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We have used infrared spectroscopy to investigate the decomposition of the gas-phase (Me)3M:NH3 (M )
Al, Ga, In) adducts from room temperature to 573 K, at reactant concentrations in the nominal range used for
Al(Ga,In)N metal organic chemical vapor deposition. At 473-523 K TMAl:NH3 decomposes quantitatively
to yield (Me2)AlNH2 and CH4. Comparison of the experimental and theoretical spectra indicates that the
majority of the aluminum metal organic product exists in dimer form, i.e., [(Me2)AlNH2]2. The decomposition
reaction exhibits unimolecular decomposition kinetics with rate constant parameters ofν ) 1 × 1012 s-1 and
Ea ) 25.7 kcal/mol. At temperatures<543 K, TMGa+ NH3 and TMIn + NH3 mixtures are dominated by
reversible adduct formation-dissociation with no detectable quantities of CH4 produced. At 574 K a small
amount of decomposition is observed in TMGa+ NH3 mixtures, which can be explained by a simple kinetic
model that includes the effect of adduct equilibrium. Results demonstrate that the (Me)3Al:NH3 decomposition
rate is fast enough to contribute to the early stages of a concerted parasitic chemical reaction mechanism, but
the (Me)3Ga:NH3 decomposition rate is too slow.

1. Introduction

Metal organic chemical vapor deposition (MOCVD) is the
dominant method of depositing AlN, GaN, and AlGaInN alloy
semiconductor thin films.1 The method almost always involves
reacting the group-III metal organics, trimethylaluminum (TMAl),
trimethylgallium (TMGa), and/or trimethylindium (TMIn) with
ammonia. Unfortunately, the high temperatures (1000-1400 K)
required to deposit high-quality material can also lead to the
initiation of a sequence of gas-phase parasitic chemical
reactions.2-10 These reactions may ultimately lead to nanopar-
ticle formation that can consume a significant fraction of the
group-III growth precursor.6-9 This loss of growth precursor
produces temperature-dependent thin film growth rates under
conditions that are normally mass-transport limited. The parasitic
reactions also cause the growth rates and alloy compositions to
vary nonlinearly with precursor concentration. All of these
effects generally make it much harder to control and reproduce
the MOCVD process. Our ability to understand and model these
chemical processes should lead to improvements in reactor
design and operational conditions.

As previously reported, these parasitic chemical reactions lead
to formation of gas-phase nanoparticles,7-9 which are suspended
away from the growing film by a thermophoretic force. These
nanoparticles represent the end product of a sequence of gas-
phase nucleation and particle growth reactions that are still not
well understood. Any attempt to understand the parasitic
chemical mechanism must account for adduct formation reac-
tions between NH3 and TMAl, TMGa, or TMIn, as in reaction
1.

Formation of the group-III/ammonia adduct, (CH3)3M:NH3,
appears inevitable at the point where the gases are mixed in
any conventional MOCVD system. Whether or not these
reactions represent the first step in the parasitic chemical reaction
mechanism is still somewhat controversial and may depend on
which group-III element is involved. In some cases (Al, Ga)
and conditions, simple physical condensation or homogeneous
nucleation of the adduct may occur due to its low vapor
pressure.11 Following adduct formation, a next likely step
involves a CH4 elimination reaction (see reaction 2), forming
the (CH3)2M-NH2 species (sometimes referred to as an
“amide”12). Oligomerization and further CH4 elimination and
could initiate particle nucleation, although a detailed understand-
ing of these latter steps is lacking. We will refer to this pathway
as the “amide”, or concerted parasitic chemical, mechanism.

Another scenario is that reactions 2 and 3 (and subsequent
related steps) are not fast enough to be significant, and simple
pyrolysis of the precursors at high temperatures is the driver
for particle nucleation. There is much qualitative and quantitative
evidence suggesting that the AlN chemistry is dominated by
the “amide”, or concerted pathway, while the GaN and InN
chemistry is dominated by the “radical” pathway.9 One goal of
this paper is to put this assertion on a more quantitative basis
by measuring the kinetics of the gas-phase adduct dissociation
step, reaction 2. A previous paper reported the adduct equilib-
rium constants for TMGa and TMIn.13

Much of what is known regarding the adduct chemistry
involves solid, liquid, or solution studies of the Al and Ga
precursors. In the case of solid (Me)3Al:NH3, methane elimina-
tion begins at the melting point (∼328 K) and is complete at* Corresponding author. E-mail: jrcreig@sandia.gov.

(Me)3M + NH3 T (Me)3M:NH3

reversible adduct formation (M) Al, Ga, In) (1)

(Me)3M:NH3 f CH4 + (Me)2M-NH2

methane elimination, amide formation (2)

[(Me)2M-NH2]n + (Me)2M-NH2 T [(Me)2M-NH2]n+1

association reactions (n ) 1, 2, ...) (3)
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∼343 K.12 A second decomposition step begins at the amide
melting point (∼413 K). (Me)3Ga:NH3 exhibits very similar
chemistry, evolving the first methane at 343-393 K and forming
the amide, (Me)2Ga-NH2.14,15Heating this product above 413
K also initiates further methane evolution.14 Using these
observations to infer what happens in the gas-phase MOCVD
environment may not be straightforward. Catalyzed16 and higher
order mechanisms available in the condensed phase may not
be viable in the gas phase due to much lower densities. The
time scales of the two environments are also considerably
different. Most of the condensed phase observations were done
in a batch mode, over a period of minutes to hours, while the
MOCVD process in done in a flowing gas stream with residence
times of a few seconds or less.

We have recently shown, using IR spectroscopy, that at∼520
K the TMAl:NH3 adduct is completely converted into gas-phase
(CH3)2AlNH2 at nominal MOCVD concentrations, pressures
(50-200 Torr), and residence times.9 The results for the (Me)3-
Ga-NH3 adduct are more varied and controversial. Using a flow
tube reactor with mass spectrometer detection, Thon and
Kuech17 reported that the (Me)3Ga:NH3 adduct decomposes
quantitatively at “an extremely high rate” atT > 423 K for the
gas-phase conditions they studied (76 Torr). We note that they
report no (CH3)xGaNHy ions in the mass spectrum for the amide.
Schäfer et al.18 used mass spectroscopy in a flow system (30
Torr) with sampling through a heated substrate and detected
some signals attributed to the amide dimer, i.e., [(CH3)2GaNH2]2,
in the 300-523 K range, although the intensities were very small
relative to the original TMGa signal. Bergmann et al.19 also
used mass spectrometric sampling of a flow tube reactor (20
Torr, 100 ms residence time) and detected similar ions related
to the amide dimer but also at intensities less than 1/100 of the
initial TMGa signal. In our previous work using IR spectroscopy
as the diagnostic9,13 we found no measurable CH4 formation in
TMGa + NH3 mixtures below 543 K, with a minimum CH4
detection limit of∼0.5% TMGa decomposition. Several other
IR observations of the gas-phase (Me)3Ga:NH3 adduct have
been,20-22 but the kinetics of adduct decomposition or dissocia-
tion were not ascertained. Much less is known about the TMIn-
NH3 adduct chemistry, although our previous work was similar
to our TMGa-NH3 findings, no measurable CH4 at temperatures
below 543 K.9,13

Several groups have investigated the relevant adduct and
amide chemistry using quantum chemical calculations, in
particular with density functional theory (DFT).23-29 In many
cases transition states where calculated for unimolecular de-
composition of the adducts. Mihopoulos et al.6 constructed an
AlN MOCVD mechanism using the calculated (and estimated)
rate constants for reactions 1-3 that reproduced many of the
unusual MOCVD features observed experimentally.

For (Me)3Ga:NH3 the calculated activation energies are in
the range of 30-34 kcal/mol, which when combined with
calculated or estimated values for the preexponential factors6,23,29

can be used to determine the unimolecular decomposition rate
constant. The results generally yield rate constants that are much
too small to be consistent with the Thon and Kuech observation.
Some have questioned whether the amide pathway is in fact
viable or important for GaN MOCVD.9,29 Using DFT, more
complex bimolecular pathways for (Me)3Ga:NH3 decomposition
have been found with substantially lower activation ener-
gies,23,25,27 but it is not known if the overall rates for such
processes are significant at MOCVD conditions.

In this paper we examine the kinetic details of reaction 2 for
the aluminum species. We also more closely analyze the

vibrational modes of the product and determine the degree of
association. In contrast to our earlier assignment9 the amin-
odimethylalane (dimethylaluminum amide) species is found to
dimerize under the conditions of study. While the irreversible
decomposition reaction of the TMAl:NH3 adduct was easily
observable, evidence for the analogous pathway for TMGa:NH3

and TMIn:NH3 was only found at the very highest temperature.
The results for TMGa:NH3 are consistent with a simple model
that includes the effect of the adduct equilibrium and the
estimated rate constant for decomposition. Extrapolation of this
model for TMGa to higher temperatures shows that theradical
pathway is far more important that theamide pathway for
MOCVD conditions. Experimental results for TMIn are largely
masked by a decomposition reaction that occurs even in the
absence of NH3.

2. Experimental and Theoretical Procedure

Gas-phase infrared spectroscopy was performed with a
Mattson RS-1 FTIR spectrometer at 2 cm-1 resolution. A
heatable long path length gas cell was mounted in the sample
compartment of the instrument, which has been previously
described.13 Briefly, the IR beam enters and exits through a
single KCl window (6 mm thickness) and is folded once with
a Au-coated spherical mirror (r ) 40.6 cm), giving an internal
path length of∼80 cm. This intermediate value of path length
gives a reasonable absorbance for the organometallic precursors
and adducts without producing an excessive absorbance from
the gas-phase NH3 (which is 200-800× higher in concentra-
tion). In all spectra shown for (Me)3M + NH3 mixtures, the
very large NH3 spectrum has been removed for clarity. The cell
could be heated to∼575 K, with the upper temperature limit
determined by the thermal properties of the fluorocarbon-based
elastomeric O-ring used on the KCl window seal. The temper-
ature was measured at several points internally, and the
uniformity was <5 K (typically <3 K). The gas cell was
connected in parallel with our research MOCVD reactor and
operated at flow rates and pressures in the same nominal range
used for AlGaInN deposition. Gases were mixed upstream
before injection into the cell, with concentrations kept below
the onset of adduct condensation.11 A long internal gas inlet
tube allowed the gases to preheat before they were fully
introduced into the cell. The residence time in this internal tube
is ∼600× smaller that the main cell residence time, so it
represents a very small perturbation to the kinetic analysis.

The total pressure was varied from 50 to 200 Torr, with a
total flow rate of 6.5 slm. For this flow rate, at 300 K and 100
Torr total pressure, the mean residence time in the cell is 3.54
s (internal volume) 3.2 L). Hydrogen was used as the carrier
gas. The ammonia flow rate for most experiments was fixed at
1.0 slm, giving P(NH3) ) 15.4 Torr at the 100 Torr total
pressure condition. TMAl, TMGa, and TMIn were delivered
using a standard bubbler configuration to giveP(TMAl-
monomer) ) 23.5 mTorr, P(TMGa) ) 62.8 mTorr, and
P(TMIn) ) 20.3 mTorr at the 100 Torr total pressure condition.
The partial pressure of the reactants scales with total pressure,
so at 200 Torr the values are double the 100 Torr values given
above. We note that there are some variations in the reported
vapor pressure curves for TMAl and especially TMIn, which
can affect the quantitative analysis of the decomposition
products. We use the TMAl curve from ref 30, the TMGa curve
from ref 31, and the TMIn curve from ref 32. We also assume
that TMAl is 100% dimerized at the bubbler conditions and
give flow rates and partial pressures on a TMAl monomer basis.
Methane was supplied via a dilution line configuration and used
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for calibration purposes. At room temperature, 100 Torr total
pressure, and 6.5 slm total flow rate, the detection limit for CH4

is about 0.3 mTorr (0.02 sccm).
Main-group chemistry has been widely studied using density

functional theory (DFT) methods. DFT calculations using the
B3LYP hybrid functional33 were employed in this study to
examine the vibrational frequencies of expected reaction
products between NH3 and the group-III metalorganics. The
Gaussian 03 software package34 was used for all the calculations.
Geometry optimizations were carried out without symmetry
constraints using the 6-31G(d) basis set to locate the stationary
points on the potential energy surface. Frequency calculations
using the 6-31G(d) basis set were performed for each stationary
point to obtain the zero-point energies, thermal corrections, and
infrared frequencies. The calculated stationary points on the
potential energy surface were verified by analysis of the normal
modes as minima by the presence of no imaginary frequencies.
Vibrational spectra were synthesized using the calculated
frequencies and intensities, assuming Gaussian line shapes with
a 30 cm-1 bandwidth. Vibrational frequencies were scaled by
0.96, which is the recommended scaling factor for this basis
set.35 All calculated energies reported in this paper have been
zero-point corrected.

3. Results and Discussion

3.1. Infrared Spectroscopy of (Me)3Al + NH3 Mixtures.
Between 298 and 373 K and for the reactant partial pressures
studied, the (Me)3Al:NH3 adduct is rapidly formed and is
virtually 100% associated. Near room temperature and slightly
above there is also evidence for a 2:1 complex formed for both
(Me)3Al and (Me)3Ga, but this topic is covered in another
publication.36 A number of unique modes appear in (Me)3Al:
NH3 FTIR spectrum (see Figure 1, curve a) that are not
attributed to (Me)3Al (g) or NH3(g). This adduct spectrum is in
good agreement with the reported condensed phase spectra37

and is discussed in more detail in a previous publication.9,36

The IR spectrum of the (Me)3Al:NH3 adduct also shares many
qualitative similarities with the spectra for (Me)3Ga:NH3 and
(Me)3In:NH3.9 Heating above∼373 K leads to adduct decom-
position and the appearance of two new species, CH4 and (Me)2-
Al-NH2 (see Figure 1, curve b). This is in marked contrast to

the behavior of the (Me)3Ga:NH3 and (Me)3In:NH3 adduct,
which undergoreVersibleadduct dissociation up to∼543 K.13

The (Me)3Al:NH3 decomposition reaction (i.e. reaction 2) goes
to completion in the 473-523 K range, depending on reactor
residence time. Removing the methane spectral contribution
from the mixture leaves the pure (Me)2Al-NH2 spectrum
(Figure 1, curve c). Compared to the adduct spectrum, the amide
has differences in the N-H stretching region and two new
modes at 809 and 572 cm-1. We will mainly discuss four
characteristic modes,νa(NH2), νs(NH2), Fw(NH2), andνs(AlC2),
that (with the aid of DFT calculations) identify this species and
determine the degree of association.

We had originally attributed the amide spectrum seen in
Figure 1, curve c, as monomeric (Me)2Al-NH2,9 on the basis
of comparisons to the matrix-isolated monomer results by
Müller.38 The matrix-isolated monomer exhibits an intenseν-
(Al-N) absorption near 810 cm-1, which is indicative of a
strong covalent Al-N bond. For reference, theν(Al-N) mode
in the adduct is at a much lower frequency (383 cm-1),38

consistent with a much weaker dative bond.39 The presence of
the strong 809 cm-1 peak in our gas-phase spectrum previously
led us to propose that the observed (Me)2Al-NH2 species was
monomeric. If the species was dimerized or trimerized, theν-
(Al-N) mode should be shifted to lower frequency, e.g. 450-
600 cm-1,40-43 because of the reduced bond order.39 However,
close comparison of the gas-phase (Me)2Al-NH2 spectrum with
the matrix-isolated results reveals some inconsistencies.

One example is the moderately intense peak at 572 cm-1 that
is not seen for the matrix-isolated molecule, nor was any nearby
mode of significant intensity predicted in Mu¨ller’s calculations.38

This peak is in the range expected for aν(Al-C) mode, which
might be sensitive to the degree of association due to large
changes in the Al-C bonding geometry. In fact, for the dimer
of a related compound, [(Me)2AlN(Me)2]2, theνs(Al-C) mode
appears at 576 cm-1.44

Theν(NH2) modes in the gas-phase species are also signifi-
cantly lower than the matrix-isolated monomer (see Table 1).
If our measured gas-phase spectrum corresponds to the mono-
mer, then the process of matrix isolation requires a blue-shift
of 87 and 70 cm-1 for the νa(NH2) and νs(NH2) modes. A
frequency shift of this magnitude (2.5 and 2.1%) for a stable
molecule is highly unlikely,45 which cast some doubt on the
assignment of the gas-phase species being the monomer.
Another scenario is that the gas-phase species is another related
species but with a different local N-H bonding structure. In
the monomeric (Me)2Al-NH2 molecule a weakπ-bond leads
to a planar Al-N-H geometry38,46 and sp2-hybridized NH
bonding. In the dimer (or trimer) theπ-bond is absent and NH2
groups are sp3-hybridized, which usually exhibits lowerν(N-
H) frequencies (compared to sp2 NH).

While close examination of theν(N-H) region suggest that
the gas-phase species might indeed be associated (e.g. dimeric),
this would also lead to a significant downward shift of theν-
(Al-N) peak near 810 cm-1, yet we still observe a strong mode
at 809 cm-1. For the dimer model to be valid, another mode
must be responsible for the strong peak at 809 cm-1. These
unresolved questions led us to calculate the vibrational spectra
for the monomeric and dimeric (Me)2Al-NH2 species, which
are shown in Figure 2a,b. The dimer spectrum was scaled to
approximate the intensity of the 809 cm-1 mode. The monomer
spectrum used the same dimer scaling factor×2, to simulate
the 2× higher gas-phase molar density.

First, note in Figure 2a and Table 1 that the process of creating
a dimer from two monomers does indeed result in a 70-90

Figure 1. FTIR of TMAl + NH3 mixture at (a) 372 K, adduct, (b)
541 K, amide+ CH4, and (c) 541 K, pure amide, CH4 component
removed. The NH3 component has been removed from each spectrum.
Conditions are as follows:PNH3 ) 15.4 Torr; PTMAl ) 23.4 mTorr
(monomer);Ptotal ) 100 Torr.
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cm-1 downward shift in theν(NH2) modes. The theoretical
dimer spectrum also predicts theν(NH2) frequencies quite well,
with deviations of+22 and+8 cm-1 for the νa(NH2) andνs-
(NH2) modes, respectively.

The other aspects of the simulated dimer spectrum that more
closely resemble the experimental results are apparent in the
lower frequency ranges displayed in Figure 2b. A major success
of the calculation is the appearance of an intense NH2 wagging
mode, i.e.,Fw(NH2), at 821.8 cm-1, which gives us another
possible assignment for the 809 cm-1 peak observed experi-
mentally. The dimer spectrum also does a better job simulating
the relative intensities and shape of the various overlappingFr-
(CH3) modes between 680 and 780 cm-1. Finally, the dimer
spectrum exhibits aνs(AlC2) mode at 545.9 cm-1, which can
reasonably account for the observed mode at 572 cm-1 (-22
cm-1 deviation) of similar relative intensity. From the specific
results for theνa(NH2), νs(NH2), Fw(NH2), andνs(AlC2) modes
and the overall qualitative aspects of the simulated spectra, we

conclude that the gas-phase species we observe is in fact the
dimer of the amide, i.e., aminodimethylalane, [(Me)2AlNH2]2.
Although all indications are that the monomer is first formed
by reaction 2, dimerization has no reaction barrier and rapidly
forms.6,25 The calculated dimerization energy of-55 kcal/mol
(this work) ensures that there is little reversibility in this step
at the temperatures studied.

3.2. Kinetics of (Me)2Al-NH2 Formation. By measuring
the amount of reaction products formed (methane and amide)
as a function temperature, concentration, and residence time,
we can determine the kinetic order and rate constant parameters
(ν, Ea) for the amide formation reaction (i.e. reaction 2). In the
case of CH4 formation, we can put the production rate on a
quantitative scale by comparing the measured CH4 component
(e.g. in Figure 1, curve b) to a reference CH4 spectrum of known
mass flow rate. Because of ideal gas expansion and the
temperature dependence of the CH4 rovibrational IR line shapes,
a CH4 reference spectrum was recorded at every condition
(temperature, total pressure) we made a kinetic measurement.
Measurements of the CH4 formation rate due to (Me)3Al:NH3

decomposition are shown in Figure 3, as a function of
temperature and reactor total pressure. The dashed lines are
derived from a simple unimolecular rate expression described
later in the text. Under the flow rates and concentrations studied,
the reaction becomes detectable at 370-400 K and goes to
completion by∼ 540 K. At 541 K the amount of CH4 produced
is 1.41( 0.09 sccm, which when compared to the input TMAl
flow rate of 1.53( 0.15 sccm demonstrates that∼1 mol of
CH4 is produced for every 1 mol of TMAl consumed (within
experimental uncertainties). As the temperature is increased (to
584 K) there is a slight rise in CH4 production, which may be
signs of a 2nd decomposition step (vide infra).

We can also measure the degree of reaction progress by
monitoring IR mode intensities specific to the amide product.
In particular we will use theFw(NH2) mode intensity as a
measure of the amide concentration. Because the gas density
drops as 1/T, for convenience we will convert these concentra-
tion measurements to relative partial pressure measurements by
multiplying by the absolute temperature; results are shown in

TABLE 1: Comparison of Frequencies (cm-1) in the N-H Stretching Region

freq
gas phase

(this work)
matrix-isolated

monomer38
∆ν(exp)

gas-matrix
DFT
dimer

DFT
monomer

∆ν(DFT)
dimer-monomer

νa(NH2) 3400( 1 3486.5 -87 3422.3 3506.8 -84.5
νs(NH2) 3341( 2 3411.0 -70 3349.2 3421.7 -72.5

Figure 2. (a) Comparison (high wavenumber range) of the experi-
mental gas-phase IR spectrum (a) with the theoretical spectrum of the
dimer (b) and monomer (c). (b) Comparison (low wavenumber range)
of the experimental gas-phase IR spectrum (a) with the theoretical
spectrum of the dimer (b) and monomer (c).

Figure 3. CH4 formation rate from the TMAl:NH3 adduct as function
of temperature and total pressure:P ) 50 (squares), 100 (triangles),
and 200 (circles) Torr. Solid curves are generated from a unimolecular
rate expression and the measured rate constant (see text).
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Figure 4. Unlike the CH4 measurement method, in this case we
are measuring concentration (scaled to give partial pressures)
instead of product flow rate, so the final signal levels scale with
total pressure. Similar to the CH4 results, theFw(NH2) mode
intensity measurements exhibit rapid growth from 380 to 480
K and reach saturation around 510-540 K. In this case the
signals begin to decrease slightly above 540 K, which might
be another sign of the onset of a 2nd decomposition step (vide
infra).

To extract quantitative kinetic information from these results
we will assume that continuous-flow stirred tank reactor (CSTR)
conditions apply. This should be a good assumption given the
relatively low total pressures and high diffusivities in H2. The
high inlet velocity (∼5 × 103 cm/s) at the inlet should also aid
mixing within the reaction cell. For a first-order kinetic process
the steady-state reactant concentration (C) in a CSTR is given
by eq 4, whereC0 is the input concentration,k is the first-order
rate constant, andτ is the mean reactor residence time.47

Rewriting the expression in terms of a product (P) concentration
yields eq 5, which we use to analyze the CH4 andFw(NH2) IR
data.

By varying temperature and total pressure (Pt) independently,
we can perform stringent kinetic tests of the data. Rate constants
(k) are typically strong functions of temperature, and the
residence time (τ) scales asPt/T, so we can “decouple” thekτ
product in this manner. VaryingPt is also convenient method
of changing initial reactant concentrations. Before using the first-
order kinetic expression (eq 5), we need to test for first-order
behavior. The (Me)3Al:NH3 adduct is formed very quickly and
quantitatively (reaction 1, with equilibrium far to the right), so
its initial concentration is determined by the input TMAl
concentration. The amount of products are observed to scale
linearly with the input TMAl concentration (see Figure 5),
consistent with first-order unimolecular decomposition. For the
conditions in Figure 5 the reaction conversion was∼20%, which
represents a relatively early stage of decomposition. Because
NH3 is in great excess its concentration will not affect the initial
(Me)3Al:NH3 concentration, unless the equilibrium in reaction

1 begins to shift back toward the reactants (a possibility at higher
temperatures). Bimolecular reaction pathways between NH3 and
(Me)3Al:NH3 have been postulated and studied by theoretical
methods,23,25,27so it is possible that the reaction kinetics would
exhibit an ammonia dependence. Experiments (also at∼20%
conversion) varying the NH3 flow while keeping all other
parameters fixed demonstrate a zero-order NH3 dependence (see
Figure 6). These observations support the unimolecular rate law
for (Me)3Al:NH3 decomposition, with no evidence of revers-
ibility in reaction 1.

Another test for the first-order rate expression (eq 5) can be
made by examining the residence time dependence of the
reaction kinetics, which we achieve by varying total pressure
(recall thatτ ∝ Pt). Examples of this test are shown in Figure
7, at three intermediate temperatures. The dashed lines are best
single parameter fits (k) to eq 5, withk obviously increasing
with temperature. The experimental results are obviously well
represented by eq 5, which supports the conclusion that (Me)3Al:
NH3 obeys first-order decomposition kinetics.

Because all results are consistent with first-order kinetics,
we can invert eq 5 and extract the first-order rate constant (k)
for all of the data represented in Figures 3 and 4. The results
for the CH4 andFw(NH2) data sets are shown in Figure 8, with
k plotted in Arrhenius fashion. Note thatk spans over 3 orders
of magnitude and covers a 120 K temperature range. The
Arrhenius behavior is quite good, and the best fit parameters
are given in Table 2 (uncertainties are(σ). The two experi-
mental methods yield rate constants within 15% of each other

Figure 4. Formation kinetics of measured by theFw(NH2) mode as
function of temperature and total pressure:P ) 50 (squares), 100
(triangles), and 200 (circles) Torr. Solid curves are generated from a
unimolecular rate expression and the measured rate constant (see text).

C

C0
) 1

1 + kτ
(4)

P

C0
) kτ

1 + kτ
(5)

Figure 5. Product concentrations at 437 K, 100 Torr, as function of
initial TMAl concentration.

Figure 6. Product concentrations at 437 K, 100 Torr, as function of
NH3 concentration.
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over the entire temperature range. Using the Arrhenius expres-
sion fork (and the pressure and temperature dependence forτ),
we generated the dashed lines in Figures 3 and 4, which is
another way to judge the quality of the agreement between the
model and experiment. The experimental activation energies are
slightly lower than, but generally in very good agreement with,
DFT calculations;6,25,28see Table 2. The theoretical rate constant
of Mihopoulos et al.6 is shown in Figure 8, curve c, and is within
a factor of 3 of our measurements.

As discussed earlier, there is some evidence for a 2nd
decomposition step at the highest temperatures that may destroy
the dimethylaluminum amide dimer, i.e., [(Me)2AlNH2]2, and
release more methane. Such a reaction has been noted in
condensed phases,12 and it is often postulated to occur in the

MOCVD environment. It is difficult to accurately determine
the degree of reaction conversion because of uncertainties in
the final CH4 flow rate andFw(NH2) absorbance from the first
decomposition step. At the highest temperature (574 K) and
total pressure (200 Torr) the reaction conversion appears to be
in the range of 15( 5%. The temperature response of CH4 and
Fw(NH2) absorbance signals imply that the 2nd reaction has a
low apparent activation energy (10-14 kcal/mol), but the total
pressure behavior does not obey ideal first-order kinetics (eq
4). We have not found conclusive evidence for a 2nd gas-phase
(Me)xAlNH y product, possibly because of spectral overlap with
the dimethylaluminum amide species or low product volatility.
The lack of any significant product buildup on the KCl window
argues against formation of low volatility product. Unfortu-
nately, the upper temperature limit (∼575 K) of this reaction
cell prevented us from investigating the 2nd decomposition step
in more detail.

3.3. Decomposition in TMGa(TMIn) + NH3 Mixtures.
Unlike the TMAl + NH3 results, heating mixtures of TMGa
(or TMIn) and NH3 does not yield measurable quantities of a
(Me)2M-NH2 product over the range of conditions studied. The
(Me)3M:NH3 adducts are readily formed, but for temperatures
up to∼543 K, reaction 1 is entirely reversible.9,13At the highest
temperature studied (574 K) the only gas-phase metalorganic
species identified is unassociated (i.e. not bound to NH3) TMGa
(or TMIn). We also find some evidence of an irreversible
decomposition reaction(s) that evolve(s) methane. In the case
of TMGa + NH3 mixtures the quantity of CH4 formed is small
and not much above our detection limits. The high-frequency
portion of the IR spectrum for a TMGa+ NH3 mixture at 574
K and 200 Torr is shown in Figure 9 (curve a), with the NH3

component removed. Theν(CH) region from 2800 to 3100 cm-1

is virtually identical with the spectrum of pure TMGa taken at
lower temperatures, but some small CH4 rovibrational structure
can be seen in the 3100 cm-1 region. Removing the TMGa
component reveals the 3016 cm-1 peak, characteristic of CH4
(see Figure 9, curve c), that was only seen as a shoulder on the
TMGa ν(CH3) peak in the original spectrum. By comparing to
the CH4 reference spectrum (Figure 9, curve c), we determine
the degree of TMGa decomposition to be 2.4( 0.6%. The first-
order rate constants at 100 and 200 Torr are given in Table 3
and discussed in more detail in the next section. In addition to
the small amount of CH4 formed at the highest temperature,

Figure 7. CH4 production as a function of total pressure (Pt) at (a)
425 K, (b) 436 K, and (c) 451 K. Dashed lines are fits from eq 5 using
the residence time∝ Pt scaling relationship.

Figure 8. Temperature dependence for the (Me)3Al:NH3 unimolecular
decomposition rate constant: (a, b) this work; (c) theoretical rate
constant.6

TABLE 2: Arrhenius Parameters for (Me) 3Al:NH 3
First-Order Decomposition

param CH4 Fw(NH2)
theory:
ref 6

theory:
ref 28

Ea 25.57( 0.42 25.73( 0.38 27.0 27.3
log(A) 11.91( 0.21 12.04( 0.19 12.3 not given

Figure 9. FTIR spectrum in theν(CH) region of (a) TMGa+ NH3

mixture at 574 K and 200 Torr, NH3 spectral component removed, (b)
curve a with TMGa spectrum removed, intensity scaled×7, and (c)
reference CH4 at 0.70 sccm.

Metal Organic-Ammonia Adduct Decomposition J. Phys. Chem. A, Vol. 109, No. 46, 200510559



there are small intensity peaks at 2250, 2150, and∼910 cm-1

that cannot be accounted for by TMGa or (Me)3Ga:NH3. These
peaks (particularly the 2150 cm-1 peak) appear to belong to a
low volatility product that remains on the window (and/or
mirror) for a time scale of minutes after the TMGa has been
evacuated. We have not yet identified the composition of the
product(s) but note that the peaks are not suggestive of the
expected (Me)2Ga-NH2 species.

Results for TMIn+ NH3 mixtures at temperaturese543 K
also exhibit no signs of irreversible decomposition. At 574 K
decomposition becomes measurable by CH4 evolution and
occurs at a higher rate than TMGa decomposition. The results,
however, are not simple to interpret because even in the absence
of NH3 a significant fraction of the TMIn decomposes to yield
CH4. This is readily apparent in Figure 10, which corresponds
to 18 ( 3% TMIn decomposition in H2 only. The first-order
rate constants at 100 and 200 Torr are given in Table 3, and
the two values agree within experimental error. The average
value is also in good agreement with the experimental values
tabulated and reviewed by McDaniel and Allendorf.48 These
authors argue that most, if not all, of the reported TMIn
decomposition rates in hot-wall reactors are strongly influenced
by heterogeneous effects and that H2 may play a role in the
heterogeneous chemistry. In our current experiment we have
no way of ascertaining the relative importance of heterogeneous
vs homogeneous chemistry. We do find that the introduction
of NH3 does not increase the decomposition rate and in fact at
200 Torr the rate constant decreases (see Table 3). The
observation that NH3 suppresses CH4 formation certainly implies
that we are not seeing a straightforward reaction sequence
described by reactions 1-3. In the TMIn+ NH3 mixtures there
are also no clearly identifiable new metal organic species. Given
the complexity of the TMIn results (with and without NH3),
we can only put upper limits and boundaries regarding the
possible amide reaction rates. Future work using N2 instead of
H2 carrier gas may shed some light on this complex situation.

3.4. Effect of Adduct Equilibrium on the Decomposition
Rate.Finally, we revisit TMGa+ NH3 rate constants in Table
3. Given the nonideal TMIn behavior, it is certainly prudent to
view the TMGa measurements with a cautious eye. We do note
that TMGa+ H2 mixtures do not produce measurable amounts
of CH4 under the same conditions. And for the TMGa mixtures,
doubling the NH3 concentration (by doubling Pt) doubles the
apparent rate constant. This NH3 dependence is expected
because the (Me3)3Ga:NH3 adduct equilibrium (reaction 1) is
shifted far to the reactant side. The expression for the effective
first-order rate constant (keff) for reaction 2 that includes the
effect of the equilibrium is given by eq 6, whereR is the degree
of adduct association andKp is the equilibrium constant for
reaction 1 (expression valid for NH3 in excess). At low
temperaturesR ∼ 1 andkeff ) k2. WhenKpPNH3 , 1 (at high
temperatures), the adduct is mostly dissociated (R , 1) and
the rate expression reduces to eq 7:

Under these latter conditions, the original rate constant (k2) is
attenuated by theKpPNH3 term. At these conditionskeff would
exhibit a PNH3 dependence, which is in fact observed for the
TMGa results in Table 3 (recallPNH3 ∝ Pt). This effect is
illustrated in Figure 11, where the two experimental TMGa data
points are plotted, along with the TMAl results for comparison.
To evaluate eq 6 for TMGa, we use the measuredKp curve,13,49

the known NH3 partial pressure, and an estimate fork2. For the
TMGa:NH3 adduct previous DFT calculations yield an activation
energy for reaction 2 in the 30.4-33.8 kcal/mol range.23,25,27,28

By choosing a value in this range (Ea ) 31 kcal/mol), along
with a preexponential factor (ν ) 1 × 1012 s-1) identical with
our TMAl:NH3 measurement (Table 2), we can use eq 6 to
quantitatively reproduce the two experimental TMGa:NH3

results (see curves a and b in Figure 11). The estimatedk2 is

TABLE 3: Rate Constants (s-1) for TMGa and TMIn
Decomposition Measured by CH4 Evolution

const at
574 K, 100 Torr

const at
574 K, 200 Torr

TMGa + NH3 (+H2) 0.004( 0.002 0.008( 0.002
TMIn (+H2 only) 0.059( 0.012 0.067( 0.013
TMIn + NH3 (+H2) 0.063( 0.013 0.035( 0.010

Figure 10. FTIR spectrum in theν(CH) region of (a) TMIn+ H2

only at 574 K and 200 Torr, (b) curve a with TMIn spectrum removed,
and (c) reference CH4 at 0.70 sccm, intensity scaled×1/3.

Figure 11. Summary of TMGa:NH3 and TMAl:NH3 adduct decom-
position rate constants, along with simple model predictions that include
adduct equilibrium. The two TMGa experimental points are at 100 Torr
(triangle) and 200 Torr (square) total pressure. Curves a and b are
predictions forkeff (see text) that include adduct equilibrium. Curve c
is the estimatedk2 value used for TMGa:NH3 reaction 2. Curve d is
the rate constant for TMGa pyrolysis.50 The dashed (100 Torr) and
solid (200 Torr) curves through the TMAl data include the effect of
adduct equilibrium (estimated) and our measured rate constant (k2).

keff ) Rk2 )
k2

(1 + (KpPNH3
)-1)

(6)

keff ) k2KpPNH3
(7)
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also plotted for comparison (curve c). For the conditions where
the TMGa:NH3 measurements were made,keff is 2-3 orders of
magnitude smaller thank2 due to adduct dissociation. By
comparison, the TMGa:NH3 effective decomposition rate con-
stant is also 4-5 orders of magnitude smaller than the TMAl:
NH3 rate constant (extrapolated).

In addition to attenuating the absolute rate constant, the effect
of the TMGa:NH3 adduct equilibrium also lowers the apparent
activation energy by an amount equal to the adduct formation
enthalpy, which was measured to be-16.3 kcal/mol.13,49 So
when R , 1, Ea ) 31-16.3 ) 14.7 kcal/mol. This effect
moderates the increase inkeff as the temperature is raised and
has significant implications for the relative importance of the
amide pathway during MOCVD conditions. In most group-III
nitride MOCVD systems, the reactor residence times are on the
order of seconds, but boundary layer residence times (or time
scale gases spend at elevated temperatures) are less, typically
no more than tenths of seconds. For a chemical reaction to play
a significant role in the overall parasitic reaction scheme, it must
have an effective rate constant on the order of∼10 s-1 or
greater. This model forkeff predicts that temperatures>1000 K
are required to reach this level for the NH3 pressures we studied.
However, beforekeff reaches this magnitude, homogeneous Ga-
CH3 bond fission begins to occur at a much faster rate. The
rate constant for TMGaf DMGa+ CH3, as measured by Jacko
and Price,50 is shown in Figure 11, curve d. The homolysis
reaction rate constant approaches∼10 s-1 at temperatures just
above 873 K and clearly outpaces the adduct decomposition
pathway. Significant increases inPNH3 make the amide pathway
more viable, but even at atmospheric pressure the radical
pathway is more important.

For completeness we apply the model forkeff to the TMAl-
NH3 results. In this case we have measuredk2, but Kp must be
estimated from theoretical calculations and/or experimental
results from related organoaluminum adducts. We used the
thermodynamic database compiled by Przhevalskii et al.51 to
extract∆S) -32.6 eu and∆H ) -26.6 kcal/mol for the (Me3)-
Al:NH3 equilibrium. The entropy change is similar to what we
measure for the TMGa and TMIn adducts,13 and the stronger
dative bond strength (near 27 kcal/mol) is expected.6,25The solid
(200 Torr) and dashed (100 Torr) curves through the TMAl
data in Figure 11 use the estimatedKp parameters and measured
k2 rate constant. In this case the effect of the adduct equilibrium
is not apparent until the temperature reaches 673 K, and at that
point keff is >1000 s-1. In this regime the predicted apparent
activation energy is nearly zero because of the similarity ofE2

(25.7 kcal/mol) and-∆H (26.6 kcal/mol). To keepkeff < 10
s-1 requires NH3 partial pressurese40 mTorr, which is much
lower than typically used to grow AlN or AlGaN.

We now review the factors that lead to the substantial
differences in the TMAl and TMGa rates for reaction 2. The
reaction energies for the two cases are summarized in Figure
12, using the experimental and theoretical values for adduct
formation energies and activation energies discussed above. The
activation energy for CH4 elimination from the TMGa:NH3
adduct is certainly higher (31 vs 26 kcal/mol), but this effect
will only reduce the reaction rate by 1-2 orders of magnitude.
This reaction would still be important because the rate will still
get large at reasonable temperatues;keff ∼ 10 s-1 near 673 K.
The weaker dative bond in the TMGa adduct (16 vs 27 kcal/
mol) is a bigger factor; because it leads to substantial adduct
dissociation (reaction 1 reversibility). The TMGa:NH3 adduct
equilibrium effect lowers the overall rate another 2-3 orders
of magnitude. This reduction in rate is enough to prevent this

amide pathway from competing with theradical parasitic
chemical mechanism under most MOCVD conditions. The
importance of the of the dative bond strength was also noted
qualitatively by Timoskin and Schaefer.52

4. Summary

Using FTIR we have investigated the early stages of reactivity
in TMAl + NH3 (+H2) mixtures at nominal MOCVD input
conditions. Near 523 K the TMAl:NH3 decomposes (by reaction
2) quantitatively to yield aminodimethylalane (or dimethylalu-
minum amide), i.e., (Me2)AlNH2, and CH4. By comparison of
the amide IR spectrum with theoretical (DFT) spectra, we
conclude that the majority of the gas-phase aluminum amide is
dimeric, i.e., [(Me2)AlNH2]2. Kinetics of the adduct decomposi-
tion reaction were studied by following the amount of CH4 and
amide product formed as a function of temperature, concentra-
tion, and reactor residence time. Results demonstrate unimo-
lecular decomposition kinetics with rate constant parameters of
ν ) 1 × 1012 s-1 and Ea ) 25.7 kcal/mol (see Table 2). The
rate of TMAl:NH3 decomposition is certainly fast enough to
participate in the early stages of anamideor concertedparasitic
reaction mechanism for AlN MOCVD. Some evidence of a 2nd
decomposition step was found, but the degree of reactivity was
not high enough to yield quantitative results.

Except for the very highest temperatures studied, TMGa+
NH3 and TMIn + NH3 mixtures are dominated by reversible
adduct formation-dissociation (reaction 1) with no CH4 de-
tected. This is due to the much weaker dative bonding in the
TMGa:NH3 (16.3 kcal/mol) and TMIn:NH3 (15.0 kcal/mol)
adducts, as compared to the TMAl:NH3 adduct (∼27 kcal/mol).
At the highest temperature studied (574 K) a small amount of
decomposition (1-2%) was observed in TMGa+ NH3 mix-
tures, as evidenced by CH4 formation. The expected gas-phase
Ga-amide product was not clearly identified, but some evidence
of a low-volatility product was found. The measured TMGa:
NH3 rate constants were small, but a simple kinetic model
including the effect of adduct equilibrium matched their nominal
values and explains the total pressure dependence. This model
combines the measured adduct equilibrium constant (Kp) and a
decomposition rate constant (k2) estimated from theoretical and
experimental results. Extrapolation of the model to higher
temperatures demonstrates that the Ga-amide pathway is still
too slow to compete with the radical parasitic chemical
mechanism for GaN MOCVD. The reduced rate of TMGa:NH3

decomposition can mainly be traced to the effect of the weaker
dative bonding (as compared to TMAl:NH3). At 574 K we also
begin to see CH4 formation in TMIn+ NH3 mixtures. However,
a background TMIn decomposition pathway that does not
involve NH3 masks possible TMIn:NH3 decomposition.

Figure 12. Schematic comparing reaction energies (kcal/mol) for
TMAl + NH3 and TMGa+ NH3.
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We can therefore only put an upper limit on the TMIn:NH3

decomposition rate. On the basis of the known TMIn:NH3

equilibrium constant13 and estimated values fork2, we expect
decomposition rates in the same range as the TMGa:NH3 values.
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