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Abstract

The use of infrared spectroscopy to probe the surface acidity of oxides and molecular sieves is reviewed. The
experimental requirements and the type and nature of probe molecules available are also discussed. Special emphasis is
given to the criteria that have to be met to arrive at a characterization of the solid that is useful for its catalytic application.
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1. Introduction

Solid acids are widely used in the chemical
and petrochemical industry as catalysts and sor-
bents. The extent of their use is rapidly increas-
ing, because many liquid acid catalysts need to
be replaced with environmentally more compat-
ible chemicals. This widespread range of utiliza-
tion has spurred interest in describing their
chemical and structural properties with suffi-
cient detail and accuracy to be able to relate
them to the catalytic properties, primarily for a
rational basis of further catalyst and process
development. Thus, characterization of such ma-
terials with respect to their acid—base proper-
ties, i.e., the assessment of the strength, the
concentration and the nature of acid sites is an
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integral part of catalyst development programs.
Infrared spectroscopy always played an impor-
tant role in such characterizations, as it permits
direct monitoring of the interaction between
sorbed molecules and the catalysts. It is, there-
fore, not too surprising that excellent books
[1-4] and reviews [5-12] exist on this topic,
some of which are rather recent [13,14].
Providing a complete compilation of suitable
probe molecules and examples is, thus, not at-
tempted. What is tried, however, is to summa-
rize the most important conclusions of these
papers and to indicate the principal advantages
and, especially, the limitations of using probe
molecules for acidity characterization, i.e., the
use of a yardstick that has quite different prop-
erties than the molecules that are to be catalyti-
cally converted. Specific examples will be given
to show that acid—base properties are not ab-
stract properties that can be fully assessed by a
multitude of probe molecules, but that the acid-

0920-5861 /96 /$32.00 © 1996 Elsevier Science B.V. All rights reserved

SSDf 0920-5861(95)00248-0



354 J.A. Lercher et al. / Catalysis Today 27 (1996) 353-376

ity and basicity themselves change with the
reactant. This makes it necessary to probe the
surface or intra-pore chemistry with molecules
similar to the reacting molecules, better with the
reactants itself.

The reason why this is so important lies in
the nature of the solid acid. Any acid and, thus,
also a solid acid, is only defined with respect to
a base and the medium in which it is used. Two
consequences follow from that: (i) Acidity can-
not be assessed by investigations of the solid
alone, but must be probed by interaction of a
(base) molecule with the solid surface. (ii) The
medium in which the interaction is probed and,
thus, the surrounding molecules might influence
the solid surface. The characterization must
therefore always be adapted to the targeted use
of the solid acid. Consequently, any characteri-
zation reveals only a particular behavior of the
solid towards the molecules used.

We will try to account for these aspects and,
thus, first give an overview of the acid—base
sites on solid surfaces, followed by a review of
techniques applicable to obtain IR spectra of
solid acids in contact with potential probe
molecules to characterize them. Finally, two
examples of the limitations of this approach will
be given. It will be shown, why characterizing
the solids by means of their interaction with the
reactants is more appropriate than with probe
molecules, if the goal is to relate acid—base with
sorptive or catalytic properties.

2. Acid sites of macroporous oxides and
molecular sieves

Acid and base sites on the surface of an
oxide are the direct consequence of the termina-
tion of the bulk and the exposure of metal
cations (Lewis acid sites) or oxygen atoms
(Lewis /Brgnsted base sites). Alternatively, the
surface free energy may be reduced by terminat-
ing surface planes with hydroxyl groups. It is
interesting to note, however, that the partial
exposure of metal cations on perfect apolar low

index surface planes does not necessarily lead to
the generation of Lewis acid sites. McKay and
Henrich [15] showed in a series of elegant ex-
periments that the apolar (100) surface of NiO
(which contains Ni and O atoms in stoichiomet-
ric amounts) does not sorb polar molecules such
as water. Upon ion bombardment, however, de-
fect sites are generated on the surface which
then readily sorb water and other polar com-
pounds. For an extensive treatment of that prob-
lem the reader is referred to the works of
Zecchina et al. [16,17], who discussed the role
of various coordinatively unsaturated sites and
their role for sorption and catalysis on MgO.
The important message from these studies is
that the surface chemistry of real oxides (with
high specific surface areas) will be dominated
by surface defects. As these defects are
metastable, their concentration and nature might
change drastically under reaction conditions or
after admittance of the probe molecule itseif.

2.1. Single oxides

For oxides containing only one type of metal
cation, Brgnsted and Lewis sites might be ex-
pected on the surface depending upon the differ-
ence in the ionic radius between the metal cation
and oxygen and upon the reducibility of the
oxide. The concentration of hydroxyl groups
(Brgnsted acid sites) which are generated by
dissociative adsorption of water will depend
strongly on the preparation conditions and the
thermal treatment of the oxide. Usually, these
hydroxyl groups are weakly to moderately acidic
and form weak hydrogen bonds with sorbed
molecules [18-20]. As a simple guideline to
estimate the acid strength one could propose
that a hydroxyl group will be the more acidic,
the more covalent the bulk metal-oxygen bond
is [21,22]. Generally, it is to be expected that for
a given oxide the concentration of Lewis and
Brgnsted acid sites will increase with increasing
specific surface area, because the concentration
of defects per surface area will increase. For a
given specific surface area, an increase in acid
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site concentration is expected with increasing
radius of the metal cation and with increasing
reducibility of the oxide. This is due to the
increase in accessibility of metal cations with
increasing radius (e.g., the Si** cation is not
accessible in silicates because of its small radius
and the tetrahedral coordination with four oxy-
gens).

At this point another complicating factor
should be mentioned. Hydrogen bonding,
donor—acceptor type bonding, and even ionic
bonding will depend largely on the geometric
match of the orbitals involved. In the terminol-
ogy introduced by Pearson [23] this means that
a non polarizable group (hard donor, hard base)
will preferentially interact with an already polar-
ized surface group, while a polarizable group
(soft donor, soft base) will interact more strongly
with a polarizable sorption site on the surface
(i.e., a rather covalent functional group or a
large transition metal cation).

2.2. Mixed oxides

In addition to the factors that lead to the
generation of acid sites on the surfaces of single
oxides, the presence of cations with differing
valencies must lead to oxygen vacancies next to
the lower valent cation or to the generation of
Brgnsted acidic hydroxyl groups for charge
compensation [24-27]. While the bulk proper-
ties of the mixed oxides will be largely deter-
mined by the equilibration of the electronegativ-
ity of the elements involved [21,22], the strength
of the acid sites may change dramatically as the
accessibility of the different Lewis acid sites
changes (e.g., the larger and lower valent Mg?>*
cations in silica—magnesia mixed oxides lead to
a sudden appearance of relatively strong Lewis
acid sites, when small amounts of magnesia are
added to silica [28]). The substitution of lower
valent metal cations in, e.g., silicates and phos-
phates, also leads to the generation of strong
Brgnsted acid sites as outlined below for the
microporous molecular sieves [29].

2.3. Molecular sieves

In contrast to the oxides discussed above,
molecular sieves have most of their acid sites
located within the microporous crystal structure
and not at the surface terminating the individual
crystallites. Thus, the acid sites are an integral
part of the molecular sieve structure. The best
examples are zeolites, where the incorporation
of A" in a silica matrix requires the addition
of a proton or a metal catton in order to balance
the charge [29]. Lewis acid sites may occur
because of several reasons: (i) Heating may lead
to partial disintegration of the zeolite lattice and
the formation of sub-nanoscale metal oxide par-
ticles within the channels of the microporous
material [30]. (ii) The exchangeable metal
cations affiliated with the tetrahedrally coordi-
nated aluminum act as Lewis acid sites [31].
(iii) Larger and, hence, accessible di- or triva-
lent metal cations, e.g., Co, Mg, Cr, are incor-
porated in the lattice [32]. (iv) Reversible hydro-
lysis of metal-oxygen bonds allows access of
polar molecules to the metal cations [33].

3. Experimental techniques

Because IR spectroscopy is a regularly used
technique for catalyst characterization, compila-
tions and reviews on the various experimental
techniques are numerous [1-14,34]. Transmis-
sion—absorption, diffuse reflectance [34,35], at-
tenuated total reflection [4,36,37], specular re-
flectance [38], and photoacoustic spectroscopy
[39-41] are among the most frequently used
techniques. The principal information obtained
with all these techniques is equivalent and per-
sonal choices may be dominated by the local
availability and the experimental necessities
such as sample particle size [4] and the molecu-
lar extinction coefficient of the sample. Re-
cently, the possibilities to decrease the sampled
volume were greatly improved by the availabil-
ity of FTIR microscopy (or micro FTIR spec-
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troscopy), which allows the sample cross sec-
tion (of catalyst samples) to be reduced to about
20 X20 um with a sensitivity equivalent to
standard transmission—absorption spectroscopy
(usually requiring samples covering cross sec-
tions of at least one cm?) [42].

The vast majority of experiments are cur-
rently performed in the transmission—absorption
and the diffuse reflectance mode. Typical exam-
ples of IR cells to be used for sorption and
reaction studies in transmission—absorption
mode were designed for high vacuum experi-
ments [43-45], carrier gas experiments [46-48],
and IR microscopy (Fig. 1) [49,50]. All these
designs have in common that the sample han-
dling including activation, sorption, reaction,
and temperature programmed desorption can be
performed in situ. In most cases, the tempera-
ture of the sample in contact with the sorbed or
reacting molecules can be chosen in a way that
the determination of thermodynamic parameters
of the sorption is possible, but it is not fre-
quently realized in practice. This is in most
cases due to ill defined conditions within the IR
cell (e.g., because of severe limitations with
respect to mass and heat transport).

Two experimental details might greatly en-
hance the value of the experiments. First, the
sorbate has to be introduced to the catalyst
sample in sufficiently small quantities so that a
gradual increase of the coverage with the sor-
bate can be achieved. If the experiment aims to
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assess the acid sites with respect to their strength,
it is important that the adsorption/desorption
equilibrium is established at any point of the
measurement. Otherwise parallel sorption on all
sites that are able to irreversibly interact with
the sorbate will occur. This would lead to the
appearance of a rather homogeneous acid site
distribution even for cases where acid sites of
very different strengths exist [51]. A good ex-
ample for this phenomenon is the sorption of
ammonia at ambient temperature, as ammonia
will sorb on all Brgnsted acidic hydroxyl groups
irrespective of their acid strength at any reason-
able experimental partial pressure. If the admis-
sion of doses of sorbate does not hinder subse-
quent adsorption, the method, however, could
be potentially used to titrate the acid sites from
the outside to the inside of a catalyst particle
(given a homogeneous concentration of the base
molecule exists in the reactor). Indications for
this are given by Deeba and Hall [52] for alky-
lamine titration in liquid media.

The second important experimental detail is
that a good mixing of the sorbate within the cell
takes place and/or that the change in partial
pressure of the sorbate is rapid with respect to
the uptake by the catalyst. In this way, the time
dependence of the uptake can be used to esti-
mate the diffusion coefficient at a given equilib-
rium pressure (constant pressure type experi-
ments provided) and temperature. Such experi-
ments have been reported for vacuum [53], car-
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Fig. 1. Schematic representation of a cell for in situ IR microscopy experiments.
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Fig. 2. IR spectrum of activated HZSMS5 (a) and the difference
between the IR spectra after adsorption of 1 mbar toluene (b) and
1 mbar 1,3,5 trimethylbenzene (c) and the activated zeolite at 308
K

rier gas [54,55] and even infrared microscopy
[50,56] providing unique information on molec-
ular aspects of the transport in catalyst pores.

4. IR spectroscopy of free Brgnsted acid sites

Hardly any property of a solid acid catalyst
has been studied so frequently as the nature and
concentration of the functional (hydroxyl)
groups on oxides and zeolites (e.g., [18,28,57~
62]). The origin of these hydroxyl groups may
be (i) the relaxation of the terminating lattice by
dissociative sorption of water or (ii) the balanc-
ing of charges arising from substitution of lat-
tice cations with cations of different valency.
An example is given in Fig. 2 that shows the
transmission—absorption IR spectrum of the ze-
olite. HZSMS5. The band at 3745 cm™! is at-
tributed to the stretching vibration of the termi-
nal SiOH groups either being located at the
boundaries of the zeolite crystal or at the sur-
face of non-crystalline material [63,64]. The
band at 3610 cm™! is due to the stretching
vibration of the bridging hydroxyl groups affili-
ated with the tetrahedrally coordinated alu-

minum [65]. The difference in the width at half
height of these bands may be affiliated with the
non-uniformity of the hydroxyl groups and/or
the anharmonicity of the OH vibration.

On first sight, it is tempting to relate the
position of the free hydroxyl group to its acid
strength. In these lines of argumentation the
force constant of the OH vibration is usually
assumed to be directly proportional to the depth
of the potential well of the anharmonic oscilla-
tor, i.e., that a stronger O—H bond is related to a
larger force constant. Let us discuss briefly why
this is fundamentally incorrect.

The wavenumber of IR bands due to funda-
mental vibrations between 4000 and 1000 cm ™!
is determined by the transition from the vibra-
tional ground level (v,) to its first excited state
(v,). For the approximation of the harmonic
oscillator, the energy of this transition is propor-
tional to the square root of the force constant
(k) and inversely proportional to the square root
of the reduced mass ( u). The force constant is
proportional to the second derivative of the
potential with respect to x, the displacement
from equilibrium. It is equivalent to the curva-
ture of the potential at the minimum position
and only empirical correlations relate this curva-
ture to the well depth of the anharmonic oscilla-
tor, which determines the energy needed to
cleave the O-H bond homolytically. However,
for closely related homologues, such as substi-
tuted carboxylic acids, good correlations be-
tween their acid strength and the wavenumber
of the O—H stretching vibrational band exist.

The wavenumber of the v, of the hydroxyl
group on oxides, however, might be more re-
lated to the type of hydroxyl group than to its
acid strength. In this context, it should be em-
phasized that the hydroxyl groups on silica and
on magnesia show the same wavenumber (3745
cm™!') [20], but the acid strength of the hy-
droxyl groups on silica is much higher than that
of magnesia. On the other hand, Jacobs and
Mortier [60,66,67] reported a linear correlation
between the vy, of the Brgnsted acidic OH
group in various zeolites and the overall elec-
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tronegativity indicating that correlations be-
tween the chemical composition of zeolites, the
wavenumber and the acid strength can be ex-
pected for such bridging hydroxyl groups.

In line with the previous statement that an
acid is best defined with respect to a particular
base, the hydrogen bonding between a donor
molecule and a free hydroxyl group provides a
means of assessing the strength of the OH bond.
The hydrogen bonding between the hydroxyl
group and a basic (electron—pair donor [68])
molecule broadens the potential curve of the
O-H oscillator and, thus, shifts the band to a
lower wavenumber. For a given donor molecule,
the magnitude of the shift increases with in-
creasing acid strength of the hydroxyl group.
For a given kind of hydroxyl group the
wavenumber difference between the perturbed
and the unperturbed OH band increases with
increasing base strength of the donor molecule
[18,20]. A typical example of such a change in
the IR spectrum after contacting the free hy-
droxyl groups of a solid with probe molecules
can be seen in Fig. 2. It shows the IR spectrum
of HZSMS (in the spectral region of the hy-
droxyl groups) after evacuation at 773 K for one
hour and the IR spectra of the sample equili-
brated with toluene and 1,3,5-trimethylbenzene.
Under the chosen conditions ( p = 1 mbar, T =
308 K), toluene rapidly enters the pores of the
molecular sieve, while 1,3,5-trimethylbenzene
diffuses so slowly that within the time scale of
the experiment it can be considered as incapable
of entering the molecular sieve pore system.

Two types of information can be extracted
from the observations. The first is that toluene
(at sufficiently high partial pressures) interacts
with both hydroxyl groups, while 1,3,5-trimeth-
ylbenzene interacts only with the terminal SiOH
groups. This indicates that the SiOH groups are
mainly located outside the zeolite crystallites or
on extrazeolite material and that there are no
steric constraints to reach them. In contrast, the
OH groups affiliated with the tetrahedrally coor-
dinated aluminum are not accessible for 1,3,5-
trimethylbenzene under the experimental condi-

tions chosen and, therefore, are concluded to be
located predominately in the zeolite pores.

The second observation relates to the fact
that the OH band shift of the SiOH groups upon
adsorption of toluene is significantly smaller
than the corresponding shift of the SiOHAI
groups (bridging hydroxyl groups) indicating
that the interaction of toluene with these latter
sites is much stronger and, hence, their acid
strength is by far higher.

S. IR spectroscopy of probe molecules and
their interaction with oxides and zeolites

5.1. Criteria for selection

As the type of probe molecule chosen will
influence the obtained characteristics of the
probed solid and, hence, will also affect the
structure—activity relationship derived, the
choice of the appropriate probe molecule is very
important. While it is the opinion of the authors
that ultimately the reactants should be used as
probe molecules, when possible, practical crite-
ria to select probe molecules will be discussed
below. These criteria combine the earlier sug-
gestions of Knozinger [14] and Paukshtis and
Yurchenko [10]. Subsequently, a short descrip-
tion of the spectroscopic characteristics of the
individual molecules will be given. Specific ex-
amples of the sorption of basic probe molecules
on selected oxides/molecular sieves will then
be used to point out the potential and the short-
comings of the most commonly used probes in
relation to general sorptive or catalytic proper-
ties.

In all cases, the quantitative determination of
the concentration of sorbed molecules is seen
crucial for the appropriate interpretation of the
IR spectra. The adsorption stoichiometry of
probe molecules per sorption site can be deter-
mined (i) spectroscopically from the disappear-
ance or the perturbation of the functional groups
of the solid acid (e.g., hydroxyl groups) and the
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increase of characteristic bands of the sorbed
molecules or (ii) by parallel gravimetric or volu-
metric measurements. The known stoichiometry
is mandatory to avoid misinterpretations due to
chemical molecule~molecule interactions (lead-
ing to the formation of larger clusters interact-
ing with one particular site) and also due to
spectroscopic phenomena such as dipole-dipole
coupling.

The most important criteria are summarized
below. Conceptual selection criteria are com-
piled in Table 1, which is adopted from Pauk-
shtis and Yurchenko [10].

5.1.1. Criterion: The probe molecule should
have dominating base and rather weak acidic
properties

Upon sorption, the molecule should primarily
interact with its base (electron pair donor [68])
function, while the acidic (electron pair accep-
tor) function should hardly interact with the
solid. Molecules thought to fulfil these require-
ments ideally are ammonia and most amines
including pyridine. Taking ammonia as an ex-
ample, it was argued that the primary interac-
tion on acidic surfaces takes place between its
nitrogen atom (via the electron lone pair) and

Table 1

the Brgnsted or Lewis acid (electron pair accep-
tor) site on the surface. Recent theoretical calcu-
lations for ammonia sorption on protonic zeo-
lites [69], however, indicate that the interaction
between the hydrogens of ammonia and the
oxygens of the oxidic lattice contribute markedly
to the stabilization of the formed sorption com-
plex. Thus, the acid strength of the hydroxyl
group is not the only parameter determining the
strength of interaction in the sorption complex
(i.e., whether or not ammonia is protonated
upon sorption). This should be taken as indica-
tion that more complex molecules which are
frequently used as probes for acidity (e.g., ke-
tones [70,71]) might have even more pro-
nounced simuitaneous acid and base interactions
which makes it difficult to determine the acid
properties of the solid unambiguously.

5.1.2. Criterion: The IR spectrum of the sorbed
probe molecule should allow to distinguish be-
tween sorption on protonic (Brgnsted) and
aprotic (Lewis) acid sites

This is possible, when significant differences
in the IR spectrum of the Brgnsted and Lewis
bound molecule exist (e.g., for ammonia and
pyridine [1,72]) or when changes in the IR

Conceptional criteria for the selection of probe molecules to characterize solid acids

Lewis acid site

Brgnsted acid site

Sorption complex

Detection of complex formation

Most exact methods of acid
strength determination

Determination of concentration
of acid sites

Required spectral properties

Frequently used molecules

Electron pair donor acceptor

Change in the wavenumber of the
absorption maximum of vy

Correlations between the changes
in vy and the heat of adsorption

From the intensity of vy

Shift of vy must be significant
compared to its half width

Pyridine, ammonia, acetonitrile,

‘ benzonitrile, CO

Hydrogen bond Ton pair (hydrogen bonded)

Change in shape and
absorption maximum of vy

Disappearance of the catalysts vy .
Appearance of v§,_, and/or 8},_

Shifts of vy for a given
probe molecule

Thermal stability of the hydrogen
bonded ipc

From the intensity of vy From the intensity of characteristic

bands of the ipc

The characteristic band has to be
unequivocally attributed to the ipc

Absence of OH groups in
the probe molecule

Benzene, acetone, pyridine,
substituted pyridines,
amines, acetonitrile

Ammonia, pyridine and its
derivatives

vy = Characteristic vibration of the probe molecule B. v, = OH stretching vibration of the catalyst. ipc = fon pair complex.
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spectrum of the solid upon sorption of the probe
molecule are characteristic for protonation or
coordinative bonding. The latter applies for hy-
droxyl groups and their disappearance or the
shift in the absorption maxima of their IR bands
upon sorption of the probe molecule can also be
used to determine the accessibility.

Only based on spectroscopic results, it is
difficult to decide whether the molecule sorbed
on the hydroxyl group is protonated. In case of
strong bases like ammonia, protonation is
strongly indicated, by both theoretical calcula-
tions [69,73] and vibrational spectroscopy [5].
For weaker bases such as alcohols, ketones and
water, this is more difficult to decide. Experi-
mental results were interpreted in terms of hy-
drogen bonding [74-76] protonation [77-80]
and equilibria between hydrogen bonded and
protonated forms [81,82], while recent ab initio
theoretical calculations suggest that protonation
of these moderately strong bases does not take
place on strong Brgnsted acid sites of zeolites
[73,83].

Differentiation between coordinative sorption
on hydroxyl groups and on coordinatively un-
saturated metal cations has to involve monitor-
ing of the bands of the oxide (zeolite) hydroxyl
groups and testing the thermal stability of the
formed electron pair donor—acceptor complex.
Sorption on coordinatively unsaturated metal
cations is usually stronger than sorption on hy-
droxyl groups [15].

5.1.3. Criterion: The probe molecule should
allow to differentiate between acid sites of the
same type, but of different strength

This requires that the IR spectra of the
molecule sorbed on sites with different acid
strength show detectable differences. Usually, a
strong base such as pyridine is better suited to
differentiate between subtle differences in acid
strength as long as it is not protonated, while a
weak base (e.g., benzene [60,84]) will be more
suitable to differentiate between sites with large
differences in strength. However, when inter-

preting the interaction between the acid site and
the base probe molecule not only their acid—base
strengths, but also the polarizability of the or-
bitals [85] involved in the acid—base bonding
has to be taken into account. A general treat-
ment of that concept was given by Pearson [23]
and early applied by Burwell et al. [86,87] for a
qualitative description of sorbate—sorptive inter-
actions. In general, the concept predicts that
interaction between acid—base sites of compara-
ble polarizability are the most favorable ones
(meaning that hard—hard and soft—soft interac-
tions are preferred to hard-soft interactions).
The less polarizable an orbital is, the harder it is
according to the Hard-Soft—Acid—Base (HSAB)
concept [23]. Thus, protons of hydroxyl groups
or Li* cations are rather hard acid sites, while,
e.g., Cs* or transition metal cations are consid-
ered as soft acid sites. Similarly, the nitrogen in
amines has to be seen as a rather hard base site,
while the nitrogen in a nitrile group (e.g., in
acetonitrile) or the carbon atom in CO are rather
polarizable and, thus, soft base sites. Therefore,
it is at least necessary to choose a probe
molecule of similar hardness as the reactant to
realistically probe the acid—base properties with
respect to a particular reactant. Note that the
attribution and the ranking of the hardness of
molecules are frequently controversial [10,14]

5.1.4. Criterion: The size of the probe molecule
should be comparable to the size of the reactant
to probe the concentration of acid sites relevant
for a particular reaction

The smallest probe molecules that are fre-
quently used are ammonia and CO (minimum
kinetic diameter kyy; =0.165 nm and koo =
0.073 nm). Both molecules will probe the maxi-
mum concentration of acid sites that might play
a role in a catalyzed reaction. As the size of the
molecule increases, fewer acid sites can be
reached. Thus, the steric constraints around the
acid sites might be probed by selecting a series
of probe molecules with increasing size or steric
constraints around the electron pair donor (base)
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function. While this is a feasible approach to
determine constraints around Lewis acid sites,
care must be taken with Brgnsted acid sites. It
could be shown that the protons of hydroxyl
groups can be attracted by the base molecule
from sites which are sterically well shielded.
This imposes a special problem for the determi-
nation of the accessibility of sites in zeolites,
where interactions of strong bases with hy-
droxyl groups in virtually inaccessible locations
have been observed. This is apparently achieved
by a large charge separation [14]. Similar phe-
nomena have not been observed with macrop-
orous oxides. Knozinger [14] also emphasizes
the possibility of lateral blocking of nearby acid
sites by large base molecules.

5.2. Spectral properties of probe molecules

The most important characteristics and appli-
cations of frequently used probe molecules will
be briefly outlined below. Generally, the gas
phase proton affinity was found a very valuable
measure to compare their base strength [51,88].
While this approach neglects the multiple inter-
action of the base molecule with the solid acid,
it seems nevertheless better suited to give a first
estimate of the to-be-expected intensity of the
acid-base interaction than p K, values obtained
from the liquid phase. This is due to the fact
that certainly on the surfaces of oxides (and
maybe even in the pores of zeolites), the polar-
izing effect of the environment is much lower
than in the liquid state, although a liquid like
environment has been suggested to exist in the
pores of zeolites [89,90].

5.3. Ammonia

Ammonia is probably the most frequently
used probe molecule for acidity assessment. Its
small size allows to probe quantitatively almost
all acid sites in micro, meso- and macroporous
oxides. Qualitative differences between various
samples in respect to acid strength cannot be

inferred from the IR spectra for Brgnsted acid
sites and only with great care for Lewis acid
sites. In terms of the Pearson HSAB principle, it
constitutes a relatively hard base and is, thus,
expected to strongly interact with hard acid
sites, such as protons of hydroxyl groups or
small metal cations. The protonated (ammonium
ion) molecule and the coordinatively bound am-
monia can be differentiated spectroscopically by
their NH deformation and stretching vibrations.
The ammonium ion shows absorptions at 1450
and 3300 cm ™!, coordinatively bound ammonia
at 1250, 1630 and 3330 cm~!. The deformation
vibrations at 1450 and 1630 cm™' are used as
most reliable indicators for the presence of pro-
tonated and coordinatively bound ammonia, re-
spectively. The spectral region of the NH
stretching vibrations is relatively complex, be-
cause the distortion of the molecule upon ad-
sorption leads to a multitude of bands of free
and perturbed N-H vibrations which further
overlap with several bands of overtones and
combination vibrations of the deformation
modes [1].

Two major complications, however, arise
when ammonia is used as probe molecule. One
complication relates to investigations at elevated
temperature (7> 500 K), when NH; tends to
sorb dissociatively forming NH, or NH groups
on Lewis acid sites or replacing existing OH
groups with NH, groups [91,92]. For oxides,
like TiO,, MoO,, and WO,, this may even lead
to nitride formation [93]. The other complica-
tion relates to the presence of molecular water,
in which case the generation of ammonium ions
on acidic oxides like silica—alumina may be
enhanced [S]. Furthermore, spectroscopic detec-
tion would be problematic as several IR bands
of water and ammonia would overlap. It is,
therefore, important to remove water carefully
before investigations.

5.4. Aliphatic amines

Alkylamines are stronger bases than ammo-
nia and, therefore, like ammonia better suited
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for the determination of the overall concentra-
tion of Brgnsted and/or Lewis acid sites than
for the differentiation of the acid strength. In
general, it is possible to distinguish unequivo-
cally between sorbed protonated and non-proto-
nated amines by means of their IR spectra.

The most frequently used molecule is n-
butylamine. Lewis bound n-butylamine gives
rise to a characteristic band at 1605 cm ™' (-NH,
deformation band) on oxides. Protonated buty-
lamine is observed upon sorption on silica—
alumina and zeolites [94] and is characterized
by IR bands at 1590 and 1510 cm™'.

Surface reactions of aliphatic amines at ele-
vated temperatures have been reported and it
does not seem possible to desorb large concen-
trations of these amines intact from oxide sur-
faces [95,96]. Increase in temperature leads to a
Hoffmann type elimination resulting in the des-
orption of alkenes and ammonia and/or lower
substituted amines [42,97,98]. On the contrary,
this is an elegant parallel experiment to deter-
mine the concentration of strong Brgnsted and
Lewis acid sites, because only Brgnsted acid
sites quantitatively decompose alkylamines,
(with the exception of methylamine) while in-
tact desorption from (weaker) Lewis acid sites
has been reported [99].

Trialkylamines might also be considered as
probe molecules, because they show only in the
protonated form the characteristic N-H stretch-
ing at approximately 3250 cm ™', However, these
molecules disproportionate upon sorption on
Brgnsted acidic catalysts even at room tempera-
ture by generating tetraalkylammonium ions and
lower substituted alkylamines. Furthermore, the
large kinetic diameter of trisubstituted alky-
lamines might cause problems affiliated with
the accessibility of acid sites in, e.g., small pore
zeolites and due to constraints imposed by pore
filling in zeolites with a high concentration of
acid sites. Since the kinetic diameter of aliphatic
amines can be varied by choosing different
alkyl groups, the accessibility of acid sites can
be probed by selecting a series of amines with
increasing size [95,96,100].

5.5. Pyridine and substituted pyridines

The pK, value of pyridine derived from
liquid phase measurements suggests that it is a
weaker base than ammonia. Gas phase basici-
ties, however, show that pyridine is a stronger
base and, indeed, the ease of protonation and
the thermal stability of protonated form are
higher than for ammonia [51]. The absorption
maxima of some ring vibrations of pyridine are
highly sensitive with respect to the form of
coordination of pyridine. Using the nomencla-
ture of Kline and Turkevich [101], the bands
responding most sensitively to changes in the
nature and strength of acid sites correspond to
the 19a,b and 8a,b vibrations. The bands of the
NH stretching vibrations of the pyridinium ion
are strongly perturbed by resonance with the
overtones of the ring vibrations, which leads to
a very complex spectrum.

In most instances, the band around 1540
cm™! is assumed to be characteristic for pyri-
dinium ions [72], while bands between 1445 and
1460 cm™! are attributed to coordinatively ad-
sorbed pyridine. While the band at 1540 cm™!
does not change in wavenumber upon varying
the acidity of the solid, the band typical for
coordinatively bound pyridine increases in
wavenumber as the strength of interaction in-
creases. In general, it can be stated that coordi-
natively unsaturated metal cations in tetrahedral
coordination show a stronger interaction with
pyridine than the same metal cation in octahe-
dral coordination [102]. For a given coordina-
tion, the strength of interaction increases with
the ratio between the formal charge and the
radius of the cation [102]. Only with rather
weakly acidic (usually terminal) hydroxyl
groups pyridine binds via hydrogen bonding
[109]. This results in rather intense broad bands
of the perturbed hydroxyl groups which are
shifted to lower wavenumbers (typically to val-
ues around 3000 cm~' and lower) in compari-
son with the bands of the unperturbed OH groups
upon interaction with pyridine. A good example
of the quantitative analysis of pyridine sorption
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was reported by Lavalley and co-workers
[103,104] characterizing the strength and con-
centration of acid sites in partially dealuminated
zeolites.

Alkyl substitution of pyridine in the 2- and
6-position enhances the base strength, but in-
duces steric constraints in coordination to acid
sites, as the electron lone pair of the nitrogen
atom are shielded by the alkyl groups. This
makes it very difficult to achieve the optimum
sorption geometry necessary for strong bonding
to Lewis acid sites, especially to those located
on low index surface planes. Sorption of the
bulky probe molecule on the more exposed and
also mobile hydroxyl groups seems easier. Thus,
it was suggested [105] to use 2,6-dimethylpyri-
dine as a specific probe molecule for Brgnsted
acid sites. This has been challenged by
Knozinger and Stolz [106] who demonstrated
that 2,4,6-trimethylpyridine is able to interact
with AI’* cations, although the interactions
were weaker than those observed with pyridine,
which could displace 2,4,6-trimethylpyridine
quantitatively. Attempts to use the more bulky
2,6-di-tert-butylpyridine as specific probe for
Brgnsted acid sites were also not successful
[107]. The main sorbate—sorptive interaction oc-
curs via the aromatic ring and not via the elec-
tron lone pair of the nitrogen atom which does
not allow to discriminate sorption on the
Brgnsted and Lewis acid sites.

In summary, pyridine and to a lesser extent
also substituted pyridines are excellent probe
molecules which allow to differentiate between
Brgnsted and Lewis acid sites and to rank the
strength and coordination of Lewis acid sites.

Recently, an interesting proposal has been
made to use the NH stretching vibration of
protonated pyridine to probe the strength of the
corresponding solid base after protonation of
pyridine [108]. The results published indicate
that once the pyridinium ion is formed, the
strength of the corresponding base determines
the intensity of the sorbate—sorptive interaction
and, hence, the wavenumber of the N-H
stretching vibration (see Fig. 3 after [120]).
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Fig. 3. Dependence of wavenumber shifts (Av(NH)) of
PyH*...” O complex upon the charges of lattice oxygens calcu-
lated according to Sanderson’s electronegativity (after [120])

5.6. Nitriles

Nitriles are relatively weak bases and coordi-
nate via the nitrogen of the nitrile group to the
acid sites. Upon interaction, the band of the CN
stretching vibration is shifted to higher
wavenumbers. Coordination to accessible metal
cations results in blue shifts of approximately
30-60 cm ™' [109], while upon coordination to
a hydroxyl group shifts of approximately 10 to
30 cm™! are found. [110-112].

Because of its small size, acetonitrile is fre-
quently used and successfully applied for the
characterization of a large number of oxides
[28,113-119]. Problems might arise, however,
with respect to the interpretation of the IR spec-
tra of the sorbed species as the C-N stretching
mode (v, mode) is in Fermi resonance with the
(v; + v,) combination mode. By using
perdeuterated acetonitrile this problem can be
overcome [109].

Using a combination of ab initio calculations
and IR spectroscopy under carefully controlled
conditions, Pelmenshikov et al. [75,76] and
Kubelkova and co-workers {111,112,120] con-
clude that acetonitrile is hydrogen bonded in a
neutral complex, even on zeolites with rather
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strong acid sites. The shift of the band of the
OH stretching frequency of the solid increases
with increasing positive charge at the bridging
hydroxyl groups of the zeolite [120]. Typical IR
spectra of sorbed acetonitrile on various zeolites
and the dependence of the OH band shift are
depicted in Fig. 4a and b (see Ref. [120]). For
phosphate based molecular sieves (e.g.,
CoAPO5, MgAPO5) acetonitrile sorption seems
to indicate primarily interaction with Lewis acid
sites [121], although Brgnsted acid sites are to
be expected with these molecular sieves. It is
difficult to judge at this moment whether or not
this is due to a surface chemical reaction.

The relatively high reactivity of acetonitrile,
especially on basic surfaces poses a serious
problem. Careful testing whether or not surface
reactions occur are strongly recommended be-
fore using acetonitrile for characterizing moder-
ately acidic oxides [109]. The use of larger
nitriles, which are less reactive than acetonitrile
(e.g., tert-butyronitrile) has been reported to be
successful for the characterization of alumina
[109], silica—titania and other mixed oxides
[117,122,123].

5.7. Benzene and substituted benzenes

Benzene and substituted benzenes are weakly
basic molecules which form #-bonds to
Brgnsted and Lewis acid sites. The strength of
these bonds can either be followed via monitor-
ing the shift of the OH band of the Brgnsted
acidic hydroxyl groups or via monitoring the
changes in the absorption maxima of the bands
attributed to the CH stretching and ring vibra-
tional bands [60,124].

Due to its low base strength, benzene is
especially suited to characterize OH groups with
large differences in acid strength. As with any
other hydrogen bonding interaction, the extent
of the shift is taken as a measure for the acid
strength of a particular OH group [18]. This has
led to a ranking in the strength of the hydroxyl
groups of oxides in the sequence B-OH <
Si-OH < Ge-OH < P-OH [125]. For amor-
phous Si0,/Al,0, which shows only one OH
stretching vibration band around 3750 cm™',
two perturbed OH bands were observed, shifted
by 110 and 310 cm ™!, respectively [115]. This
indicates the presence of two types of acid sites
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Fig. 4. Differences between the IR spectra of the zeolite after adsorption of CD,CN and activated zeolite samples (0.5 < @(OH) <' 0.§5)
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markedly differing in strength, but giving rise to
only one absorption band in the unperturbed
state. The weaker acidic sites (corresponding to
the smaller shift) are attributed to SiOH groups,
the other hydroxyl groups (stronger acid sites,
larger shift) are concluded to be affiliated with
protons balancing the substitution of Al** for
Si**. Similarly, Jacobs et al. [84] and Jentys and
Lercher [124] used benzene adsorption to char-
acterize the heterogeneity of acid sites in fauja-
site and ZSMS5, respectively. It must be men-
tioned, however, that it may be misleading to
use the shift of the hydroxyl group upon ben-
zene adsorption as the only means of acid
strength assessment when different materials are
compared. Bands of OH groups in phosphate-
based molecular sieves seem to produce a larger
red shift upon benzene adsorption than bands of
OH groups of silicate-based materials with simi-
lar acid strength [33]. Cloverite and several
MeAPOS5 samples show shifts of the OH bands
upon interaction with benzene similar to
HZSMS, although by means of catalytic evalua-
tion the phosphates can best be classified as
relatively weak acids [126~128], while HZSM5
is a rather strong solid acid.

In general, the interaction of benzene with
Lewis acid sites is stronger than with Brgnsted
acid sites [129]. This stems from the fact that in
contrast to the asymmetric bonding of the pro-
ton to the aromatic ring, the larger metal cations
can interact symmetrically with all delocalized
electrons in the aromatic ring which enhances
the strength of the interaction. Large shifts in
the absorption maxima of the CH stretching
vibrations occur upon sorption of benzene and
toluene on alkali cations exchanged faujasites
with the extent of the shift being proportional to
the size of the cation [130]. In the presence of
lattice oxygens of high base strength pro-
nounced interactions occur also with the alkyl
groups attached to the aromatic ring, shifting
the corresponding C-H stretching vibration
bands to lower wavenumbers [131].

Substituted benzenes can be used to probe
steric constraints around acid sites and the loca-

tion of acid sites in molecular sieves. A demon-
stration is given in Fig. 2. using the IR spectrum
of toluene and 1,3,5-trimethylbenzene on
HZSMS as discussed in the chapter on IR spec-
troscopy of free hydroxyl groups. Hydroxyl
groups that cannot be reached by the substituted
benzenes will remain unperturbed and, provid-
ing the molar extinction coefficients are known,
the fraction of accessible hydroxyl groups can
be determined.

5.8. Carbon monoxide

Like benzene, carbon monoxide is a weakly
basic molecule with a pronounced soft charac-
ter. Because of this weak basicity, the interac-
tions with hard solid acids are usually very
weak. Thus, low temperature sorption experi-
ments are necessary for more quantitative stud-
ies. Under these conditions, CO is unreactive
for all practical purposes. Brgnsted and Lewis
sites can be qualitatively and quantitatively in-
vestigated. The small size of CO allows to
probe nearly all acid sites.

CO interacts by bonding via the carbon atom
to the acid sites which usually shifts the absorp-
tion maximum of the CO stretching vibration
band to higher wavenumbers. The interaction
involves the (non-bonding) 50 orbital of CO
which donates electrons to the metal or cation
and forms a bond with prevailing o character.
If a sufficiently high density of the d states
exists, electrons from the metal are donated
back to the lowest antibonding orbital (i.e.,
27 *). This weakens the CO bond and lowers
the wavenumber of the absorption maximum of
the CO stretching vibration [14,132]. If the den-
sity of d-states is too low or does not exist the o
type interaction prevails. The donative bond
causes a strengthening of the CO bond and a
blue shift of its IR band. The blue shift in-
creases with increasing strength of electron do-
nation from the CO molecule to the acid site.
For a given type of site (nature of the acid site,
hardness) the shift usually increases with in-
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creasing positive charge at the acid site [133-
139]. This is well supported by theoretical cal-
culations which suggest that the CO stretching
frequency increases monotonously with the
electric field strength of the cation [132]. It also
increases for a given charge with the softness of
the metal cation /Brgnsted acid site.

It has to be considered, however, that CO is
sensitive to dipole—dipole interactions which
lead to a shift of CO band to higher wavenum-
bers with increasing concentration [140]. This
problem can be overcome by measuring with
increasingly dilute concentrations of CO
[137,138] or by using CO isotope mixtures in
which the two components are systematically
changed in concentration [132,141].

Successful examples of the use of CO for the
characterization of oxides and zeolites include
studies on alumina, MgO, TiO,, Cr,0,, SiO,-
Al,0,, V,0,-TiO, and SiO,-TiO, [61,142-
147]. The examples show that it is not only
possible to assess the charge of an accessible
metal cation, but also its coordination on the
surface. Lower coordination (e.g., tetrahedral in
contrast to octahedral) leads to stronger interac-
tion with CO which was demonstrated by
Knozinger and co-workers [137,138] for transi-
tion aluminas with fourfold and sixfold coordi-
nation of AI** in the bulk. A band at 2190
cm™! was attributed to CO coordinated to ac-
cessible Al** in octahedral positions, while CO
bands above 2200 cm ™! are associated with CO
bound to AI®* in tetrahedral positions
[137,138,148,149].

CO interacting with hydroxyl groups of ox-
ides and zeolites shows a lower perturbation,
but in this case the shift of the hydroxyl group
can be used to gain additional information on
the strength of the acid site. Successful studies
have been reported for oxides by Ghiotti et al.
[150], Beebe et al. [151] and Knézinger [152].
For zeolites, the red shift of the OH stretching
vibration band were larger than those obtained
by interaction with benzene. Shifts of up to 340
cm™' were reported [14,153] suggesting that
one has to use caution in comparing the strength

of interaction with the results obtained with
other probe molecules.

5.9. Less frequently used probe molecules

Several other molecules such as ketones
[70,71,81,82,154,155], aldehydes [156,157],
ethers [122,158], alkanes [159] and alkenes
[160,161] have also been used as probe
molecules.

The most prominent example from the above
mentioned molecules concerns the use of ke-
tones (acetone). Acetone is a relatively weak
base interacts with acid sites via the electron
lone pairs at the oxygen atom of the carbonyl
group. Upon sorption, the wavenumber of the
carbonyl group shifts to lower wavenumbers the
stronger the Lewis or Brgnsted acid site is.
Despite earlier interpretations [81,82], a consen-
sus seems to have been reached that acetone is
not protonated after adsorption on strong
Brgnsted acid solids [111], but rather forms a
neutral hydrogen bonded complex. Such a hy-
drogen bonded complex involves primarily the
electron pair donor function of acetone and can
be used to scale the acid strength of OH groups
in mixed oxides [20]. Upon interaction with
Lewis acid sites, frequently the electron pair
acceptor function of acetone also participates in
the bonding. This may lead to surface reactions
which impede the general applicability of ace-
tone as a probe molecule. Examples for the use
of acetone are given in Refs. [70,71,113]. As
discussed for the nitriles, larger ketones show
diminished tendency to surface reactions [162].
Aldehydes and ethers are relatively reactive on
acidic surfaces [6]. While this reactivity per se
is another possibility to compare the acidity of
various oxides, the extent and the importance of
these surface reactions are often difficult to
assess. Thus, it is recommended to use such
molecules only if they are reactants in a particu-
lar catalyzed reaction. A general description of
the sorption structures of the less frequently
used probe molecules can be found in Refs.
[1,2].
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6. Quantitative evaluation of acidity
6.1. The strength of acid sites

6.1.1. Brgnsted acid sites

As outlined above, the wavenumber of the
stretching vibration of the free hydroxyl group
should not be taken as a measure of its acid
strength. The acid strength of Brgnsted acidic
hydroxyl groups, or more precisely their polar-
izability, is best measured by using basic probe
molecules that remain non-protonated upon ad-
sorption. Using the analogy to well-established
correlations between the shift of the OH stretch-
ing frequencies and the enthalpy of formation of
the hydrogen bond complex between a donor
and an acceptor molecule in liquid phase [163]
the magnitude of this shift can be used to scale
the acid strength of a hydroxyl group.The shift
of the OH stretching band depends upon the
acid strength of the OH group and the proton
affinity (or pK,) of the sorbed molecule. Pauk-
shtis and Yurchenko reported a non linear in-
crease of the shift of the OH stretching band
with increasing proton affinity [10] of the sor-
bate for SiO, and HNaY zeolite. Weakly basic
molecules like CO and (substituted) benzenes,
but also ethene, acetonitrile and acetone (which
are certainly not protonated upon sorption) were
successfully used as probe molecules. Linear
correlations between the acid strength of hy-
droxyl groups for various oxides and the shift of
the hydroxyl groups were reported for benzene
[60], acetone [20], CO [164,165], and recently
also for ethene [164,165] (Fig. 5). Most quanti-
tative descriptions address the mathematical in-
terpretations of these observed interdependen-
cies. A compilation of these attempts is given
by Paukshtis and Yurchenko [10].

6.1.2. Lewis acid sites

The strength of Lewis acid sites is best deter-
mined by monitoring vibrations of sorbed
molecules, which are characteristic of the
strength of interaction. These are, for example,
the ring vibrations of pyridine or the CO and
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CN stretching vibration of CO and acetonitrile,
respectively. Benzene is problematic to use for
probing the strength of Lewis acids, because the
interaction with the benzene ring will encom-
pass the electron pair acceptor strength of the
cation and the geometric match between the
ring m-electron system and the cation. A good
example for this is the increasing strength of
interaction of benzene with increasing size of
the alkali cation in ZSM5 [166], although the
Lewis acid strength of the cation decreases with
its size when probed with other basic molecules
as CO [14] or light alcohols [167].

For a given oxide, the strength of the Lewis
acid site depends upon the coordination and
formal charge of the cation. The latter can be
probed elegantly with the use of small probe
molecules like CO [137,138,148,149]. The dif-
ferent coordination of one type of cations (e.g.,
APP* in tetrahedral and octahedral coordination)
can be clearly differentiated by the use of CO
and also pyridine [102,168]. However, the ex-
perimentally determined strength of interaction
with Lewis acid sites is also critically dependent
upon their local accessibility for a particular
base molecule. Thus, great care has to be taken
in interpreting the perturbations of larger probe
molecules (i.e., pyridine) quantitatively in the
absence of other structural data, because varia-
tion in the accessibility of the acid sites (which
might be perfectly identical in strength) as it is
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frequently the case for molecular sieves might
appear as apparent heterogeneity of the acid
sites.

6.2. The concentration of acid sites

After having established that several probe
molecules are well suited to differentiate be-
tween sorption on Brgnsted and Lewis acid
sites, the key problem for the quantitative deter-
mination of acid sites lies in the assessment of
the molar extinction coefficient. Most emphasis
in this respect has been given to ammonia and
pyridine (mainly for assessment of the concen-
tration of Brgnsted and Lewis acid sites) and to
CO (for the concentration of transition metal
cations).

Several factors complicate the analysis: (i)
The molar extinction coefficient depends upon
the perturbation of the molecule and is therefore

related to the local coordination. A specific
example is given for n-alumina by Morterra et
al. [168] who emphasized that the extinction
coefficient of any adsorbed species is not trans-
ferable from one system to another, even when
similar chemical and spectroscopic characteris-
tics prevail. (ii) For some molecules (e.g., CO)
dipole—dipole coupling may influence intensi-
ties and wavenumbers in a complex way. This
may pose a problem at high concentrations of
acid sites or when the molecules tend to form
clusters on the surface [132]. (iii) The tempera-
ture influences strongly the molar extinction
coefficients (especially for aromatic molecules).
This is clearly seen with the sorption of methyl
substituted benzenes [169]. It is, thus, necessary
to derive the molar extinction coefficients for
each temperature investigated. (iv) Care has to
be taken that the particle size (diffuse scatter-
ing) does not influence the results when several
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catalysts with widely differing particle size are
compared. The use of internal standards (e.g.,
inert oxides) is strongly recommended.

7. Limitations in using probe molecules

So far the possibilities of using the IR spectra
of basic molecules interacting with the acid sites
of oxides and molecular sieves to characterize
acidity have been discussed. Now, two practical
examples will demonstrate specific problems
encountered in the analysis of acidity. It is the
intention to show that probe molecules can be
used to estimate the acid—base properties of
oxide or molecular sieve catalysts, but that this
knowledge is insufficient to understand the de-
tails of the reactant—acid site interactions that
are necessary to model reactions at a micro-
scopic level. For this purpose, sorption of the

369

reactants is the best option. If this is impossible,
the second best solution is to use a probe
molecule of similar shape, polarizability, and
base strength as the reactant.

7.1. Alkane sorption in zeolites

Acidic zeolites such as ZSMS, mordenite and
faujasite (H-ZSM5, H-MOR and H-FAU) are
frequently used catalysts and catalyst compo-
nents for sorption and conversion of hydrocar-
bons. A detailed and unequivocal description of
the nature, strength and concentration of the
acid sites is indispensable for rational catalyst
development. Important questions to address in-
clude: (i) Can the hydrocarbons reach all the
acid sites? (ii) What is the distribution of the
strength of acid sites? (iii) How does the strength
of hydrocarbon sorption on various zeolites
compare with the strength of sorption of fre-
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Fig. 7. IR spectra recorded during the adsorption of n-hexane on HMOR at 303 K. The arrows indicate increasing equilibrium pressures

(10™*-3 mbar)
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quently used strong bases like ammonia or pyri-
dine? To address these questions, infrared spec-
troscopy in combination with gravimetry and
calorimetry was used [170]. All three zeolites
contain predominantly Brgnsted acid sites and
rather few Lewis acid sites, as seen by IR
spectra of adsorbed ammonia and pyridine.

The disappearance of the IR band characteris-
tic for the hydroxyl groups upon ammonia sorp-
tion indicates that ammonia interacts with all
acid sites of H-ZSM5 and HMOR. IR spectra
indicate that all Brgnsted acid sites in H-ZSM5
(Fig. 6) are accessible for alkanes, but only 40%
of these sites in H-MOR (Fig. 7). The fraction
of the OH groups on H-MOR that is unable to
sorb the alkanes is, nevertheless, slightly per-
turbed by the alkanes (see minor shift of the
band of the SiIOHAI groups at 3590 cm ™! in the
presence of higher concentrations of alkanes).
These results indicate that a (surprisingly large)
fraction of acid sites is localized in the side
pockets of the mordenite channels and does not
seem to take part in catalytic reactions. The
reason the access to these sites is limited for
alkanes becomes clear after considering the
physical dimensions of the side pockets. They
have a diameter of 0.39 X 0.57 nm, substan-
tially smaller than the aperture of the large
pores (0.67 X 0.7 nm). While the kinetic diame-
ter of linear alkanes is approximately 0.45 nm,
the methyl group is smaller and therefore the
end of the molecule should be able to reach the
acid site. As interactions are not observed this
indicates that the alkanes must primarily interact
with the C—H groups at secondary carbon atoms.

However, the differences in the accessibility
of sites upon sorption of pyridine and n-alkanes
(only 20% of the acid sites are inaccessible for
pyridine compared to 60% for alkanes) suggest
that arguments based only on the molecule size
may also be misleading. Pyridine is apparently
able to either deform the zeolite in a way that it
is allowed to enter the side pockets or it attracts
protons from a somewhat remote location to
form the pyridinium ions.

For evaluation of kinetic results this suggests

that at ambient temperature only sites interact-
ing with alkanes contribute to sorption and,
hence, to catalysis. The open question, however,
remains whether or not at reaction temperature
the other acid sites are also available for reac-
tants. It should only be noted that a similar
situation exists also for H-FAU where only OH
groups in the supercages are able to interact
with the alkanes, while a much larger fraction
was seen to interact with ammonia and pyridine
[171].

The evaluation of the strength of the interac-
tion is more subtle to address, but again IR
spectroscopy of the actual reactant/sorbate of-
fers key information required to understand the
crucial factors for the interaction with the zeo-
lite lattice.The hydrocarbons form hydrogen
bonds of rather uniform strength on HMOR
(and also on HFAU) as seen by the symmetric
band of perturbed OH vibrations at 3500 cm ™.
On HZSMS, the band of the hydrogen bonded
OH groups is asymmetric. Parallel gravimetric
measurements indicate sorption of more than
one alkane molecule per SiOHAI group.

Conceptually, the forces causing sorption of
the n-alkanes can be split into two contribu-
tions, (i) direct hydrogen bonding and (ii) lateral
interactions of the rest of the molecule with the
zeolite walls. Hydrogen bonding interaction of
the Brgnsted acidic zeolite OH group with a
CH, group of the alkane is caused by the
electrostatic attraction between the positive
charge at the hydroxyl proton and the dipole
induced in the alkane C-H group. Like with
other weak electron pair donor molecules, this
leads to a shift of the band of OH stretching
vibration of the zeolite to lower wavenumbers.
The magnitude of the shift indicates the strength
of the interaction [18]. For a given hydrocarbon
the differences in wavenumbers between the
free and the perturbed Si-OH-Al group is, at
least, for the larger hydrocarbons quite similar
and only subtly increases in the sequence
HFAU < HMOR. These variations in the shifts
are so minor that in a first approximation the
strength of the direct interaction of the Si—~OH—
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Al and the alkanes can be considered identical
for all three zeolites. Characterization by sorp-
tion of strong bases also indicates a rather simi-
lar acid strength increasing in the sequence
H-FAU (heat of ammonia sorption 142 kJ /mol)
< H-ZSMS5 (heat of ammonia sorption of 147
kJ/mol) < H-MOR (heat of ammonia sorption
151 kJ /mol).

With increasing size of the sorbed alkanes
the strength of hydrogen bonding to Brgnsted
acid sites (monitored via the difference in
wavenumbers of perturbed and unperturbed
Brgnsted acid OH groups) increases. This indi-
cates that the polarizability of the alkanes in-
creases with increasing size of the molecule,
i.e., sorption at the Brgnsted acid site induces a
stronger dipole the larger the alkane.

In contrast to the strength of the direct hydro-
gen bonding to the Brgnsted acidic OH groups
discussed above, the sorption enthalpy increases
with increasing size of the hydrocarbon in the
sequence H-FAU < H-MOR < H-ZSMS. In
absolute terms, the heat of adsorption of n-al-
kanes up to heptane was at least 5 to 13 kJ /mol
higher on H-ZSMS5 than on H-MOR and 13 to
29 kJ/mol higher than on H-FAU. This sug-
gests that the higher sorption enthalpy with
H-ZSMS5 is due to stronger interaction of the
hydrocarbons with the lattice oxygen atoms
(lateral interactions). Sorption measurements on
silicalite (i.e., aluminum free HZSM5) show a
heat of adsorption which is for each hydrocar-
bon 10 kJ/mol lower than the corresponding
heat of adsorption on HZSMS. This clearly
indicates the importance of the contributions of
the direct (hydrogen bonding) and the lateral
interactions. The strength of lateral interactions
between the alkanes and the zeolite lattice is
speculated to depend on the pore size [172]
and/or on the higher polarizability of the lat-
tice. Thus, the polarizable (soft) lattice of H-
ZSMS5 enhances the interactions with alkanes
being soft bases [170].

The general message of these results is that
the direct interactions can be well probed in
zeolites by sorption of small bases. The more

complex multiple interactions can only be
probed by monitoring the influence on the sor-
bate /reactant itself.

7.2. Reversible chemisorption at hydroxyl
groups on phosphate based molecular sieves

As outlined above, most pure and mixed
oxides including molecular sieves contain hy-
droxyl groups to terminate the lattice and to
equalize charge imbalances. So far we have
described means to characterize the concentra-
tion and strength of these OH groups and to
differentiate them from Lewis acid sites. Prob-
lems concerning high temperature chemisorp-
tion of ammonia and amines which result in
formation of surface amine groups and the reac-
tivity of nitriles and ketones on the surface of
oxides were noted. In none of these cases,
however, the chemisorption was reversible
within a measurable time scale and the extent of
reactivity differed markedly even within similar
sorbents varying only in the alkyl substituent.

The most prominent case for such low tem-
perature chemisorption on hydroxyl groups is
offered by cloverite. Preliminary results with
other metal aluminum phosphates, however,
show that such reversible chemisorption on hy-
droxyl groups is characteristic for metal substi-
tuted aluminum phosphates [173]. Cloverite is a
large pore gallium phosphate molecular sieve
that contains terminal GaOH and POH hydroxyl
groups protruding into the pores of the molecu-
lar sieve. Upon sorption of weak bases like
benzene significant red shifts of the bands of the
OH groups occur which suggest that the mate-
rial is a moderately strong acid [165]. It is
important to note that the hydroxyl groups act
as Brgnsted acids also towards other, more reac-
tive hydrocarbons such as ethylene and that
hydrogen bonding is then the main interaction.
From these studies, consensus was reached that
the strength of the hydrogen bonding was simi-
lar to that of POH groups in macroporous ox-
ides [165].

When ammonia is adsorbed on cloverite
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D4R of
cloverite

Fig. 8. Proposed adsorption complex of ammonia on cloverite
indicating the opening of the Ga-O-P bond

(single crystals) in contrast to the expectations
the main sorbed species do not only show IR
bands characteristic of ammonium ions, but also
those of strongly Lewis bound ammonia. It is
concluded that as the OH bands of cloverite
disappear there is simultaneous cleavage of one
of the metal oxygen bonds (Ga—O-P group) or
of a metal-OH. The disappearance of the OH
stretching band is primarily ascribed to lateral
hydrogen bonding between Lewis acid bound
ammonia and the hydroxyl group (Fig. 8). For
small bases (water, ammonia) this interaction is
irreversible [33,174] and leads to the destruction
of the lattice at higher temperatures, but larger
bases like pyridine and trimethylamine are
sorbed reversibly. The cleavage of the Me—OH
bond and desorption in the form of water can be
ruled out, because of the rapid reappearance of
its characteristic band after trimethylamine and
pyridine desorption.

The fast opening of the lattice metal-oxygen
bond is, however, not confined to nitrogen bases.
Other polar molecules like alcohols also show

similar adsorption structures and this leads to
rather strongly Lewis bound molecules that des-
orb reactively as formaldehyde [33]. Similar
observations have been made also for BeAPOS
[173]. With increasing size of the alcohol the
importance of the metal-oxygen bond cleavage
decreases [33]. For silica based molecular sieves
such reactions seem to be less important, al-
though recently a similar mechanism was pro-
posed by Pelmenshikov et al. [175]. Thus, reac-
tive participation of the metal oxide surface
seems to be a more general phenomenon. Its
role in catalytic conversions, again, can only be
correctly estimated when the reactant molecule
or at least a close chemical analogue is used for
characterization of the acid properties.

8. Concluding remarks and outlook

In summary, it is fair to state that the charac-
terization of acidity of oxides and zeolites is
relatively advanced. Many potential probe
molecules have been investigated in detail on a
wide variety of oxide and zeolite samples. For
most of these molecules consensus has been
reached with respect to the interpretation of the
IR spectra and their role in assessing the acid
strength of solid acids. Currently, evaluations of
the sorbate—sorptive interactions and the corre-
sponding IR spectra by theoretical (semi-em-
pirical and ab initio) calculations [73,83] are
becoming available.

The molecules used for acidity characteriza-
tions reviewed here, possess dominating basic
properties so that the interaction with the sur-
face involves primarily the direct interaction
between the electron pair donor function of the
probe molecule and the electron pair acceptor
site at the surface. To evaluate the concentration
of acid sites, strong and stable bases such as
ammonia and pyridine seem to be best suited.
With respect to Lewis acid sites, these molecules
will also lead to a good differentiation with
respect to their strength, usually by monitoring
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shifts of the band of the deformation vibration
of the amine base upon sorption. It will not be
possible, however, to differentiate the strength
of Brgnsted acid sites by these means, because
these molecules will be easily protonated and
their strength of adsorption will then depend
crucially on the base strength of the deproto-
nated solid. Evidence for this was recently given
by Kotrla and Kubelkova [120].

If one needs to evaluate the strength (polariz-
ability) of Bregnsted acidic hydroxyl groups,
molecules with weaker base strength should be
used. Such molecules perturb the hydroxyl group
sufficiently to induce a shift in the absorption
maximum of the OH stretching vibration band
which can be used to scale the acid strength.
The most successful molecules used for this
purpose are (alkyl substituted) benzene, CO and,
most recently reported, ethene. The perfect fit
between the shifts in wavenumbers of the OH
stretching vibration bands observed for ethylene
and for CO (see Fig. 5) suggests that both
molecules can be used for probing the vast
majority of acid sites. To probe the accessibility
of sites for more bulky molecules, e.g., benzene
and substituted benzenes may preferably be
used. The use of more basic molecules to probe
the accessibility is not recommended as the high
proton affinity of these molecules might pull out
protons from more remote locations. Indications
for this were discussed above for the case of
pyridine sorption on mordenites.

While the use of IR spectra of sorbed probe
molecules allows in general to scale the strength
and also the concentration of acid sites of ox-
ides and zeolites, it is not straightforward to use
these data to estimate turnover frequencies or to
predict from these rankings the catalytic behav-
ior. This is related to the fact that the probe
molecule and the reactant interact with the sur-
face of the solid in a different way. IR spec-
troscopy of sorbed molecules, which are chemi-
cally similar to the reactants, is an important
tool to understand the physical and chemical
properties of a particular catalyst. However, it is
strongly recommended to use the reactant

molecules themselves (when possible) to probe
the acid—base properties of the catalyst, if the
acidity scale should reflect their importance for
a catalytic reaction. In combination with theo-
retical calculations, this should enable the as-
sessment of the acidity of solids and, in turn, to
provide ways of fine tuning and optimizing their
acidic properties for a particular use in catalysis.
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