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Weakly bound Al+(CO2)n and Al+(CO2)nAr complexes are produced by laser vaporization in a pulsed supersonic
expansion. The clusters are mass-selected and studied by laser photodissociation spectroscopy in a reflectron
time-of-flight mass spectrometer. The excitation laser is an OPO/OPA system that produces tunable infrared
light near the asymmetric stretch of CO2. Al+(CO2)n clusters fragment by the loss of CO2, while Al+(CO2)n-
Ar clusters fragment by the loss of argon. Dissociation is more efficient on resonance, and thus monitoring
the fragmentation as a function of wavelength produces the infrared resonance-enhanced photodissociation
(IR-REPD) spectrum of the complex of interest. The spectra show a blue-shift of the asymmetric CO2 stretch
which decreases as the size of the cluster increases. Al+(CO2)nAr transitions appear at essentially the same
frequencies as those for the pure CO2 analogues but with significantly narrower line widths. The observed
infrared bands are compared to the predictions of theory and specific structures are proposed for the smaller
clusters. Band positions in the larger clusters provide insight into the effects of solvation.

Introduction

Metal-ion complexes that are produced and studied in the
gas phase provide models to explore ion solvation and metal-
ligand bonding.1-3 Theory has investigated these systems,4-9

but direct comparisons to experimental measurements are
sometimes problematic. Various mass spectrometry measure-
ments have probed the binding energetics and reactivities of
metal ion complexes.10-16 Electronic spectroscopy has provided
information on excited states,17-23 but these are often difficult
to treat with theory. Detailed information on these complexes
in their ground states is essential for meaningful comparisons
to theory. Recent advances in high-resolution photoelectron
spectroscopy24-26 and particularly in IR photodissociation
spectroscopy27-33 are beginning to provide new insights into
the structures and characteristics of these metal-ion complexes.
In the present work, we report infrared resonance enhanced
photodissociation (IR-REPD) spectroscopy for mass-selected
Al+(CO2)n and Al+(CO2)nAr clusters. This study provides the
first structural information for these complexes in their electronic
ground states.

Its simple electronic structure makes aluminum attractive for
both theory and experimental cluster studies. Thus, many groups
have performed calculations on neutral4,34-38 and ionized4,8,9,11

complexes of aluminum with various small molecules. The
aluminum atom has accessible low-energy electronic states and
these have been exploited to study van der Waals complexes
of the form Al-Lx.24,39,40Also, the first ionization potential (IP)
of aluminum is relatively low (5.986 eV) and this is accessible
with tunable UV lasers. Therefore, the IPs of complexes with
small molecules have been measured,39,41,42and ZEKE photo-
electron spectroscopy has been performed on several aluminum
complexes.24,26Our lab observed solvation-induced metal oxida-
tion reactions in threshold ionization measurements on Al-
(CO2)n.42 Because the cation is closed-shelled (3s2), clusters

containing Al+ do not have low-lying electronic states that are
easily accessible by tunable laser sources. Thus, electronic
spectroscopy is problematic for Al+(L)n complexes. Dagdigian
used vacuum UV generation to acquire the electronic spectra
of Al+-Ar by laser-induced fluorescence,43 and Kleiber em-
ployed similar methods to study Al+(C2H4) via photodissociation
spectroscopy.44 Although spectroscopy is limited, many groups
have studied aluminum cation complexes to probe cluster
reactions. Bowers explored the possibility of Al+ insertion into
H2 by equilibrium mass spectrometry and ab initio studies.13

Bondybey and co-workers have investigated solvation processes
in larger aluminum ion complexes.15 Because of the interesting
chemistry found in these systems, aluminum complexes continue
to be targets for spectroscopic studies. Infrared spectroscopic
techniques are not likely to induce photochemistry and are
therefore useful to probe the ground states of these cation
complexes. We have recently reported a study of the infrared
spectroscopy of Mg+(CO2)n complexes,29 and this study of Al+

complexes provides a comparison to those results.
Infrared spectroscopy is an established method for inorganic

and organometallic complexes in the condensed phase.45

Unfortunately, IR measurements on gas phase metal ion
complexes suffer from low sample density, requiring intense
light sources that are not generally available. However, recent
advances in IR optical parametric oscillator (OPO) systems have
opened the door for infrared measurements on low density ions
via photodissociation. The infrared predissociation of alkali-
metal cation complexes has been studied extensively by Lisy
and co-workers for a number of different ligands.27 Recently,
our lab produced the first IR photodissociation spectra for
transition-metal cation complexes in a study on Fe+(CO2)n

complexes.28 More recent experiments have extended the work
to other metal ions (e.g., Mg+) and other ligands.29,30Our group
and others have also employed the tunable infrared radiation
available from a free electron laser to do similar IR photodis-
sociation studies on more strongly bound organometallic
complexes.31,33 We continue this kind of work in the present
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study with Al+(CO2)n for comparison to our previous studies
on Fe+(CO2)n and Mg+(CO2)n.28,29 IR-REPD spectroscopy of
mass-selected Al+(CO2)n (n ) 1-11) and Al+(CO2)nAr (n )
1-3) clusters is reported. Detailed vibrational spectra are
obtained from enhanced infrared photodissociation near theν3

of free CO2, and spectral features are compared to frequency
calculations for theoretical structures.

Experimental Section

Clusters for these experiments are produced by laser vapor-
ization in a pulsed supersonic expansion and mass analyzed in
a reflectron time-of-flight mass-spectrometer (TOF-MS). The
molecular beam apparatus and the mass-spectrometer have been
described previously.23,32The third harmonic of a Nd:YAG (355
nm) is used to vaporize a rotating aluminum rod. Ionized Al+-
(CO2)n and Al+(CO2)nAr clusters are produced directly from
the laser vaporization process in expansions of pure CO2 or CO2

seeded in argon using a pulsed General Valve (1 mm nozzle)
at 40 psi backing pressure and a 200µsec pulse duration. The
free expansion is skimmed from the source chamber into the
mass-spectrometer and the ions are extracted into the first drift
region of the reflectron using pulsed acceleration voltages. They
are then mass-selected by pulsed deflection plates before
entering the reflectron where they are dissociated at the turning
point by the infrared output of an optical parametric oscillator/
amplifier (OPO/OPA). Parent and daughter ions are mass-
analyzed in the second flight tube and mass spectra are recorded
with a digital oscilloscope (LeCroy 9310). The data are
transferred to a PC via an IEEE interface. Infrared resonance
enhanced photodissociation (IR-REPD) spectra are obtained by
monitoring the intensity of the fragment ions as a function of
wavelength.28-30

An IR OPO/OPA (Laser Vision) pumped by a Continuum
8010 Nd:YAG is used for photodissociation. This system has
two 532 nm-pumped KTP crystals in the grating tuned oscillator
section and four KTA crystals in the amplifier section. The
signal output from the oscillator is combined with residual 1064
nm in the amplifier, and difference frequency generation here
provides the tunable near-IR output from 2.2 to 4.9µm (4500
to 2050 cm-1). In this experiment, the OPO is unfocused to
prevent power broadening. Near 2350 cm-1, the laser pulse
energies range from 1 to 3 mJ/pulse with an approximate line
width of 0.3 cm-1. Typical spectra are obtained at∼1.2 cm-1

steps and averaged over 250 laser shots.
The DFT quantum chemical computations were performed

on Al+CO2(n), wheren ) 0, 1, 2, and 3, using the GAUSSIAN
94 program package.46 Two gradient-corrected functionals,
denoted B3LYP and BP86, were used to compute the geom-
etries, energies, and harmonic vibrational frequencies. Energies
were converged to at least 10-6 hartrees in the self-consistent
field procedures, although the absolute accuracy may be
somewhat lower due to numerical integration procedures. The
B3LYP functional is a hybrid Hartree-Fock and density
functional theory (HF/DFT) method using Becke’s three-
parameter exchange functional (B3)47 with the Lee, Yang, and
Parr correlation functional (LYP).48 The BP86 functional uses
Becke’s 1988 exchange functional (B)49 and the 1986 correlation
correction of Perdew (P86).50

We employed a double-ú basis set with polarization functions,
denoted DZP. This basis was constructed from the Huzinaga-
Dunning51,52 set of contracted double-ú Gaussian functions.
Added to this was one set of fived-type polarization functions
for each Al, C, and O atom [Rd(Al) ) 0.325,Rd(C) ) 0.750,
andRd(O) ) 0.850]. The final contraction scheme for this basis

is Al(12s8p1d/6s4p1d) and C,O(9s5p1d/4s2p1d). Geometries
were optimized for each molecular species with each functional
using analytic gradient techniques. Residual Cartesian gradients
were less than 1.5× 10-5 hartree/Bohr. Stationary points found
in optimizations were confirmed as minima by computing the
harmonic vibrational frequencies using analytic second deriva-
tives with each functional.

Results and Discussion

The mass distribution of clusters produced by laser vaporiza-
tion of aluminum in a pure CO2 expansion is typical of that we
reported previously.42 It is composed of a smooth progression
of mass peaks that are assigned to Al+(CO2)n complexes, where
n ∼ 0-20. The intensities drop by a factor of about two after
n ) 11, and we are therefore not able to study clusters larger
than this. There is no evidence in the mass spectrum for metal-
oxides or metal-carbides produced from reactions in the source,
and there are no peaks that stand out as so-called magic
numbers.

Examples of the photodissociation mass spectra for various
Al+(CO2)n complexes are shown in Figure 1. To obtain these,
each complex is mass-selected from the source distribution and
the infrared laser is adjusted in space and time to intersect the
ions in the turning region of the reflectron. Mass spectra are
recorded both with and without the photodissociation laser to
produce these difference spectra. The negative peaks correspond
to the depletion of the parent ion, whereas the positive peaks
indicate the appearance of the photofragments produced by IR
photodissociation. Here, each of the smaller Al+(CO2)n com-
plexes fragment by the loss of one or two CO2 molecules with
the output of the OPO laser tuned near the 2349 cm-1 resonance
characteristic of the CO2 asymmetric stretch. The larger clusters
(e.g.,n ) 8) fragment more efficiently and lose more CO2 units
on average for the same excitation laser conditions. As shown,
there is no strong preference for any particular cluster size that
might indicate the presence of a closed coordination sphere
around the metal ion. Photodissociation of the Al+(CO2)2 cluster
(not shown) is quite difficult, leading to the loss of only one
CO2 molecule. The dissociation efficiency increases by a factor
of 4-5 in going to the next-largern ) 3 species. Photodisso-
ciation of then ) 1 complex is not observed even at the highest
laser fluence. The difficulty in fragmenting these smallest
complexes was also found previously for Fe+(CO2)n, Mg+(CO2)n

and Ni+(C2H2)n systems.28-30

Figure 1. Infrared photodissociation mass spectra of Al+(CO2)n (n )
4,5,8) complexes at 2349 cm-1 using low laser power. The various
complexes all fragment by the loss of intact CO2 molecules.
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As we have discussed before,28-30 the low fragmentation
yields for the smaller complexes are due to their relatively higher
bond strengths and their low vibrational density of states. For
photodissociation to occur, the molecule must absorb energy
greater than the strength of its weakest bond and the vibrational
frequencies here may not correspond to enough energy to do
this. If the bond energy is higher than the energy of one photon,
then multiphoton absorption is necessary, the efficiency of which
increases as the density of states increases. Anharmonicity in
the higher levels of the mode excited initially lead to a loss of
resonance in this coordinate, and other vibrational states are
required to maintain resonance in a multiphoton absorption
process. Fragmentation also requires that the excited coordinate
(asymmetric CO2 stretch) couple with the dissociation coordinate
(metal-ligand stretch) via intramolecular vibrational relaxation
(IVR), the rate of which also increases as state densities increase.
Small clusters are expected to have relatively high binding
energies and a low density of states. Theoretical calculations
on the binding energy of Al+-CO2 range from 10 to 20 kcal/
mol (3500-7000 cm-1),11 and therefore a multiphoton process
is definitely needed to achieve dissociation in then ) 1 complex
when the CO2 asymmetric stretch (2349 cm-1 in free CO2) is
excited. Larger clusters are expected to have much weaker bond
strengths when the second solvation layer forms. The CO2 dimer
has a bond strength of about 485 cm-1.53 Therefore, when CO2
is not directly attached to the metal ion, its binding should have
energies near this value and absorption of one photon could
induce dissociation. Furthermore, the vibrational state density
increases with an increase in cluster size, improving both
multiphoton absorption and IVR. It is therefore understandable
that the small clusters (n ) 1,2) have low dissociation yields
and that the dissociation of larger complexes is gradually more
efficient. In some complexes we have studied, e.g., Ni+(C2H2)n

30

or Ni+(CO2)n,54 there is a sharp change in dissociation efficiency
at a cluster size just beyond a filled coordination shell. However,
the change in dissociation yield is more gradual here.

Figure 2 shows that the photodissociation yield in these Al+-
(CO2)n complexes is wavelength dependent. The position of the
asymmetric stretch in isolated CO2 (2349 cm-1) is indicated in
the figure with a vertical dashed line. As shown, each of these

complexes has a resonance enhancement in its photodissociation
yield that occurs near this “free CO2” frequency. Each of the
complexes has a resonance (7-12 cm-1 fwhm) either at or just
to the blue of the free CO2 resonance, with a weaker band shifted
about 25 cm-1 to the blue from this. The signal level for then
) 2 complex is poor, consistent with its inefficient photodis-
sociation, as discussed above. The signal levels are improved
and the lines are somewhat sharper for the larger complexes,
consistent with their improved dissociation efficiencies.

The observation of a resonance near the value of the free-
CO2 asymmetric stretch establishes that these clusters are weakly
bound complexes with intact CO2 molecules present. No other
resonances are observed within the region of 2050-3000 cm-1.
If an insertion reaction with CO2 occurred, an oxide-carbonyl
species, e.g., OC-AlO+(CO2)n-1 would have the same mass
as the corresponding Al+(CO2)n species and could not be
distinguished by mass spectrometry. However, such an inserted
species would likely have a carbonyl resonance at lower
frequency in the 2000-2200 region, and no such peaks are
observed. The spectra are therefore consistent with complexes
having only intact CO2 molecules clustering with Al+.

The IR spectra of these complexes can be used to obtain
information about their structures. In the previous work on metal
ion-CO2 complexes, the primary bonding motif involved a
linear M+-OCO structure for then ) 1 complexes, resulting
from the charge-quadrupole electrostatic interaction.28,29 Both
theory and experiment agreed on this structure for the Mg+-
CO2 and Fe+CO2 n ) 1 complexes, and the same kind of near-
linear M+-OCO configuration was the basis for the structures
of multi-ligand complexes. A similar bonding configuration is
also likely here. In the previous systems, the linear M+-OCO
configuration led to asymmetric stretch resonances that were
shifted to higher frequency in the complexes compared to this
frequency in the free CO2 molecule (2349 cm-1). Blue shifts
of 20-30 cm-1 were seen before. The spectra here have
structure both at the frequency of the free molecule and some
to the blue of this. However, then ) 2 spectrum is broad and
the n ) 3 spectrum has a closely spaced doublet near the free
CO2 value. Then ) 4 and 5 species have the small peak to the
blue and a larger peak that is centered near the free-CO2 value.
On first glance then, the data here could be consistent with
structures based on the same kind of linear M+-OCO configu-
rations seen previously, but better quality spectra would be
desirable. It would also be valuable to know what structures
are predicted by theory and what IR spectra are expected for
these.

We have therefore investigated the three smallest complexes
with density functional theory to determine calculated structures
and vibrational spectra. The level of theory employed here is
comparable to that which we employed previously for corre-
sponding Mg+(CO2)n complexes.29 For each complex, we
investigated several possible binding configurations. We ex-
plored the most likely ground state for the system that has a
singlet electronic configuration for the Al+, and we also
examined the first excited triplet configuration. We also
performed calculations at the same levels for the free aluminum
cation and for the free CO2 molecule. The various structures
and energetics for these systems are given in Table 1.

As shown in the table, stable bound configurations are found
for each cluster size for both the ground state singlets and
triplets. The triplet states have open shell configurations, and
give rise to more strongly bound complexes, but the singlet states
still lie at lower energy and are therefore the ground states for
each complex. These various minimum energy structures are

Figure 2. Wavelength dependence of the infrared photodissociation
of Al +(CO2)n clusters in the small size range measured in the n-1 mass
channel. The smallest complex (n ) 1) cannot be fragmented, but the
dissociation efficiency increases for larger clusters.

7398 J. Phys. Chem. A, Vol. 107, No. 38, 2003 Walters et al.



shown in detail in Figure 3. Then ) 1 complex has its lowest
energy in the linear C∞v configuration as expected for the charge-
quadrupole electrostatic interaction. This is completely consistent
with our expectations for this complex based on previous
experiments and theory on other M+(CO2) complexes.28,29 A
local minimum is found in theC2V configuration for the triplet
species, but not for the singlet. Then ) 2 species has a lowest

energyC2V configuration with both CO2 molecules bound end-
on to the metal ion and separated by an angle of about 81°. A
second less stable local minimum is found that also hasC2V

symmetry, but with only one CO2 bound to the metal. The
second CO2 is bound to the first in a so-called “dimer”
configuration, with both CO2 molecules distorted from linearity.
As found previously for Mg+(CO2)2, the all-linear configuration
with both CO2 molecules attached to metal is not a minimum.29

The CO2 ligands prefer instead to bind more on the same side
of the metal. This observation was explained initially by
Bauschlicher to arise from the high polarizability of the Mg+

3s1 electron.4 When the first CO2 binds to the cation, this valence
electron cloud is polarized and a lobe of negative charge is
induced on the backside of the metal. The second ligand avoids
this negative region and binds on the same side as the first.
The observation of this same structure here suggests that the
same polarization effect occurs for the Al+ 3s2 valence electron
cloud. Then ) 3 complex continues this structural pattern, with
all three CO2 molecules binding end-on to the cation, but on
the same side of it in aC3V structure. This same structure was
also found in our previous study of Mg+(CO2)3, where it was
also explained to arise from the polarization of the valence
electron cloud on the metal.29 Again, the aluminum cation
follows the same binding pattern as magnesium cation, with
same-side ligand attachment.

As shown in the figure, there is a slight distortion of the CO2

molecules in each of these clusters, so that the C-O bond
nearest the metal is elongated compared to the opposite one.
We have seen this same effect in our previous study of Mg+-
(CO2)n clusters,29 and it was also reported earlier by Bauschli-
cher in his original work on Mg+(CO2)n complexes.4 This
behavior is consistent with the recently discussedbond actiVa-
tion-reinforcement(BAR) rule,55 that predicts when bonds will
be distorted based on the electronegativities of the adjacent
atoms. The oxygen where binding occurs is more electronegative

TABLE 1: Total Electronic Energies (hartrees) of Al+, CO2, Al+CO2, and Al+(CO2)2 Minima with a DZP Basis Set.

system B3LYP De (kcal/mol) BP86 De (kcal/mol)

Al+ (singlet) -242.15186 -242.14321
(-242.15186) (-242.14321)

Al + (triplet) -241.97484 -241.97203
(-241.97484) (-241.97203)

CO2 -188.62082 -188.63002
(-188.60916) (-188.61878)

Al +CO2 (C∞v, triplet) -430.65228 35.5 -430.66034 36.6
(-430.63967) (34.9) (-430.64854) (36.2)

Al +CO2 (C∞v, singlet) -430.79247 12.4 -430.79404 13.1
(-430.78021) (12.1) (-430.78222) (12.7)

Al +CO2 (C2V, triplet) -430.67110 47.3 -430.67550 46.1
(-430.65984) (47.6) (-430.66477) (46.4)

Al +(CO2)2 (D2d, triplet) -619.31910 64.4 -619.33099 62.1
(-619.29464) (63.7) (-619.30760) (61.5)

Al +(CO2)2 (C2V, triplet) -619.31231 60.1 -619.33010 62.1
(-619.28738) (59.1) (619.30763) (61.5)

Al +(CO2)2 (C2V, singlet) -619.42619 20.5 -619.43727 21.4
(-619.40174) (19.8) (619.41365) (20.6)

Al +(CO2)2 (C2V, triplet) “dimer” -619.23985 14.7 -619.26539 20.9
(-619.21351) (12.8) (-619.24028) (19.3)

Al +(CO2)2 (C2V, singlet) “dimer” -619.36089 20.5 -619.37770 16.0
(-619.33409) (22.6) (619.35215) (18.0)

Al +(CO2)3 (Cs, triplet) -807.95086 71.3 -807.97975 78.8
(-807.19344) (69.7) (-807.94435) (72.8)

Al +(CO2)3 (C2V, triplet) -807.95086 71.3
(-807.91344) (69.7)

Al +(CO2)3 (C3V, singlet) -808.05693 26.7 -808.07691 27.4
(-808.02042) (25.8) (-808.04159) (26.4)

Zero-point corrected values are listed in parentheses.De values are in kcal/mol.

Figure 3. Theoretically predicted structures for the Al+(CO2)n

complexes (n ) 1,2,3). The structural parameters indicated are for the
B3LYP (upper numbers) and BP86 functionals. The symmetries are
C∞V, C2V, andC3V respectively.
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than carbon, and so electron density is removed from the C-O
bond adjacent to the metal, resulting in its slight elongation.

The calculated binding energies of the outermost ligands in
these complexes decrease with cluster size. The binding energies
shown in Table 1 are total energies for the binding of all ligands,
while the incremental binding for the outer ligand is more
relevant for photodissociation. These binding energies aren )
1: 12.1 kcal/mol (4230 cm-1), n ) 2: 7.7 kcal/mol (2690 cm-1)
andn ) 3: 6.0 kcal/mol (2100 cm-1). Therefore, the binding
energy of the last ligand decreases as cluster size increases.
According to these calculations, photodissociation requires at
least two photons for then ) 1,2 complexes, but is a one-photon
process for then ) 3 complex. This is completely consistent
with the sudden increase in the photodissociation yield that we
see for then ) 3 species. Presumably the larger complexes
would also have low enough binding energies so that one-photon
dissociation is possible.

To compare the calculated structures with our infrared spectra,
we have calculated the vibrations for these lowest energy
structures, and these are presented in Table 2. To achieve a fair
comparison with experiment, we have calculated the vibrations
of isolated CO2 at the same level of theory. As expected, the
computed harmonic frequencies differ systematically from the
well-known experimental values. In particular, theν3 asymmetric
stretch is calculated using either of the two functionals to be
higher than the experimental value. We therefore focus on just
the asymmetric stretch, and shift the various frequencies for
each of the complexes by an amount necessary to bring the
values for free CO2 into agreement with experiment. The
downward shift is 90 cm-1 for B3LYP and 26 cm-1 for BP86.
These shifted values are also shown in Table 2, where they are
compared to the experimental values discussed below.

To obtain vibrational spectra for then ) 1 complex which
could not be dissociated and to obtain higher quality spectra
for the other small complexes, we use the method of rare gas
“tagging.” As shown previously by our group and by several
others in ion photodissociation spectroscopy, this technique
makes it possible to overcome low fragmentation yields by
attaching weakly bound rare gas atoms (i.e., argon) to otherwise
strongly bound clusters.28,29,56-60 The charge-induced dipole
interaction between the argon and the metal ion results in a
lower binding energy (e.g.,∼980 cm-1 for Al+Ar)39 than the
metal-CO2 bonding, and such mixed clusters have higher
vibrational state densities. Thus, the “tagged” complexes frag-
ment by the loss of argon and are easier to photodissociate than
the pure CO2 clusters. Attaching argon usually results in a weak
perturbation on the complex, causing little or no spectral shift
in its vibrational spectrum. We are able to form the mixed CO2/
Ar complexes here only for the small cluster sizes (n ) 1-3).
Photodissociation of these complexes proceeds by the elimina-
tion of argon, as expected, and we are able to measure
vibrational spectra for each of then ) 1,2,3 species in this way.

Figure 4 shows the IR-REPD spectra of Al+(CO2)2 and
Al+(CO2)2Ar from 2300 to 2420 cm-1 for comparison. The
spectra are obtained for the pure CO2 and the mixed clusters
by monitoring the Al+(CO2) and Al+(CO2)2 fragment mass
channels, respectively. Two resonances are observed at about
3 and 20 cm-1 to the blue ofν3 in free CO2. No significant
spectral shift is observed for the argon-tagged complex while
the line width is narrowed from 11 to 5 cm-1 fwhm. Both the
pure and mixed species are thought to be cold due to the known
properties of the source. The mixed cluster has a lower binding
energy and a greater vibrational state density, and we conclude
that the narrower line width results because the argon complex

dissociates via a single photon process. Lower laser power is
required and the power broadening seen for the neat complex
is reduced. Similar results are obtained when comparing the
spectra of Al+(CO2)3 and Al+(CO2)3Ar.

Figure 5 shows the photodissociation spectra for Al+(CO2)1-3Ar
at low laser power. Strong features are observed to the blue of
the asymmetric stretch of free CO2 (dotted line), and the

TABLE 2: Theoretical Harmonic Vibrational Frequencies in
cm-1 for the Lowest Energy Singlet States of CO2, Al+CO2,
Al+(CO2)2, and Al+(CO2)3 with a DZP Basis Seta

B3LYP BP86 expt

CO2

ω1 (Σg) 1363 (0) 1308 (0) 1333
ω2 (Πu) 660 (30) 627 (21) 667
ω3 (Σu) 2439 (652) 2375 (530) 2349

Al +(CO2) (C∞v, singlet)
ω1 (Σ) 2457 (925) 2389 (752)
ω1 (Σ) (corrected) 2367 2363 2366
ω2 1353 (109) 1300 (99)
ω3 175 (154) 192 (153)
ω4 (Π) 637 (37) 602 (29)
ω5 637 (27) 602 (29)
ω6 61 (2) 51 (2)
ω7 61 (2) 51 (2)

Al +(CO2)2 (C2V, singlet)
ω1 (A1) (in-phase) 2461 (619) 2392 (399)
ω1 (A1) (corrected) 2371 2366 2369
ω2 1359 (52) 1304 (38)
ω3 641 (40) 603 (29)
ω4 174 (116) 195 (113)
ω5 62 (3) 62 (2)
ω5 28 (1) 28 (1)
ω7 (A2) 642 (0) 606 (3)
ω8 60 (0) 54 (0)
ω9 (B1) 644 (68) 607 (51)
ω10 62 (2) 52 (1)
ω11 (B2) (out-of-phase) 2443 (1356) 2377 (1273)
ω11 (B2) (corrected) 2353 2351 2352
ω12 1357 (88) 1302 (85)
ω13 638 (25) 601 (16)
ω14 119 (98) 141 (105)
ω15 44 (1) 46 (0.2)

Al +(CO2)3 (C3V, singlet)
ω1 (A′) (in-phase) 2465 (504) 2395 (232)
ω1 (A′) (corrected) 2375 2369 2371
ω2 (out-of-phase) 2442 (1224) 2375 (1183)
ω2 (corrected) 2352 2349 2351
ω3 1362 (31) 1305 (19)
ω4 1360 (54) 1304 (53)
ω5 646 (54) 609 (31)
ω5 645 (59) 606 (47)
ω7 642 (16) 605 (11)
ω8 173 (91) 195 (88)
ω9 100 (60) 121 (72)
ω10 60 (5) 63 (2)
ω11 56 (5) 57 (3)
ω12 40 (3) 43 (1)
ω13 27 (1) 29 (1)
ω14 20 (0.3) 20 (0.6)
ω15(A′′) (out-of-phase) 2442 (1242) 2375 (1156)
ω15(A′′) (corrected) 2352 2349 2351
ω16 1360 (55) 1303 (52)
ω17 646 (31) 609 (36)
ω18 642 (27) 606 (0.1)
ω19 642 (0.2) 605 (5)
ω20 102 (61) 122 (73)
ω21 61 (6) 62 (2)
ω22 39 (3) 44(2)
ω23 35 (0.1) 31 (0)
ω24 20 (0.6) 20 (0.6)

a Experimental fundamental vibrational frequencies are in cm-1.
Computed IR intensities (km/mol) are listed in parentheses.
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dissociation yield on resonance is about 20% for then ) 2,3
complexes and less than 10% for then ) 1 complex. Only one
transition is observed for Al+(CO2)Ar at 2366 ( 1 cm-1,
whereas two transitions are observed for Al+(CO2)2Ar at 2352
and 2369( 1 cm-1. The line widths of these spectra are about
3-5 cm-1, which are similar to those we observed previously
for Fe+(CO2)nAr and Mg+(CO2)nAr complexes.28,29The lower
binding energies and increased vibrational state densities
produce higher fragmentation yields and sharp resonances for
the argon-tagged complexes. Because of this, the spectra of the
mixed clusters represent the best measurements possible for the
smaller cluster sizes and these vibrational frequencies can be

compared to the predictions of theory for the corresponding pure
Al+(CO2)n complexes. The vertical blue bars added to Figure 5
show the positions and relative intensities of the vibrational
bands calculated with the B3LYP functional for each of the
lowest energy structures for the pure CO2 complexes. As
discussed below, the vibrations calculated for the pure Al+-
(CO2)n clusters are in nice agreement with those measured for
the Al+(CO2)nAr species.

The linear structure for then ) 1 complex results in a single
IR-active vibrational mode in the region of the asymmetric
stretch calculated at 2367/2363 cm-1 (B3LYP/BP86). The
spectrum for Al+(CO2)Ar shows such a single feature at 2366
( 1 cm-1, consistent with the predicted linear configuration.
This band is blue-shifted by 17 cm-1 from ν3 of free CO2.
Similar blue-shifted vibrations were observed previously for
Mg+CO2 and Fe+CO2 complexes.28,29 As we have discussed
before for these complexes,28,29the blue-shifted vibration results
from increased repulsion on the inner potential wall caused by
the presence of the metal ion. It is interesting to consider the
magnitude of these spectral shifts, which should depend on the
respective strengths of the metal-ligand interactions. Fe+-CO2

and Mg+-CO2 are both linear, and theirν3 spectral shifts are
+58 cm-1 and+32 cm-1 respectively.28,29 The bond energies
for these two complexes are comparable (about 15 kcal/
mol).10,11,29 However, the iron complex has a larger reduced
mass and very different electronic structure than the magnesium
complex, with perhaps some partial covalent character, and it
is therefore not surprising that these two complexes differ in
their vibrational frequencies. Although aluminum and magne-
sium have similar masses, and both are bound primarily by
electrostatic interactions, the 17 cm-1 blue shift observed for
Al+CO2 is considerably less than the 32 cm-1 shift for Mg+-
CO2.29 The same trend in vibrational shifts for these two
complexes is predicted by theory.29 The explanation for this
trend is apparently the different binding energies for the two
complexes. The Al+CO2 complex dissociation energy has not
been measured. However, its calculated dissociation energy from
this work (12.1 kcal/mol) can be compared to the value we
calculated previously for Mg+CO2 (15.4 kcal/mol)29 using about
the same level of theory. The smaller binding energy for Al+-
CO2 probably results from the combined effects of more
effective ligand shielding by the Al+ 3s2 electron cloud and a
greater polarizability of the Mg+ 3s1 valence electron cloud
which allows it to distort more easily to accommodate ligands.

To explore the IR spectrum of then ) 2 complex, we must
consider both in-phase and out-of-phase motions of the asym-
metric stretch on the two CO2 ligands. In a linear OdCdO-
Al+-OdCdO structure, the in-phase combination would not
be IR active, but the out-of-phase combination would be. In a
bentC2V structure, such as the one calculated, both of these are
IR active in the same way that the symmetric and asymmetric
O-H stretches in water are both active. In the measured
spectrum, two IR bands are observed for Al+(CO2)2 at 2352(
1 and 2369( 1 cm-1, consistent with the nonlinear structure
calculated. From the calculations, we can assign the 2352 cm-1

band as the out-of-phase vibration and the 2369 cm-1 band as
the in-phase vibration. In addition to the correct number of IR
bands, both the blue shifts of these bands and their relative
intensities match nicely with theory. These combined observa-
tions confirm that the theoretical structure is at least qualitatively
correct.

In previous IR experiments on other metal ion-CO2 com-
plexes, we found that Fe+(CO2)2 is linear with one IR-active
mode in the asymmetric stretch region,28 whereas Mg+(CO2)2

Figure 4. Infrared spectra of Al+(CO2)2 in the upper trace and
Al +(CO2)2Ar in the lower trace near theν3 of CO2. Attaching argon
reduces the line width from 11 to 5 cm-1.

Figure 5. Infrared spectra of Al+(CO2)1-3Ar from 2300 to 2420 cm-1

compared to theoretically computed (B3LYP) frequencies for the
structures indicated. The vertical dashed line indicates the vibrational
frequency for free CO2.
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is bent with two active modes here.29 As discussed above, both
the magnesium and aluminum complexes are bent because of
the high polarizability of the valence 3s electrons. This effect
is not operative in the case of iron, and the ligands are then
situated to avoid each other more effectively in space. As we
saw for then ) 1 complexes, the band positions for both
Al+(CO2)2Ar and Mg+(CO2)2Ar (2368 and 2384 cm-1) are blue
shifted, but the blue shift is less for the aluminum complex.
The n ) 2 complex for aluminum is calculated to be bound
less strongly than that of magnesium, and so lower vibrational
frequencies are again understandable.

Then ) 3 complex is predicted to have aC3V trigonal pyramid
structure. This configuration results from the same polarization
effect of the metal ion valence electrons discussed above, which
leads to same-side binding of the ligands. To consider the IR
spectrum, we must again consider in-phase and out-of-phase
combinations of the asymmetric stretch on three ligands. From
this, it can be seen that a trigonal planar complex would have
only one IR-active mode in this region (a degenerate 2+1 out-
of-phase asymmetric stretch) whereas the nonplanar complex
would have two IR-active modes (the degenerate out-of-phase
asymmetric stretch and an in-phase asymmetric stretch). Sur-
prisingly, we seethreebands in the spectrum. There is a distinct
blue-shifted peak at 2371( 1 cm-1 and a reproducible doublet
at 2349/2351 cm-1. Neither of the structures expected would
have three IR-active bands, and therefore we must consider the
possibility of some other structure or the possible presence of
more than one isomer. The 2351 and 2371 bands are blue-shifted
with respect to the free molecule, and these are in good
agreement with the calculated positions of the out-of-phase and
in-phase bands for theC3V structure. As seen before for then
) 1 and 2 complexes, these bands for Al+(CO2)3Ar are lower
in energy than the corresponding Mg+(CO2)3Ar modes (2364
and 2388 cm-1) because of the weaker binding interaction with
the aluminum cation. However, an additional band (the lower
member of the doublet) is also seen in both the neat Al+(CO2)3

complex and the tagged Al+(CO2)3Ar species that falls es-
sentially on the position of the free CO2 band. We have
discussed before in our studies of other metal ion-CO2 com-
plexes how such a band can occur in these complexes.28,29 In
pure CO2 clusters that only have binding of CO2 with itself,
the asymmetric stretch has about the same frequency as the free
monomer.60-66 Therefore, we have interpreted a band at the free-
CO2 frequency to indicate the presence of CO2 molecules that
are not attached to the metal ion and have no blue shift. A “2+1”
isomer with one CO2 not bound to metal might be expected to
have a spectrum like that of then ) 2 species because there
are two CO2 molecules attached to the metal ion, and indeed
the blue-shifted bands for both then ) 2 andn)3 species fall
at nearly the same positions. Within the widths of these bands,
it is possible that the spectrum for a 2+1 isomer would overlap
that of the C3V isomer. The spectrum could be consistent,
therefore, with the presence of both theC3V and the 2+1 isomers,
or perhaps only the 2+1 isomer. In either case, it is clear that
some significant number of CO2 molecules prefer to bind
externally to other CO2 ligands and not to the metal at this very
small cluster size. This is surprising, because the binding energy
for theC3V complex should be much greater than that for a 2+1
complex. The binding energies calculated (25.8 kcal/mol for
then ) 3 C3V structure versus 19.8 for then ) 2 C2V structure)
indicate an incrementaln ) 2 f n ) 3 bond energy of about
6 kcal/mol (2100 cm-1) if the CO2 attaches to the metal ion,
whereas the bond energy for CO2 with itself in a 2+1 complex
is likely to be close to the (CO2)2 dimer binding of about 500

cm-1.53 However, it may be the dynamics of cluster growth
rather than the energetics that lead to these isomers. If cluster
growth occurs by sequential addition of CO2 ligands, it is
conceivable that the third ligand encounters the attractive part
of the potential with CO2 as it approaches the complex and binds
initially to one of the ligands already present. If an activation
energy is required to rearrange the system into theC3V structure,
then at the low temperature of this experiment some complexes
would be able to rearrange and other might be trapped in the
2+1 “entrance channel.” Although the quality of our spectra
do not allow a definitive assignment, this growth mechanism
is plausible and it is likely that the bands seen represent the
presence of both theC3V structure calculated to be most stable
and the 2+1 isomeric species.

The larger Al+(CO2)n clusters (n ) 4-11) could not be
produced with attached argon in high enough intensity for REPD
studies. The data we have for these systems therefore comes
only from neat Al+(CO2)n complexes that photodissociate by
the loss of CO2. Each of then ) 4-11 species were scanned
from 2100 to 3000 cm-1. The spectra for then ) 4,5 species
are shown in Figure 2, and the spectra for selected larger
complexes (n ) 6,9,11) are shown in Figure 6. It is interesting
to note that the spectra for then ) 4-8 complexes are all almost
identical, with two main transitions occurring at 2349( 1 cm-1

and 2371( 1 cm-1 for each of these systems. Whereas then
) 3 system had a closely spaced doublet near the free-CO2

frequency, atn ) 4-8 this is a single peak. However, this lower
frequency band is broader in every spectrum than the weaker
higher frequency band at 2371, suggesting that perhaps there
are two peaks close together but not resolved. In our previous
studies of other metal ion-CO2 complexes, we saw bands
assigned to the so-called “core” ligands (i.e., those attached to
metal) that were more blue shifted away from the free CO2

frequency.28,29As more CO2 ligands were added to the cluster,
an additional new band eventually grew in that was assigned
to so-called “surface” ligands that were not attached to metal
but instead were bound ligand-to-ligand.28,29 A similar pattern
in spectra might be expected here as these clusters grow in size.
However, the blue shifts seen here for the these aluminum ion
complexes are not very large. For example, the out-of-phase
asymmetric stretch for then ) 3 complex in itsC3V structure

Figure 6. Infrared spectra of Al+(CO2)6,9,11depict a gradual blue-shift
of the in-phase transition. A new feature appears in Al+(CO2)11 to the
blue of the out-of-phase stretch.
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was calculated to be shifted by only 2 cm-1 from the free CO2
frequency. Because of this small shift, it is likely that the same
kind of out-of-phase vibration would be shifted even less in
the complexes larger thann ) 3, and then this band would
essentially overlap with the vibrations of “surface” molecules
when they begin to appear. This kind of overlap could explain
the broad bands near 2349 cm-1 for the n ) 4-8 complexes.
However, because of this possible overlap problem, it is not
possible to identify clearly when the “surface” molecules first
begin to be formed. On the basis of our discussion above for
the possible isomers atn ) 3, and because of the broad bands
seen, we suspect that some surface molecules are present for
all of these complexes in then ) 4-8 size range. The same
would of course also be true for larger complexes.

Beginning with then ) 9 complex, there are new gradual
changes in these spectra. The 2349 band becomes broader and
the band that was at 2371 in then ) 4-8 complexes shifts
slightly to the blue. It appears at 2373 for then ) 9 complex,
2375 forn ) 10 and 2378 forn ) 11. Additionally, the spectrum
for Al+(CO2)11 shows that a doublet has appeared where the
2349 band was before, and the two members occur at 2347 and
2352 cm-1. As we have discussed previously, there are two
mechanisms that can cause ligand vibrations to shift to the blue
in this size range. Core ligands can become confined by the
growth of exterior layers, and this confinement causes an extra
repulsion on the outer turning point of their vibrations. This
causes a blue shift for the vibration in much the same way that
binding to the metal ion does. The 2371 band in the small
clusters is associated only with an in-phase motion of core
ligands, and this must be the mechanism that causes it to shift
toward the blue in the larger complexes. Surface ligands in the
second layer around the metal (but not attached to the metal)
can also blue shift for the same reason.28,29As the clusters grow
larger, these molecules can also become confined by layers
beyond the second one. This mechanism is only expected when
the clusters have at least some molecules twice-removed from
the metal ion, and it also occurs in larger pure (CO2)n

clusters.61,65,66In the case of iron-CO2 complexes, a band caused
by this effect first appeared atn ) 9.28 Considering this, the
doublet near 2350 cm-1 in the n ) 11 spectrum could arise
from either of these two sources. It could represent molecules
in the layer once-removed from the metal that are confined by
additional molecules, or it could represent the vibration associ-
ated with the out-of-phase motion of core ligands that are blue-
shifted by the additional confinement of outer layers. We are
not able to distinguish between these two possibilities. However,
it is interesting to note that the in-phase vibration near 2370
cm-1 shifts to the blue by about 6-7 cm-1 on going fromn )
6 to n ) 11, and the shift of the band near 2350 cm-1 is only
about 2-3 cm-1. In any event, it seems likely from all of these
results that CO2 molecules beyond those directly coordinated
to Al+ are probably present by the cluster size ofn ) 4-8, and
definitely by the size ofn ) 9. Unfortunately, clusters here
larger thann ) 11 could not be studied in this work. The parent
ion distribution drops off sharply after this size, and the ion
density is then too low for these IRPD measurements.

In previous studies of the ionization behavior of neutral Al-
(CO2)n complexes, we found evidence for an intracluster reaction
producing AlO(CO)(CO2)n-1 products within the cluster.42 The
masses of these units are the same as those of the corresponding
Al(CO2)n complexes, and therefore mass spectrometry alone
cannot distinguish between these two isomeric species. However,
a reaction was inferred because the oxide/carbonyl species had
higher ionization potentials due to the AlO moiety in the cluster.

In the present study, we are examining aluminum metalcations
clustering with CO2, and it is interesting to consider if any such
intracluster reaction occurs here. We have recently seen strong
evidence for a similar metal ion insertion reaction with CO2 in
the case of Ni+(CO2)n complexes.54 The evidence for this was
a strongly shifted band occurring more than 100 cm-1 to the
blue of the free CO2 band, and this was assigned to arise from
CO2 molecules attached to the NiO+ core, which has ion-pair
(Ni2+, O-) bonding character. In the present aluminum system,
there is no evidence for any strongly blue-shifted band, nor is
there any evidence for a carbonyl stretch that might occur in
these same clusters at lower frequencies in the 2000-2300 cm-1

region. We therefore conclude that ionized aluminum-CO2

clusters do not undergo an intracluster reaction. In the future,
we will investigate Al+ clusters that grew first as neutrals and
were then ionized subsequently to see if the IR spectra of these
species indicate any reactions.

Conclusions

Infrared resonance-enhanced photodissociation spectra are
reported for Al+(CO2)n complexes in the size range ofn )
1-11. Fragmentation occurs by the loss of sequential CO2

molecules. For the smaller cluster sizes, dissociation is more
efficient in the argon-tagged complexes due to their lower
binding energies and their higher vibrational density of states.
No significant spectral shifts are observed for the argon-tagged
complexes while the resulting line widths are considerably
narrowed, making it possible to detect weak spectroscopic
features. Density functional theory proposes linear, bent (C2V),
and pyramidal (C3V) structures for then ) 1-3 complexes,
respectively, and the experimentally observed vibrational spectra
for the n ) 1 and 2 complexes compare remarkably well to
theoretical values. Binding of CO2 ligands on the same side of
the metal ion has been seen previously for magnesium com-
plexes and attributed to the unusual polarizability of the valence
3s1 electron. The spectrum of then ) 2 complex here shows
clearly that this same effect occurs for aluminum with its 3s2

valence configuration. Vibrational bands for ligands attached
to the metal ion shift to higher frequencies compared to the
asymmetric stretch in free CO2. However, these blue shifts are
less than those seen previously for magnesium ion or iron ion
complexes with CO2, presumably because the aluminum cation
complexes are more weakly bound. Larger clusters have
vibrational bands near the frequency of free CO2, indicating
the presence of molecules not attached to metal. The details of
layer formation are not as clear here as they were for other
cluster systems because the core ligand shifts are small and these
bands overlap the free-CO2 region. However, these data show
that a significant number of externally bound ligands are already
present at a cluster size ofn ) 3. All of these spectra are
consistent with weak electrostatic bonding for aluminum cation
complexes with CO2. There is no evidence for any intracluster
reactions that were suggested previously for neutral aluminum-
CO2 complexes.
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