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Our researchfundedby theDepartmentofEnergyhasinvolvedthe
characterizationofcatalystaridity,2D NMR studiesofBrcnstedadd sites,
and kinetic,calorimetric,and spectroscopicstudiesofmethylamine
synthesis and related reactions over acid catalysts. The approach of this
work has been to explore quantitative correlations between the factors that
control the generation, type, strength, and catalytic properties of acid sites
on zeolite catal) 3ts. Our systematic studies involving microcalorimetry,
thermogravimetric analysis, ]R spectroscopy, and NMR spectroscopy have
provided important information about the nature and strength of acid sites
in zeolites. Furthermore, this information has been vital in understanding
the catalytic cycles involved in methylamine synthesis and related reactions
over zeolite catalysts. We propose to continue our NMR investigations of
Brcnsted acid sites in zeolites and related catalysts. In addition, we will
continue to employ methylamine synthesis and related reactions to probe
solid acid catalysts. Furthermore, microcalorimetry will remain an
important technique to study the chemical bonding of basic molecules with
acid sites. In the longer term, we will extend these techniques to investigate
other solid acid catalyst systems, such as AIPO's, SAPO's, and solid
superacids. We will also begin to investigate the alkylation of toluene with
methanol and the alkylation of isobutane with light olefins. These reactions
are of interest because of the need for new generations of solid acid
alkylation catalysts to replace liquid acids for environmental reasons.

Introduction
During the past three years our research has involved (1)

characterization of catalyst acidity using microcalorimetry, infrared
spectroscopy, thermogravimetric analysis, and temperature-programmed
desorption, (2) development of deuterium NMR techniques to probe the
nature of Brcnsted acid sites in zeolites, (3) kinetic studies of methylamine
synthesis and related reactions over acid catalysts, (4) calorimetric and
spectroscopic studies of the adsorption of reactants and products of
methylamine synthesis on zeolites, and (5) formulation and analysis of
catalytic cycles for methylamine synthesis and related reactions on acid
catalysts. The results of our efforts in each of these directions are
summarized in Sections II-VI. The proposed directions of our future work
are outlined in Section VII.

Characterization ct Catalyst AcidiW

Introduction
The characterization of catalyst acidity has been a continuing

research direction that our group has followed in our work funded by the
Department of Energy. Our work began with calorimetric studies of
pyridine adsorption on a series of silica-supported metal oxides and
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. progressed to include the adsorption of ammonia, trimethylamine, and
triethylamine on selected silica-supported metal oxides. During the past
three years, we have investigated a series of zeolite catalysts, including
HNa-Y zeolites, H-mordenite, several H-ZSM-5 zeolites, and a series of
steamed fluid cracking catalysts.

Quantitative characterization of catalyst acidic properties is
_mportant for elucidation of the role of acidity in determining catalytic
properties. Characterization of the acid sites involves determining the
strength of the sites, the mobility of molecules adsorbed on the sites, the
number of sites, and the type of acid site. A measure of acid strength is
provided by the heat of adsorption of a probe molecule on the acid site. A
thermodynamic representation of surface mobility is given by the standard
entropy change of adsorption. Acid site type refers to Br¢nsted or Lewis
classifications.

We have used microcalorimetry, thermogravimetric analysis, and
temperature-programmed desorption to study the acidity of various zeolites.
Microcalorimetry is used to measure heats of adsorption of probe molecules
on the acid site, providing information about both the acid strength and the
strength distribution. Thermogravimetric analysis measures the number
of adsorbed probe molecules on acid sites over a wide range of temperatures
and pressures. Standard entropy changes of adsorption are obtained by
combining the results of this technique with microcalorimetric
measurements of adsorption heats. The main purpose of temperature-
programmed desorption in our work has been to compare quantitatively the
results from these techniques.

M_ Calo"rnnetricResults
Figures1-3show representativecalorimetricdataintheform ofthe

differentialheatofpyridineadsorptionversustheamount ofpyridine
adsorbedon thecatalyst.Figure1 showsthattheH-ZSM-5 samplestudied
(providedby W. Haag atMobil,withSi/Al-35)hasan apparentlyuniform
acid-strengthdistribution,givingan averageheatof-180kJ/mol.The acid-
strengthdistributionofH-mordeniteisalsoapparentlyratheruniform,as
shown inFigure2,withan averageheatofpyridineadsorptionequalto
-200 kJ/mol.Thissampleappearstohave a smallnumber ofverystrong
acidsitesthatwe believemay be Lewisacidcentersassociatedwithnon-
frameworkaluminum species.Figure3 showsthattheacidstrength
distributionofHNa-Y zeoliteismore heterogeneousthanthatofH-ZSM-5 or
H-mordenite.Thisresultisprobablydue tothelowerSi/Alratioofthis
HNa-Y sample(-2.4),leadingtoweakeracidsitescorrespondingtoprotons
associatedwithframeworkAl specieshavingoneor more next-nearest-
neighborAl cations.

The microcalorimetricresultsofammonia adsorptionon
H-mordeniteand H-ZSM-5 areshown inFigure4.As observedforpyridine,
thecurvesofthedifferentialheatofammonia adsorptionversuscoverage
aredominatedby plateausofconstantdifferentialheat,indicativeofa large
number ofsitesofsimilaracidstrength.Ammonia, however,shows a
lowervaluefortheheatofadsorptionthanpyridine,in'accordancewiththe
lowergas-phasebasicityofammonia.On H-mordeniteand H-ZSM-5 most
oftheacidsiteshavea heatofadsorptionequalto157and 150kJ/mol,



. respectively. At higher coverages, ammonia is adsorbed weakly, at a
strength of adsorption approximately equivalent to ammonia adsorption on
silica.

Temlmrature-Programmed Desorption
Figure 5 shows a temperature-progrAmmed desorption spectrum of

ammonia from H-ZSM-5.Thisspecie,rum isdominatedby a desorption
featurecenteredat611 K. Thisfigurealsoshowsa computersimulationof
theTPD experiment,obtainedby solvingthedifferentialequationsthat
describedesorptionand readsorptionofammonia on theacidsites.Inthese
simulations,thedesorptionactivationenergywas setequaltothe
differentialheatofadsorptiondeterminedby microcalorimetry.A standard
preexponentialfactorof1013s"1was assumedforthedesorptionstep.The
standardentropychangeofadsorption,theonlyadjustableparameterused
tofittheexperimentalspectrum,was determinedtohave a valueof
-172J/mol-K.The breadthofthespectrumisnotfullydescribedbythe
simulation,and thisresultmay be due tosome readsorptionofammonia on
wallsoftheapparatus.The simulatedammonia desorptionspectrumfor
H-mordenitegivesa valueofthestandardentropychangeofadsorption
equalto-164J/mol-K.

Ammonia TPD spectrawere collectedforH-mordeniteby varyingthe
samplesizefortwo setsofcarrier-gasflowrate(0.42and 1.25cm3/s)to
extracttheenthalpyand entropyofadsorption.The resultsofthese
experimentsarepresentedinFigure6 a,sa plotof21nTm-ln(W/F)versus

1/Tm. Here W isthecatalystweight(g),F isthecarrier-gasflowrate(cm3/e)
measured atroom temperature,and Tm isthetemperaturecorresponding
tothedesorption-peakmaximum. The slopeofthisplotisequalto-AHads/R,
assumingthatadsorptionand desorptionareequilibratedduringtheTPD
experiment,as indicatedby ourmore generalTPD simulations.Good
agreementwas obtainedbetweenthetwo seriesofrunswithan average
heatofammonia adsorptionon H-mordeniteequalto153± 3 kJ/mol:This
valueagreeswellwiththemicrocalorimetricresultforammonia
adsorptionon thesame H-mordenitesmmple.The interceptoftheaboveplot

is equal to hi[-AoTo_AHads(1-Sm)S/Po]+ Lb_d_fR,where AOis the acid site
density (tool/g), TOis room temperature, Po is the standard state pressure (1

bar), and (}mis the surface coverage at temperature Tta. The value of the
standard entropy change extracted from the intercept of Figure 6 is equal to
-156J/mol-K.Thisvaluecomparesfavorablywiththevalueof-164J/mol-K
determinedabovefromanalysisofa singledesorptionexperimentand
utilizingtheheatofadsorptiondetern_x_vdcalorimetrically.

The gas-phaseabsoluteentropyofammonia at473 K and a pressure
ofIbaris208J/tool-K,ofwhich153J/mo_-Kcorrespondtotranslational

entropy.Thus,theentropychangeofadsorption,AS_, = -172J/mol-K,for
H-ZSM-5 correspondstoa lossoftranslationalentropy,withpreservationof
most oftherotationaland vibrationalentropy.Similarly,forH-mordenite

theentropychangeofadsorption,AS_ = -164J/mol-K,correspondstoa loss
.
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of _ranslational entropy with essentially no loss of rotational and vibrational
entropy.

_tion at'Bases ¢mA_id Sites
An impo_t considerationintheinterpretationofcalorimetricdata

foradsorptionofstrongbasessuchaspyridineon zeolitesiswhetherthe
moleculesequilibratewiththeacidsites,providinga goodmeasureoFthe
acid-strengthdistribution.At thetemperaturethatourcalorimetric
adsorptionstudieswereconducted,473 K, theadsorptionofpyridineis
irreversible,and equilibrationofpyridineon theacidsitesby
adsorption/desorptionprocessesisnotrapid.Thus,surfacediffusion
appearstobe theprimarymode by whichequilibrationofpyridinecould
takeplace.However,assuggestedtousby ProfessorHall(Universityof
Pittsburgh),theextenttowhichpyridinemay equilibratewiththeacidsites
remainsan open question.Accordingly,we have recentlyconductedseveral
experimentstoprovideadditionalinformationaboutwhethertheacid-
strengthdistributionforH-ZSM-5 ishomogeneous,incontrasttobeing
heterogeneousas suggestedby thermogravimetricmeasurements
conductedby Deeba and Hall[1,2]ibrpyridineadsorptionon a seriesof
amorphous silica/aluminacatalysts.

Our first experiments involved thermogravimetric studies of pyridine
adsorption on an H-ZSM-5 sample with a Si/Al ratio of 33. Chemical
analysis of the sample showed 452 ± 20 tmnol/g Al, 8 ± 1 ttmol/g K, and
36 ± 2 pxnoYg Na. Magic-angle spinning 27A1 N'MR identified 14.9-_.0 % of
the aluminum cations as present in octahedral coordination, the balance
being tetrahedrally coordinated.

Thermogravimetric measurements were obtained using a quartz-
spring (Ruska Instruments) microbalance. Prior to pyridine adsorption,
the sample was first calcined at 723 K for 5 h in flowing oxygen, followed by
an overnight evacuation at this temperature. Doses of pyridine were then
introduced into the microbalance system. The flow of pyridine into the
system was adjusted to a rate sufficient to maintain approximately the
desired pressure of pyridine over the sample.

Thermogravimetric data were collected in the form of two isobars at
20 and 50 mTorr of pyridine, spanning a temperature range from 473 to
733 K, and one isotherm at 523 K between pyridine pressures of 20 reTort
and 5 Torr. The thermogravimetric data collected in this manner are
shown in Figure 7. The total number of sites, based on the maximum
pyridine uptake, was 463 }xmol/g.

Microcalorimetric measurements of pyridine adsorption indicated
that this sample contains a large number of Brcnsted acid sites of
apparently homogeneous strength, a significant number of weaker
adsorption sites caused by alkali exchange cations, and some hydrogen-
bonding sites associated with some dealumination of the sample. The
thermogravimetric data are in agreement with the calorimetric results, as
evidenced by the plateau near 320 pmaol/gfor the two isobars, followed by the
further increase in the amount adsorbed with increasing pressure at 523 K.
Specifically, a broad distribution of adsorption strengths would give rise to a



monotonic increase in the amount of adsorbed pyridine with decreasingi

temperature and increasing pressure.
The results of dimethyl ether adsorption on H-ZSM-5 are shown in

Figure 8. Unlike pyridine, which has a high gas-phase proton affinity of 922
kJ/mol, dimethyl ether is a weak base with a proton affinity of 808 kJ/mol.
Accordingly, the adsorption of dimethyl ether at temperatures near 400 K is
reversible, and this weak base should provide a good assessment of the acid-
strength distribution. The observation that the heat of adsorption of this
moleculeisrelativelyconstantwithrespecttotheamount adsorbedisthus
importantevidencethattheacid-strengthdistributionofthisH-ZSM-5
sampleis,infact,ratherhomogeneous.

The dataofFigure3 suggestthatmicrocalorimetricmeasurements
canbe usedtoprobeacid-strengthdistribution,sincea ratherbroadrange
ofheatsofadsorptionisobservedforan HNa-Y zeolitehavinga low Si/Al
ratio,wherea rangeofacidstrengthsisexpected.We haveinvestigatedthis
HNa-Y zeolitesamplefurtherby conductingmicrocalorimetry
measurementsofammonia adsorption.Thisbasicmoleculeissmaller
thanpyridineand adsorbsmore weakly.

An HNa-Y zeolite sample with 82 % of the Na exchange cations
replaced by protons was heated slowly under vacuum to 573 K, heated
slowly in oxygen to 723 K, and then held at this temperature for 4 h. The cell
was subsequently evacuated to 10-5 Torr for 2 h at 723 K and then cooled
under vacuum to either 423 or 473 K, at which temperatures calorimetric
measurements of ammonia adsorption were made. The results of these
measurements are shown in Figure 9, in which the differential heat of
adsorption is plotted as a function of coverage for ammonia adsorption at
423 K. The initial heat of adsorption is near 140 kJ/mol, but it decreases to a
plateau at 120 kJ/mol. This curve shows that there are a few strong sites
(-500 _tmol/g), which are saturated with the first few doses of ammonia.
The plateau which follows is a result of a series of sites having similar
strength. Once these sites are saturated (beyond 1500 ttmol/g), the heat
decreases again to a second plateau at about 80 kJ/mol.

Superimposed on this calorimetric plot are isosteric heats of
adsorption collected independently by Boudart [3] and co-workers, using
thermogravimetric analysis and the Clausius-Clapeyron relation. The heat
of ammonia adsorption on HNa-Y zeolite measured by microcalorimetry
agrees very well with the values determined thermogravimetrically, except
at extremely low coverage. This excellent agreement provides evidence that
microcalorimetry can be used to probe the acid-strength distribution uf thilt
sample.

In an attempt to reconcile the broad range of acid strengths observed
by Deeba and Hall [1, 2] for a series of silica]alumina catalysts, we have
conducted microcalorimetric experiments of ammonia adsorption on 7"

alumina. A sample of 7-altunina (Davison) was treated in oxygen for 4 h at
723 K, followed by evacuation for 2 h at this temperature. The sample cell
was then placed in the calorimeter, and calorimetric data for ammonia and
pyridine adsorption were subsequently collected at 423 and 473 K,
respectively. The results of these microcalorimetric measurements are



' sho'wn in Figure 10. Evidence is seen here for a monotonic decrease in the
heat of adsorption versus coverage. Superimposed on this plot are isosteric
heats of pyridine adsorption collected thermogravimetricaUy by Deeba ana
Hall [2]. The agreement is good between the results of these calorimetric
and thermogravimeric measurments. These authors also suggested that
the heats of pyridine and ammonia adsorption were similar on such a
sample. The observed decrease in heat of adsorption versus coverage may
indicate a distribution of adsorption sites for this sample (e.g., aluminum
cations with various extents of coordinative unsaturation) or adsorbate-
adsorbate interactions present at the relatively high surface coverages
reached for this sample. It is clear from these results, however, that
microcalorimetric measurements can show a distribution of adsorption
heats for appropriate samples.

Concluding Remark
We have continued to conduct systematic and quantitative studies of

catalyst acidity. During the past three years, these studies have focused
primarily on zeolite catalysts. We have compared carefully the results
obtained from several different techniques applied to a variety of samples.
While the quantitative assessment of acidity and the acid-strength
distribution remains a subject for further research, we believe that careful
microcalorimetric and thermogravimetric analyses can be used to compare
the acidic properties of a wide variety of acidic materials. As such, our
future work will deal less with studying these quantitative methods for
acidity characterization, and we will focus more on using these techniques
to probe the acidity of novel catalytic materials, e.g., materials for alkylation
processes, where liquid acids must be replaced for environmental reasons.

Deuterium NMR Studies of Br_nsted Acidity
Introduction

Nuclear magnetic resonance spectroscopy has proved useful in
studies of many aspects of zeolites. 29Si and 27A] _ are now routinely
used to characterize the zeolitic framework. 13C and lH spectroscopies of
adsorbed species aid in identification of reaction intermediates. Proton
CRAMPS NMR has also been used to observe silanols and acid sites, but so
far lH chemical-shill spectra have provided only qualitative information.
We have found that NMR studies of deuterium-exchanged zeolites show
dramatic differences between the various deuteron sites. 2D spectroscopy of
zeolites is a new technique that offers the potential to allow detailed,
quantitative descriptions OfBr_nsted acid sites. Earlier studies have used
deuterium spectra to assess adsorbate motion [4-7] or to detect deuterium
exchange into acid sites [8], but both applications have been very qualitative
treatments. During the past three years, we have conducted exploratory
deuterium NMR studies of several zeolites, and we have examined acid
sites alone and when interacting with basic probe molecules. Further
studies are underway to determine the full range of capabilities of this new
technique.

Deuterium NMR provides an alternative spectroscopic method for
characterizing the environment of hydrogen in a material. Clearly, direct



. observationoftheacidcentershouldbe a sensitivemeasureofits
properties.Deuteriummagneticresonancepropertiesarequitedifferent
fromthoseofhydrogen,inthattheinteractionofthedeuteronquadrupole
moment withtheelectricfieldgradient(EFG)atthenucleusdominatesthe
spectrum.The resultingEFG informationisinterpretedmuch more
readilythanchemical-shiRdata.Dependingon thesitesinvolved,spectra
may allowcharacterizationofO-D bond strengths,bond lengths,ormotion
ofbond axes.Thiswork buildson theextensiveuseofdeuteronNMR in
polymers,whereC-D bondsarewellunderstood,and thistechniquehas
become a workhorseforelucidationoflocalmotionsinpolymericmaterials.

ExperimentalMethods
The zeolitesusedfortheNMR studieswere fromthesame batchesof

materialusedinotherportionsofthisprogram.SamplesofD-Y,D-ZSM-5,
and D-mordenitewere preparedwitheachofthreedeuterationtechniques.

In thefirsttechnique,sodiumformswere exchangedtoND 4 formsby

heatinginND4NO3/D20 solutions,thenheatingtodisplaceND3. Inthe
secondmethod,normalacid(H+)formswere heldat373K and exposedto
15TorrD20 vaporforseveralhours,whichalsoproduceddeuterium
exchange.Finally,adsorptionand desorptionofds-toluenewere usedto
enrichexchangeableacidsitesin deuterium.

NMR spectrawere obtainedon a ChemagneticsCMC-300A solid-
stateNMR spectrometer,operatingat46.0MHz for2D.Pulsesof2.5-3.5rts
durationwere usedinthequadrupoleechosequence.T1 and T2 valueswere
estimatedfrom saturation-recoveryand quad-echoexperiments,
respectively.Spectrashown herearetypicallyaccumulationsof500-1500
scansat50 srecycledelay,dependingon D enrichment,zeoliteAl content,
and TIvalues.Spectralfitswere determinedusinga non-linearleast-
squaresfittingroutine.Inprinciple,deuteriumquadrupolespectraare
symmetricaboutzerofrequency;any asymmetriesobservableinthese
spectraareindicativeonlyofnon-idealamplifierbehavior.

DeuteronSiteIdentification
The spectrumofD-Y zeoliteshown inFigure11 containstwo distinct

species.Thisspectrumcanbe fitwitha broad,two-hornedPake doubletand
a narrowerGaussianline.The Pake doubletisindicativeofan axially-
symmetricenvironmentand istypicallyseenforstaticdeuteronsina well-
definedenvironment.The quadrupolecouplingconstant(QCC) of234khz is
significantlysmallerthanthevalueof320 khz observedforO-D bondsin
isolatedD20 molecules,indicatingthatthezeoliticO-D bond isweaker[9]
and thusthatthissitehas acidiccharacter.The Gaussianlineissimilarin
shapeand widthtothespectrumseenforD-exchangedeurfacesilanol
specieson silica.Surfacesilanolsand silanolnestsinthezeolitewould
havea varietyofenvironmentsand typesofhydrogen-bendingto
neighboringsilanols.Boththedistributionofsitesand thepossibilityof
motion(rotationsorjumps betweendifferentH-bondedneighbors)
contributetothelackofdiscretespectralfeaturesint_Idsspectral
component.



, , The acidic nature of these sites is seen in the effects of adsorption of
basic molecules. Figure 12 shows the spectrum of the D-Y zeolite with NH3
adsorbed. The new, narrow Lorentzian line is indicative of the formation of
ammonium ions (NH3D+), with the rapid tumbling averaging the N-D bond
EFG and producing a spectrum broadened only by the much smaller field
gradients caused by the zeolite lattice. A fit to this spectrum indicates that
ali of the Pake doublet species and about half of the Gaussian species have
been converted to _rnmonium ions, consistent with the above assignment of
the doublet to Brensted acid sites and the Gaussian to less acidic silanol
species. When the sample is heated to desorb ammonia, the original sites
are regenerated. The decrease in deuteration level is predicted well by
considering the ammonia to remove 3/4 of the D from sites where ammonia
has adsorbed.

Other zeolite frameworks produce diffvrent combinations of
deuteration sites. Figure 13 shows spectra and fits for D-ZSM-5 and
D-mordenite. For convenience, peaks will be labeled to indicate
characteristic shapes and widths. In addition to the broad Paks doublet
(a peak) and Gaussian (7 peak), the D-ZSM-5 spectrum contains a narrower
Pake doublet (p peak) and a new powder pattern roughly half the width of
the u peak that we have labelled the u' species. The D-mordenite spectrum
contains the a' peak, a sharper p peak, a weak y peak, and a narrow 6 peak.
The last feature is readily assigned to residual ammonium ions, since it
resembles the peak seen in Figure 12, and also because it is difficult to
remove ali ammonium ions from mordenite. The other peaks are assigned
to different Brcnsted and silanol sites for the following reasons.

The T peak indicates densely-packed surface silanols or silanol nests,
as discussed earlier. The [3peak may be generated from isolated silanol
groups, which would be free to rotate about the Si-O axis. This free rotation
produces a characteristic narrowing of the Pake doublet, with a reduced
quadrupole coupling constant QCC' = QCCo (3 cos20-1)/2. If the static
silanol O-D bond is comparable to that in water, using the water QCC of
320 kHz and the observed _ peak QCC of 63 kHz, we calculate that the Si-O-D
angle can be either 133±2° or 117±2°. The second of these two values
compares nicely with the angle of 115±2 ° obtained from quantum
calculations for this structure [10]. This assignment was tested by
preparing two samples of the same Y zeolite, with the second heated under
more demanding activation conditions to decrease the concentration of
neighboring silanol groups via dehydration. As predicted, the first sample
contained a significant 7 perk, while the second sample had a reduced
7 peak and observable intensity in the _ peak. This result demonstrated that
both peaks are caused by interconvertable silanol groups, either rotating
freely in isolation or interacting with neighboring silanol groups. Further
proof of this behavior was obtained by viewing the NMR spectra of silica
samples. The spectrum of the fully hydrated sample was comprised of only
a 7 peak. As dehydroxylation proceeded, this peak decreased in intensity,



wh_le the presence of a _ peak became noticeable. However, at higher
dehydration levels, a narrow Lorentzian peak, labeled the _.peak, also grew
in intensity. The identity of the species responsible for this peak has not yet
been ascertained.

The u peaks seen for D-Y and D-ZSM-5 indicate that these species are
in axially-symmetric environments, as would be expected for rigid O-D
bonds. These species have QCC's of 234 and 223 kHz, respectively, showing
that the bond is significantly altered from the D20 QCC of 320 kHz. Axial
rotations seem unlikely, because of the large cone (25 ° half-angle) required
to achieve this reduction. Instead, the EFG itself must be smaller because of
either increased bond length, transfer of electrons to the O, or both. If the
decrease is due solely to increased bond length,, this woul.d indicate an
elongation from the normal O-D length of 0.96 A to 1.07 A. Such elongation
could only be accompanied by a redistribution of electrons, so both effects
are probably present and the actual bond lengthening would be less. A
decrease in electron density and increase in bond length are consistent with
weaker O-D bonding for this acidic species. This Brcnsted site is thus
clearly distinguished from a normal O-D species by its characteristic
deuterium NMR spectrum.

The a' peaks seen for D-ZSM-5 and D-mordenite have QCC values
near 120 kHz and asymmetry values (11)of 1. The indicated asymmetry of
the electric field gradient cannot be obtained for an isolated O-D species or
for any hydrogen-bonded species. However, such spectra are obtained by
motional averaging between two sites at 109.4 ° from each other. This model
also predicts that the apparent QCC decreases by a factor of 2, so this peak
could be produced by two of the species generating the u peak exchanging
and averaging with each other. A variety of other models have proved
unsatisfactory for generating the a' peak. Since both the ct and u' peaks can
be rationalized using a single type of Brcnsted site, with different motional
properties, they have been assigned related labels. With this scheme, the
D-Y zeolite sites experience little or no exchange, the D-mordenite is
undergoing rapid exchange, and the D-ZSM-5 either has a single type of site
with an intermediate exchange rate or two types of sites with fast and slow
motions. These models make definite predictions about the temperature
dependence of relative peak intensities for each sample, and further
experiments are underway to test this theory.

This model for the u' peak also offers insight into the nature of the
Brcnsted site in a zeolite. Motional averaging could be considered between
the different O atoms bonded to an Al center, or between different
orientations on a single O atom. The jump angle is the tetrahedral angle for
a 4-coordinated atom, leading to the picture that the deuteron may be
hopping between the two lone pairs of an sp3 O-atom bonded to neighboring
Si and Al. This picturc is in contrast to the widely-accepted structure,
which has the H, Al, and Si atoms in the plane of an sp2 O-atom [11, 12].
Such a structure could generate the u peak, but it could not alone give rise
to the axially symmetric a' peak. Further consideration of known oxygen
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. chemistry also supports our assignment of this site as an sp3 oxygen, since
the on]y other sp2 oxygens seen in bulk compounds have the remaining
oxygen p orbital participating in a g bond. Finally, X-ray diffraction
structural studies of the hydronium ion (H30 +) [13] show it to be pyramidal,
with sp3 hybridization rather than being a planar sp 2 species. Since this
species and related oxonium ions are the closest known stable analogs to
SiA1OD+ Br_nsted sites, this evidence supports our suggestion for
reconsideration of the widely-accepted planar structure. This new
structure will affect our understanding of Br_nsted site location and
accessibility, and it will also be critical for theoretical or computational
modelling of zeolite properties.

Deuteron Site Interactions with Bases
We have conducted further experiments to examine reactiozt of D-Y,

D-ZSM-5, and D-mordenite with ammonia and pyridine. Ali three zeolites
have sharp Lorentzian lines for NH3D + species. Pyridine p_duces
characteristic triangular spectra, 160 kHz wide at the baseline. These
spectra were comparable to spectra in the literature for deuterated
aromatics adsorbed in H-form zeolites [14]. To produce this line shape, the
deuteron transfers to the nitrogen and occupies an equatorial position on
the rotating and wagging pyridinium ion.

The three deuterium exchange procedures also show the role of base
+

strength in controlling selectivity of this process. Exchange using NI) 4 was

least selective, since the protons and deuterons in acid and silanol sites
exchanged readily at the high temperatures used to desorb ammonia.
Deuteration by adsorption of ds-toluene and desorption by heating to 373 K
was most selective for transfer of deuterons from the acidic toluene para or
ortho positions to the Br_nsted sites.

Further information on reactivities of different sites was obtained by
sequential dosing experiments. Pyridine was first adsorbed on H-Y zeolite at
a level sufficient to block part of the u peak or all of the y peak. However,
subsequent deuteration by D20 vapor produced a spectrtun with large 7 peak
intensity and approximately half the (z peak intensity seen in Figure 11. This
result is consistent with the assignment of the (z peak to the Br_nsted acid
sites in the zeolite, since it is preferentially poisoned for D exchange by base
adsorption.

Kinetic Studies of Methylamine Synthesis
Introduction

The synthesis oi"methylamines from methanol and ammonia over
acid catalysts is oi"interest due to industrial demand and the need to develop
catalysts selective to the lower substituted products. In addition, this
reaction may be a useful probe oi"catalyst acidity. For example, in contrast
to reactions such as hydrocarbon cracking, the products of methylamine
synthesis consist oi` a limited number of molecules, and methylamine
synthesis proceeds without catalyst deactivation over a wide variety of solid

10
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• acidcatalysts.Accordingly,we have studiedmethylaminesynthesis
reactionsatlow conversions.Inaddition,we have studiedthecatalytic
activities for the following related reactions: methylamine
disproportionation reactions, reactions of methanol and dimethyl ether
with methylamlnes, and methanol dehydration.

Exp, ntal
A flow-through apparatus operating a 1 atm pressure was used for

reaction kinetics measurements. An equimolar feed of NH3 and CH30H
was used for methylamine synthesis reaction studies, unless reaction
orders or kinetics of related reactions were being studied. Analyses of the
feed and reactor effluent streams were performed using a gas
chromatograph with a packed column of 0.05 M/8% KOH washed Carbowax
on Carbopack B.

The catalysts used in our kinetic studies are listed in Table 1. The
acidifies of the catalysts studied were assessed by microcalorimetric
measurements of pyridine adsorption, and the results of these
measurements are also provided in Table 1. Three NaH-Y zeolites (Linde)
were studied with 33, 65, and 82 % of the Na exchange cations replaced by
protons, and these catalysts are designated as Nail-Y-33, Nail-Y-65, and
Nail-Y-82, respectively. The catalyst designated HYC was an H-Y zeolite-
based fluid catalytic cracking catalyst obtained from R. Madon at
Engelhard Corporation. The H-mordenite was obtained from Conteka
Corporation. Three H-ZSM-5 catalysts were obtained from T. Degnan of
Mobil Corporation (Paulsboro) with Si/Al ratios of 13, 27, and 225, and these
samples are designated as H-ZSM-5-13, H-ZSM-5-27, and H-ZSM-5-225,
respectively. Another H-ZSM-5 catalyst, designated as H-ZSM-5-35, had a
Si/Al ratio of 35 and was provided by W. Haag of Mobil Corporation
(Princeton). The amorphous silica-alumina designated SAC was obtained
from Davison Corporation and had an aluminum loading of 13 wt%. The
silica catalyst was a fumed silica grade EH-5 obtained from Cabot
Corparation.

Methylamine Synthesis Reactions
Catalytic activities and apparent activation energies were determined

for all catalysts, and reaction orders in ammonia and methanol were
measured for selected samples. Silica did not show measurable activity for
either methylamine synthesis or methanol dehydration to dimethyl ether
(DME) at temperatures up to 673 K.

Apparent activation energies were measured for production of each
of the methylamines and DME. Figure 14 shows Arrhenius plots for total
methylamines synthesis for a sampling of the catalysts. The rate of DME
production was generally of the same order of magnitude as the total
methylamines production rate for ali catalysts. Examples of Arrhenius
plots for DME production appear in Figure 15.

Table 2 summarizes the activation energies for production of the
individual products for the different catalysts. The apparent activation
energy for total amine formation varies from 14 to 29 kcal/mol, with an
average value of 19 kcal/mol. For ali catalysts, the activation energy for
trimethylamine formation was highest, while that for monomethylamine
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the lowest. This trend was observed for SAC, HYC, H-ZSM-5-35, and
' H-mordenite, reflecting little influence of catalyst morphology. DME

formation proceeds with an apparent activation energy in the range from 3
to 25 kcaYmol, with sn average value of 16 kcaYmol.

Turnover frequencies for total amine formation during methylamine
synthesis were calculated, assuming that the active sites for each catalyst
were sites on which the heat of pyridine adsorption was greater than that
for hydrogen bonding to non-acidic hydroxyl groups (greater than
95-110 kJ/mol). These results are shown in Table 3. An interesting feature
of these data is that the turnover frequencies for these catalysts fall within a
relatively narrow range. The fact that a variety of seolitic structures and
amorphous silica-alumina are represented in this table indicates that
structural considerations do not have a m_or effect on activity of the
samples studied at low conversions.

The dependence of methy]amlne formation at 603 K on 8mmonia
partial pressure is shown in Figure 16. Methylamine production was first
order in ammonia for the NaHY-82, H-mordenite, H-ZSM-5-35, and silica-
alumina catalysts studied.

DME production over NaHY-82, H-mordenite, H-ZSM-5-35, and
silica-alumina catalysts was inhibi_d by increasing iammonia partial
pressures. Figure 17 shows examples of this behavior.

Methylamine formation at 603 K over HYC, H-mordenite, and silica-
alumina catalysts was positive order in methanol at low pressures but zero
order at higher pressures. These results are shown in Figure 18. The H-
ZSM-5 catalysts demonstrate negative reaction order in methanol at high
pressures. DME production was generally first order in methanol for all
catalysts.

Methylamine Disproportionation Beacfions
Kinetic studies were undertaken of methylamine disproportionation

reactions over H-ZSM-5-35, since reactions of this type may be important
during methylamine synthesis from methanol and ammonia. Figure 19
shows the results obtained when monomethylamine (MMA) was passed
over H-ZSM-5-35 at a pressure of 2.6 Torr and various temperatures. The
primary products of MMA disproportionation are NH3 and dimethylamine
(DMA). However, the results show that DMA can further disproportionate
to trimethylamine (TMA) and MMA. The disproportionation of MMA is
rapid compared to the reaction between ammonia and methanol to form
methylamines. For example, at 623 K, the rate of disproportionation is
approximately 10 times faster than that of total amine production under
comparable conditions.

The results of DMA disproportionation studies at a partial pressure
of DMA equal to 1.1 Torr show that MMA and TMA are the predominant
products, with small amounts of NH3 formed via secondary
disproportionation. The rate of DMA disproportionation at 623 K is
approximately twice as fast as MMA disproportionation and 20 times faster
than amine formatipn from methanol and ammonia.

12
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. Reactions of MethytamJnes with Mettmnol
Reactions of methanol with MMA and DMA were studied to evaluate

the relative rates of disproportionation and series methylation processes.
Reaction conditions were identical to those used for methylamine
disproportionation studies, except for the addition of methanol at 7 Torr.

The addition of methanol to the MMA feed over H-ZSM-5-35 reduces
the amount of NH3 observed, most likely due to reaction between NH3 and
CH3OH to form MMA. The rate of DMA production remains essentially
unchanged with CI-I3OHaddition, but there is a slight increase in the rate
of TMA formation.

The effects of methanol addition to DMA are similar to the behavior
observed for MMA disproportionation. Specifically, methanol addition leads
to a threefold decrease in the amount of MMA formed from DMA, while the
rate of TMA formation remains essentially unchanged upon addition of
methanol to DMA.

Methanol Dehydration
The dehydration of methanol to form DME was studied at 603 K by

flowing CH3OH at 4-28 Torr over H-ZSM-5-35. The reaction appears to be
second order with respect to methanol pressure. Furthermore, the rate of
DME formation with methanol is approximately 20 times faster than that
under methylamine synthesis conditions, i.e., in mixtures of methanol and
ammonia.

Adsorption of Reactants/Products of Methylamine Synthesis

Experimental
Two of the above catalysts employed in our kinetic studies were also

used for calorimetric adsorption studies: H-ZSM-5 and H-mordenite. The
calorimeter temperature was typically 473 K for these experiments. The
following molecules were used in this series of adsorption studies:
ammonia, monomethylamine, dimethylamine, trimethylamine, methanol,
dimethyl ether, and water. Co-adsorption experiments were also
conducted, in which methanol or DME was first adsorbed on H-mordenite
at 473 K, followed by ammonia adsorption at 473 K.

Infrared spectra were recorded using a Nicolet model 7199C Fourier
transform infrared spectrometer. Methanol, ammonia, and
monomethylamine were used in these adsorption studies. Each molecule
was allowed to adsorb at room temperature. Helium was then flowed at
100 cm3/s through the treatment cell, and spectra were taken after the
initial helium purge at room temperature and at various temperatures up
to typically 623 K. In-situ reaction studies were also performed with the
H-ZSM-5 catalyst under partial pressures of 10 Torr CH3OH, 7 Torr NI-I3,
and 743 Torr He.

Mi_orimetric Adsorption Studies
The differential heat of adsorption versus coverage for ammonia on

H-ZSM-5 was shown earlier in Figure 4. There are two plateaus
corresponding to adsorption on strong and weak sites. The strong sites have
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, an average heat of adsorption of 149 + 10 kJ/mol. The weak sites adsorb
ammonia at 69 + 4 kJ/mol. There are approximately 300 ttmol/g of strong
sites. Infrared spectroscopy shows that these sites are Brcnsted acid
centers. The behavior for ammonia adsorption on H-mordenite is similar to"
that on H-ZSM-5. The major difference between these two samples is that
mordenite also has a few very strong sites in addition to the large number of
strong sites. We have also observed the very strong sites for pyridine
adsorption on H-mordenite. The total number of strong adsorption sites is
approximately 900 j_mol/g, with an average heat of ammonia adsorption of
157 ± 8 kJ/mol. The weak sites adsorb ammonia at 72 ± 2 kJ/mol.

Figure 20 shows the differential heat plot for monomethylamine
adsorption on H-ZSM-5. The heat of adsorl;tion gradually decreases from
230 to 180 kJ/mol as the coverage increases to 300 _nol/g. The average heat
of adsorption for these sites is 210 ± 11 kJ/mol. Weak sites of MMA
adsorption strength equal to 102 + 4 kJ/mol are titrated between 330 and 350
_tmol/g. However, at higher coverages a higher heat is observed, probably
due to bimolecular reactions between amine molecules. MMA adsorption
on H-mordenite also shows a plateau corresponding to sites with heats that
decrease monotonically with increasing coverage. At high coverages, an
apparent increase in heat with each dose i_ also observed. The number of
sites titrated by MMA for H-mordenite is lo_er than the number titrated by
ammonia, approximately 520 _mol/g.._T,e average heat of adsorption for
the strong sites is 219 + 10 kJ/mol, and for the weak sites the corresponding
value is 97 ± 6 kJ/mol.

The differential heat of DMA adsorption on H-ZSM-5 is essentially
constant at 250 ± 10 kJ/mol with increasing coverage, and it decreases to
135 ± 10 kJ/mol at high coverages. The differential heat curve for DMA
adsorption on H-mordenite shows a gradually decreasing heat of
adsorption followed by titration of weak sites. As for MMA adsorption, high
heats are observed at high coverages probably due to reactions between
amine m_lecules,The averageheatsofDMA adsorptionon thesesitesare
212± 7and 134± 6kJ/molrespectively.

TMA adsorptionon H-ZSM-5 showsa graduallyslopingdifferential
heatcurve.The averageheatofadsorptionforthefirst200 ttmol/gofsites
titratedis154± 4 kJ/mol,The heatofadsorptionforthestrongestsitesis
lowerthanthatforMMA and DMA. Thisbehaviorissurprisinggiventhat
TMA has thehighestprotonaffinityofthemethylamines.The adsorption
behaviorofTMA on H-mordeniteissimilartothatforTMA adsorptionon
H-ZSM-5.Insteadofwell-definedplateaus,thedifferentialheatof
adsorptionsteadilydecreaseswithincreasingcoverage.At a coverageof
approximately700 ttmol/g,theheatdecreasesmore rapidly.The average
strengthofTMA adsorptionon sitesup tothiscoverageis143± 4 kJ/mol.
As withadsorptionon H-ZSM-5,theheatofTMA adsorptionon
H-mordeniteislowerthanthatforMMA orDMA.

Figure8 showedearlierthedifferentialheatplotfordimethylether
adsorptionon H-ZSM-5.Some sitesapparentlyhaveveryhighstrength,
whereasa largenumber ofsiteshave an intermediateheatof96± 3 kJ/mol.
Weak sitesalsoexistwithan averageheatofDME adsorptionequalto44 ± 2
kJ/mol.Approximately320 pmol/gofstrongsitesaretitratedby DME. We

'4
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ha,realsomeasuredthedifferentialheatofadsorptionofDME onu

H-mordeniteat373 ICThereisan initialregionofhigh-strength
adsorption,followedby adsorptionon siteswitha heatequalto87± 4
kJ/mol.The heatofadsorptiondecreasesgraduallywithcoverageto60
kJ/mol.The adsorptionofDME titratesstrongsitesup toa coverageof750
ttmol/gon H-mordenite.

The differentialheatofmethanoladsorptionon H-ZSM-5 at373 K
indicatesthatthestrongsitesadsorbCH3OH at80± 3kJ/mol,whilethe
weak sitesgivea heatofadsorptionnear66± 3 kJ/mol.The heatsof
methanoladsorptionon strongand weak sitesofH-mordeniteareequalto
100± 4 and 71± 3 kJ/mol,respectively.

The differentialheatofadsorptionofwateron H-ZSM-5 at373K
showsone discernableplateau,withan averageheatofadsorptionof
61 ± 2 kJ/mol.The differentialheatcurveforwateradsorptionon H-
mordeniteat423 K showsan initialdecreaseinheatofadsorption,followed
by a longplateau,withan averageheatofadsorptionequalto75:i:2 kJ/mol.

Ammonia adsorptionwas studiedon H-mordenitefollowing
treatmentwithmethanol.Inparticular,methanoladsorptionat473 K was
continuedtoan equilibriumpressureof5 Torr,and gaseousmethanolwas
thenevacuated.The catalysttemperaturewas raisedto523 K,and the
catalystdegassedovernightata pressureof10-5Torr.Ammonia adsorption
was thenconductedat473 K.Methanolpreadsorptionfollowedby
evacuationhas theeffectofreducingthenumber ofstrongadsorptionsites.
The heatofadsorptionon theremainingBrcnstedsitesisnotaffectedby the
irreversiblyboundmethanolspecies.The effecton ammonia adsorptionof
DME preadsorptionwas similartothatfoundformethanolpreadsorption.

Ammonia was adsorbedatroom temperatureon H-ZSM-5 ata
pressureof7 Torr.The IR bandsdue tosilanoland acidichydroxylgroups
areeliminatedwith room temperatureammonia adsorption.Increasing
the desorption temperature led first to _mmonia desorption from the silanol
groups, with essentially complete desorption by 573 K. Ammonia bound to
Brcnsted hydroxyls began to desorb at 573 K. The corresponding spectra for
the N-H vibration regions are shown in Figure 21. Following adsorption at
room temperature, and with residual ammonia in the gas phase, there is a
broad band between 3400 and 2800 cm'l corresponding to weakly adsorbed
ammonia, as well as strong bands at 1621 and 1493 cm-1. The band at
1493 cm-1 corresponds to ammonium ions due to ammonia associated with
a Brcnsted acid sites, while that at 1621 cm-1 is most likely due to
interaction of ammonia with residual Na +. As gas-phase ammonia is
purged and the catalyst temperature raised to 373 K, the bands due to
weakly held ammonia disappear. With increasing temperature from 473 K
to623 K,theband due toammonia adsorbedon Brcnstedsitesdecreasesin
intensity.

Monomethylaminewas adsorbedon H-ZSM-5 ata pressureof
approximately40 Torr.The generalbehaviorwas similartothatfor
ammonia adsorption,exceptthatthehydroxylband due toBrcnstedsites
was notrecovered,evenat673K.Thisbehaviorisconsistentwiththefact
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. that MMA adsorbs more strongly than NH3. Figure 22 shows the infrared
spectra in the region of MMA absorbance afl_r MMA adsorption at room
temperature and aRer purging in flowing He at room temperature and at
increasing temperatures. Weakly adsorbed MMA gives rise to a broad
series of bands in the range 3200 - 2600 cm"1.The strong bands at 1597 and
1464 cm'l are the asymmetric and symmetric vibrations of MM adsorbed
on Br_nsted acid sites. The presence of these two bands at high
temperatures indicates that adsorption of MMA is strong on the Br_nsted
acid sites.

F_mre 23 shows spectra for H-ZSM-5 with methanol adsorbed at
7 Torr and 298 K, after initiating a flow of He at 298 K and raising the
catalyst temperature. Room-temperature adsorption of methanol results in
a broad band with peaks at 2949 and 2842 cm-1 and shoulders at 2989 and
2922 cm'l. These peaks in the 2900-2800 cm"1region are due to the O-H
stretcE of hydrogen-bound methanol. Purging with He and raising the
temperat___e to 523 K results in the elimination of ali bands but those at 2957
and 2856 cre-1. The sharp peak at 2856 cm-1 is assigned to the symmetric
CH3 vibration of methoxy groups resulting from methyl substitution at
Brcnsted acid sites; the accompanying broad band at 2957 cm-1 is the
corresponding asymmetric CH3 vibration.

Figure 24 shows IR spectra of H-ZSM-5 collected under methylamine
reaction conditions. The bands at 2922 and 2989 cm-1 disappear at
temperatures above 373 K, leaving only the pair of methoxy bands at 2957
and 2855 cm -1. The region of amine absorbance under reaction conditions is
shown in Figure 25. The peak centered at 1469 cm-1 is most likely due to
ammonia adsorbed on Brcnsted sites. A second small peak at 1625 cm"1can
be assigned to ammonia adsorbed at Na + cations. Increasing the reaction
temperature to 523 K results in decreasing amounts of adsorbed ammonia.
At 573 K, two new peaks appear, centered at 1611 and 1465 cm-1. These
bandscanbe assignedtoMMA.

Implications of Results
Table 4 summarizes the proton atrmities and the heat of adsorption

data for the reactants and products in methylamine synthesis. Molecules
with a higher proton affinity have higher heats of adsorption.
Trimethylamine is a notable exception, and this result may be due to steric
effects. Ammonia has a higher heat of adsorption than methanol and
would be expected to be the dominant species adsorbed on the Br_nsted acid
sites in the presence of these two gases. Monomethylamine, the primary
reaction product at low conversion, has a higher heat of adsorption than
ammonia, and MMA might, therefore, be expected to occupy a significant
fraction of the adsorption sites under reaction conditions. The infrared
spectroscopy results for NH3 and MMA confirm that these molecules
coordinate with the Br#nsted acid sites, and spectra at increasing
desorption temperatures are consistent with the measured strengths of
adsorption on the hydrogen-bonding and Brensted sites of H-ZSM-5.

Methanol can coordinate with Brensted acid sites and also transform
Brcnsted hydroxyl groups into methoxy groups. DME can also form
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. methoxy species.An importantresultrevealedby thecoadsorption
experimentsisthatmethoxygroupscanactonlyasweak adsorptionsites
foramines.The _.n-situinfraredspectroscopyresultsofthisstudyare
consistentwiththeideathatmethoxygroupsmay beimportantspedesin
methylaminesynthesis,eitheras activespeciesorasspeciesthatblockacid
sites.Under reactionconditions,evenattemperaturesup to673 K,methoxy
groupscanbe observedon thecatalystsurface.The insituIF.experiments
alsosuggestthatammonia coverageislowon thecatalystsurfaceduring
reaction.In contrast,MMA coverageincreasesas temperatureincreases
from573 K to673I_Thisisthetemperaturerangeinwhichtherateof
methylaminesynthesisbecomessignificant.The insituIR studiesthus
show thattheBrCnstedacidsitesbecomelargelycoveredby methylamines
and methoxy speciesunderreactionconditions.

Cyc for Synmew
General Aspects of Reaction Kinetics

Our kineticstudiesofmethylaminesynthesisshow thatthe
methylamineformationrateisfirstorderwithrespecttotheAmmonia
pressureforreactiontemperaturesfrom603 K to723 K.Thisdependenceof
rateon ammonia pressuresuggeststhatthesurfacecoverageofammonia
islow.As shown above,theammonia adsorptionsitesmay be primarily
coveredwithmethylamines,whichadsorbmore stronglythan ammonia.

For allofthecatalystsstudied,therateofDME formationisinversely
proportionaltoammonia partialpressure.Thisbehaviorindicatesthat
ammonia blockssurfacespeciesinvolvedinDME formation.Methoxy
speciesareprobablesurfaceintermediatesinvolvedinmethanol
dehydrationtoDME, and thesespeciesareapparentlyblockedby adsorbed
ammonia or amines.

An importantresultofthisstudyisthatthedependenceofthe
methylaminesynthesisrateon themethanolpressureisrathercomplex.
Basedon adsorptionthermodynamicsalone,thesurfacecoverageof
adsorbedmethanolon theacidsitesisexpectedtobe lowincomparison
withthestronglybasicamines.The observedmethanoldependenceofthe
ratemust,therefore,be kineticallyratherthan thermodynamically
controlled.

DisproportionationofMMA and DMA isfasterthantherateofMMA
formationfrom methanoland ammonia. The factthatTMA isreadily
formedfromDMA on H-ZSM-5-35demonstratesthattheporestructureof
H-ZSM-5 doesnotlimitTMA formation.SinceMMA formationcanbe
observedwithoutdetectionofDMA undermethylaminesynthesis
conditions,we concludethatthedisproportionationpathwaysareslower
undermethylaminesynthesisconditions,due tothepresenceofsurface
species(e.g.,methoxy species)formedfrommethanolordue tothefactthat
thepressuresofMMA and DMA arehigherundertheamine
disproportionationreactionconditionsemployedinour studies.

The rateofmethanolconversiontodimethyletherissignificantly
slowerinthepresenceofammonia orotheramines.Accordingly,this
reactionpathway issuppressedundermethylaminesynthesisreaction
conditions.Thisbehaviorisfurtherevidencethatmethanoldehydration
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. tares piacethrough an intermediate(e.g.,methoxy species)thatisblocked
by adsorbed ammonia and amines.

Formulation of Catalytic Cycle
Infrared spectroscopy studies give clear evidence for the presence of

methoxy species on H-ZSM-5-35 in flowing methano|. These species are also
present in smaller amounts under reaction conditions for methylamine
_ynthesis. We suggest that methoxy species are reactive intermediates in
the dehydration of methanol to DME. Indeed, there is considerable
literature evidence for alkoxy species being important for carbenium ion
chemistry and as intermediates in DME formation e.g., [15-18] It is less
clearwhether thesespeciesare involvedin the sywthesisofmethylamines
from methanol and ammonia.

The calorimetric studies show that in addition to acid sites, ali
catalysts possess non-acidic sites on which the reactmlts and products of
this study adsorb with strengths ranging from about 50-140 kJ/mol. These
sites may be associated with hydrogen bonding or non-specific interactions
within the catalyst micropores (e.g., van der Waals interactions,
polarization effects).

We now present a general sequence of steps that describes the
essential aspects of methylamine synthesis and related catalytic processes.
The first steps in the sequence are adsorption and desorption of ali
reactants and products onto the weak, non-acidic sites of the catalyst,
represented by #:

1. CH3OH + # ¢_ CH3OH#

2. H20 + # ¢_ H20#

3. DME + # ¢_ DME#

4. NH3 + # ¢_ NH3#
5. MMA + # ¢_ MMA#

6. DMA + # ¢_ DMA#

7. TMA + # ¢_ TMA#

These steps are followed by migration of weakly adsorbed species on #-sites
to acid sites, represented for simplicity as Br_nsted acid sites OH*:

8. NH3# + OH* ¢_ NH40* + #

9. MMA# + OH* ¢_ HMMAO* + #

10. DMA# + OH* ¢_ HDMA0* + #

11. TMA# + OH* ¢_ HTMAO* + #

The adsorption of methanol, water, and DME onto the acid sites has not
been included because the interactions of these molecules with acid sites
are weak. (We note that all of the catalysts studied in our work show
primarily Br_nsted acidity, and as such we have no information regarding
the possible catalytic properties of Lewis acid sites.)

The dehydration of methanol to DME can be represented by adding
the following two reaction steps involving methoxy species:

12. CH3OH# + OH* ¢_ CH30* + H20#

13. CH3OH# + CH30* ¢_ OH* + DME#
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. The catalytic cycle for methanol dehydration thus consists of Steps 1,2,3,12,
and 13. This reaction can exhibit first- or second-order kinetics with respect
to methanol pressure, depending on whether the surface methoxy coverage
is zero or first order with respect to methanol. Also, this reaction will be
suppressed in the presence of ammonia or amines, since these nitrogen-
bases interact more strongly with acid sites than do methoxy species.

Methylamine synthesis and disproportionation reactions can be
written with or without participation of methoxy species. Consider, for
example, the following steps:

14. NH3# + CH30* ¢_ HMMA* + #
15. MMA# + CH30* ¢_ HDMA* + #
16. DMA# + CH30* ¢_ HTMA* + #

The catalytic cycle for MMA disportionation is comprised of Steps
4,5,6,8,9,10,14, and 15. The difficulty with this cycle is that it cannot predict
the observed effect of adding methanol to MMA, i.e., the suppression of
ammonia formation. In particular, the NH3# produced in the reverse of
Step 14 cannot readsorb on acid sites because these sites are covered by
strongly adsorbed MMA species. Therefore, methanol reacts with methoxy
species in Step 13 to form DME. In contrast to this predicted behavior, the
experimental data show that DME is not produced when methanol and
MMA are passed over H-ZSM-5.

To solve this problem, consider the following steps for methylamine
disproportionation reactions involving reactions between weakly and
strongly adsorbed species:

17. HMMAO# + HMMAO* _ NH40# + HDMAO*
18. HMMAO# + HMMAO* ¢o SH40* + HDMAO#
19. HDMAO# + HDMAO* ¢_ HMMAO# + HTMAO*

20. HDMAO# + HDMAO* ¢_ HMMAO* + HTMAO#
The physical basis for Using steps such as 17 and 18 is that the

quaternaryaminespeciesassociatedwiththeacidsitesmay rotateon the
surfacesuchthatdisproportionationofthesespecieswithweaklyadsorbed
amine speciesmay leadtoeitherofthereactionproductsbecoming
associatedwiththeacidsite.The reactionschemerepresentedby Steps17-
20 isalsoconsistentwiththeexperimentalresultthattheratesofMMA
and DMA disproportionationarean orderofmagnitudehigherthanthe
rates of methylamine synthesis from methanol and ammonia. In
particular, the pressures of MMA and DMA under the methylamine
synthesis conditions of this study are at least an order of magnitude lower
than the pressures of MMA and DMA employed for studies of
disproportionation reactions. While the surface coverages by strongly
adsorbed HMMAO* and HDMAO* are not sensitive to the MMA and DMA
pressures, the surface coverages by weakly adsorbed MMA# and DMA#
are directly proportional to pressure; therefore, the reaction scheme
represented by Steps 17-20 gives the proper dependence of the
disproportionation rate on pressure. Finally, Steps 17-20 also give the
proper rate of disproportionation when employing reasonable values of
preexponential factors.
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, The reactionsteps(replacingSteps14-16)leadingtomethylamine
synthesis and to the effects of adding methanol to MM and DMA may be
rewritten as:

21. CH3OH# + NH40* ¢_ HMMAO* + H20#
22. CH3OH# + HMMAO* _-_HDMAO* + H20#
23. CH3OH# + KDMAO* ¢_ HTMAO* + H20#
The proposed catalytic cycle represented by Steps 1.1.3 and 17-23 is an

attempt to capture in a consistent fashion the catalytic chemistry of the
methylamine synthesis and related reactions. Major points that must be
satisfied by this catalytic cycle are that methylamine synthesis involves the
formation and participation of very strongly adsorbed species, and the rate
of methylamine synthesis is a rather comp|ex function of the methanol
pressure.

In the absence of weak sites, methylamine species must desorb
directly from the acid sites to the gas phase. Since the heats of adsorption of
MMA and DMA are at least 200 kJ/mol, the maximum rates of desorption
are equal to 10.5 sec"1at 623 K, assuming a normal value of the desorption
preexponential factor equal to 1013 sec "1.This maximum rate is several
orders of magnitude lower than the observed rate of methylamine
disproportionation. Furthermore, the activation energies of methylamine
synthesis and related reactions are significantly lower than the heats of
MMA or DMA adsorption on the acid sites. However, the desorption of
strongly adsorbed MMA and DMA onto weaker sites is much faster (e.g.,
104 sec-1), and high turnover frequencies for MMA and DMA
disporportionation can be achieved. Accordingly, we reach the important
conclusion that acid sites, as well as weak adsorption sites, are critical for
methylamine synthesis and related reactions, i.e., acid sites are required
forthecriticalreactionstepsand weak sitesarerequiredtofacilitate
desorptionofstronglyadsorbedaminesfrom theacidsitesand for
disproportionation.

The complexreactionkineticsofmethylaminesynthesiswithrespect
tothemethanolpressurecanbe explainedby theproposedcatalyticcyclein
termsofthesurfacecoverageby CH30*. Forexample,whilethesespecies
areinvolvedinDME formationfrommethanol,surfacemethoxy species
arenotapparentlyinvolvedinmethylaminesynthesisordisproportionation
steps,and highersurfacecoveragesby thesespeciesleadtolowercoverages
ofreactiveamine specieson theacidsites.Furthermore,DME formation
undermethylaminesynthesisreactionconditionsisnotinhibitedby
methanol,and thisobservedbehaviorisconsistentwiththesuggestionthat
methoxyspeciesarerevctiveintermediatesforthisreaction.
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Tables

TableLC_ _roi_ies

Sample Acid Site Density Average Brensted site

(ttmol/g) strength (kJ/mol for

p_-ridine adsorption)

NaHY-82 1450 138 i,|

NaHY-65 1000 152
Jl i

NaHY-33 360 146

HYC 180 Br_nsted/308 total 165

H-mordenite 710 204

H-_-5-13 670 181.6

H-ZSM-5-27 603 (estimated) not measured

H-ZSM-5-225 74 (estimated) not measured m|

H-ZSM-5-35 360 181

SAC 90 Brcnsted/204total 146
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. Tal_ 2.S,,,,,'-,,,,,,,_of.+Al__ .4,_Ism_m_
i

Sample ActivationEner[_ies

Total MMA DMA TMA DME

Amines

NaHY-82 25.74 17.06 24.24 43.11 17.10

NaHY-65 21.53 10.40 24.63 39.35 11.90

NaHY-33 12.39 11.01 18.22

HYC 18.96 13.39 24.22 37.55 21.89

H-mordenite 17.13 15.53 23.79 26.24 2.91
i

H-ZSM-5-13 15.89 13.77 21.32 37.24 15.36
ii

H-ZSM-5-27 20.90 18.35 22.09 35.67 9.21

H-ZSM-5-225 16.54 15.97 24.29

H-ZSM-5-35 14.43 14.04 18.10 38.42 12.74

SAC 20.23 12.97 21.53 33.97 12.75

Average 18.80 15.29 20.61 33.63 13.82
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Table 3 Methylamine Syn_ Turnover Prequenc_es at 6b_ K

Sample Turnover

Frequency (ksec"1)

NaHY-82 2.3

NaHY-65 0.5

NaHY-33 0.1

HYC I.I

H-mordenite 2.1
i

H-ZSM-5-13 1.1

H-ZSM-5-27 0.8

H-ZSM-5-225 0.1

H-ZSM-5-35 1.6

SAC 4.1

o, ,_.
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Figure 1. Differentialheat ofpyridineadsorptionversus pyridine
coverageonH-ZSM-5at 473K.
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Figure2. Differentia]heatofpyridineadsorptionversuspyridine
coverageonH-mordeniteat 473K.
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Figure 3. Differential heat of pyridine adsorption versus pyridine
coverage on HNa-Y zeolite at 473 K with 33, 6,5, and 82% of the

Na exchange cations replaced by protons.
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Figure 4. Differential heat of ammonia adsorption versus ammonia
coverage on H-ZSM-5 (*) and H-mordenite (o) at 473 K.
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Figure 5. Temperature-programmed desorption results for ammonia

from H-ZSM-5. Solid curve is the experimental spectrum and the
dashed curve is a computer simulation. (Heating rate = 10 K/min)
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Figure 6. Temperature-programmed desorption results for ammonia
from H-mordenite collected at different flow rates and sample

" weights. (o) 0.42 c m3/sec (*) 1.25 c m3/sec
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Figure 7. Pyridine uptakes on H-ZSM-5 measured by thermogravimetry
as isobars at 20 mTorr (o) and 50 mTorr (0), and an isotherm at 523 K (A).
Fits of the data by combination of Langmuir isotherms appear as lines.
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Figure 8. Differential heat of dimethyl ether adsorption versus dimethyl
ether coverage on H-ZSM-5 at 473 K.
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Figure 9. Differential heat of ammonia adsorption versus ammonia coverage on
HNa-Y zeolite at 423 K with 82 % of the Na exchange cations replaced by

protons (o). Results from thermogravimetric measurements by Boudart
[3] and co-workers (.) are shown for comparison.
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Figure 10. Differential heatof adsorptionversuscoveragefor ammoniaat 423 K (A),
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measurements by Deeba and Hall [1] (,)
are shown for comparison.
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Figure11.SD NMR spectraof(a)D-Y zeolite(1024scans),(b)compositefit,
sum of(c)and (d),(c)Gaussianpeak:63.1khz FWHI-I,64% ofarea,

(d)quadrupolarpattern:QCC=234 khz,11=0.03,46% ofarea,
(e)differencebetweenspectrumand fit.
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Figure12.SD NMR spectraand fitsof(i)D-Y zeoliteafteradsorptionofNI_
(624scans:76% Gaussian,13.3kI-IzFWHI-I;24 % Gaussian,48.1khz
FWHI-I),and (ii)same sampleafterevacuationat450°Ctodesorb

ammonia (16587scans:53% Gaussian,59.5khz _;

47% quadrupolarpattern,QCC=234 khz,11---0).
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Figure 13. 2D NMR spectra and fits for D-ZSM-5 and D-mordenite. D-ZSM-5 is

fitted by (a') QCC=100 kHz, q=l, 31% of area, (7) 65 kHz FWHH, 8% of area,
(_) QCC=64 kHz, q---.0,15% of area, and (a) QCC=219 kHz, 11=0,46% of area.

D-mordenite is fitted by (_) QCC=67 kHz, rl=0, 30% of area, (5) 6 kHz FWHH, 6% of

area, (a') QCC= 220 kHz, q=1, 55% of area, and (7)60 kHz FWHH, 9% of area.
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Figv"_ 14. Arrhenius plots for total methylamine production on

._ _&IY-82 (*), H-mordenite (A), SAC ($), and H-ZSM-5-35.
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Figure 15. Arrhenius plots for DME production on NaHY-82 (*),

H-mordenite (o), SAC (0), and H-ZSM-5-35.
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Figure 17. Dependence of DME production rate on ammonia
partial pressure.
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Figure 18. Dependence of methylamine production rate on methanol
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Figure 19. Arrhenius plot for MMA disproportionation on H-ZSM-5.
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Figure 20. Differential heat of monomethylamineacisorptionversus
monomethylaminecoverageon H-ZSM-5at 473 K.

35



NH3-Na*Z

I NH4*'Z

• g !

1 "b
o
| c

._g a

.__

.5

f

I '
Flaqumlcylcre-li

Figure 21. Infrared spectra for NH3 region for (a) NH3 at 7 Torr and room
temperature, (b) after purging with t-Ie at room temperature, and

(c) 373 K, (d) 473 K, (e) 523 K, (f) 573 K, and (g) 623 K.
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Figure 22. Infrared spectra for MMA region for {a) MMA at 7 Torr and
room temperature, (b) after purging with He at room temperature,

and (c) 373 K, (d) 473 K, (e) 573 K, and (f) 673 K.
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Figure 23. Infrared spectra for methanol region for (a) CH30H at 7 Torr
and room temperature, (b) after purging with He at room temperature,

and (c) 373 K, (d) 473 K, (e) 523 K, (f) 573 K, and (g) 623 K.
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Figure 24. Infrared spectra for methanol region for (a) CH3OH at 10 Torr
and NH3 at 7 Torrand room temperature and at Co)373 K, (c) 473 K,

, (d) 523 K, (e) 573 K, (f)623 K, and (g) 673 K.
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Figure 25. Infrared spectra for NH3 and MMA region for (a) eHaOH at
10 Torr and NI-I3 at 7 Torr and room temperature and at (b) ata _
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