H+ densities reﬂects transition state stabilization within
more conﬁned spaces, indicating that H+ become increasingly sited
within channels, instead of intersections, as the H+ density
increases. This is consistent with the appearance of a Brønsted
m(OH) band (3656 cm1) in the infrared spectra of H-[Al]-MFI-1
not found in other H-[Al]-MFI samples (Fig. 9; 3604 cm1), indicating that some H+ species reside in a different environment than
in samples with lower Al contents. These stretching bands have
been used previously to distinguish OH species at different O-sites
in FAU (sodalite vs. supercage; 80 cm1 difference) [34] and MOR
(8-MR vs. 12-MR; 20 cm1 difference) [67]. However, the
assignment of m(OH) frequencies to acid strength or conﬁnement
differences is ambiguous because m(OH) frequencies depend
strongly on the local framework geometry at H+ sites [39]. The
adsorption enthalpy of n-butane at a H+ in the channel intersections in MFI increases by 8 kJ mol1 when n-butane points into
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independent of acid site concentration. The abrupt increase in
ﬁrst-order but not zero-order rate constants for samples with high
H+ density (3.6 H+/u.c.) provides evidence for the preferential siting
of H+ in the channel intersection void of MFI and the ultimate
placement of H+ in channels only at these high site densities.
First-order rate constants decreased exponentially with DPE on
X-MFI and W-based polyoxometalate (POM) solid acids to similar
extents, indicating the ubiquitous inﬂuence of DPE on the stability
of DME formation transition states and relevant precursors regardless of catalyst structure or composition. Larger ﬁrst-order rate
constants on X-MFI than hypothetical POM samples at similar
DPE values reﬂect the enzyme-like conﬁnement and van der Waals
stabilization of DME formation transition states in the microporous
voids of X-MFI samples.
These ﬁndings reveal the fundamental and substantial inﬂuence
of acid strength and solvation on the reactivity of solid Brønsted
acids. First-order and zero-order rate constants measured on
X-MFI samples and combined with rigorous DPE calculations clear
up controversies surrounding the acid strength of MFI and indicate
that heteroatom composition, and not density, inﬂuences the acid
strength of X-MFI.
Acknowledgments

Fig. 9. Infrared spectra of H-[Al]-MFI-1, H-[Al]-MFI-3, H-[Al]-MFI-4 and H-[Al]MFI-6 (identiﬁed in Figure) under dynamic vacuum at 433 K.

the sinusoidal, instead of the straight, channel (calculated with
DFT; [68]), suggesting that even subtle changes in the H+, and thus,
the transition state position may be responsible for the threefold
difference in kﬁrst (corresponding to a 4 kJ mol1 difference in activation free energy barriers at 433 K; see Section S.7 of the Supporting information). We speculate that the presence of four T-atom
rings, which seem to correlate empirically with higher Al content
zeolites, and which are part of the structural detail at the channel
intersections in MFI, might favor preferential location for Al in
these voids and explain the siting of Al in channels only after the
saturation of these locations at high Al densities.
CH3OH dehydration rate constants rigorously reﬂect the acid
strength and void environment of Al-MFI samples of different
provenance and H+ density. Similar values of kzero over a range of
Al/u.c. or H+/u.c. densities provide compelling evidence that acid
strength is independent of Al and H+ densities and of H+ location
on Al-MFI samples of different provenance. Values of kﬁrst, however, are larger on an Al-MFI sample with the highest Al density
(H-[Al]-MFI-1) indicating that Al preferentially occupies T-sites in
channel intersection voids at low Al densities (Si/Al > 23) and populates locations within channels only at higher proton densities.

4. Conclusions
The mechanistic interpretation of CH3OH dehydration rate constants per proton clariﬁes the effects of the identity (Al3+, Ga3+,
Fe3+, B3+), concentration and location of heteroatoms on acid
strength and solvation on a series of MFI samples. DFT-derived
deprotonation energies (DPE; calculated rigorously on large
clusters to mitigate the effects of cluster termination) capture the
changes in electrostatic stability that, in turn, inﬂuence the stability of DME formation transition states reﬂected in CH3OH dehydration rate constant values on POM and MFI samples of different
composition. Equivalent ﬁrst-order and zero-order rate constants
on a series of Al-MFI samples with a wide range of H+ densities
(0.7–2.4 H+/u.c.) indicate that acid strength and H+ location are
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