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A detailed analysis of the changes in the electronic structure of CO when a proton or a positive charge
approaches the carbon or the oxygen atom is reported using quantum mechanical ab initio calculations and
several methods to analyze the theoretical data. Th® ®ond is shortened by nearly the same amount in
HCO" and QCO compared to free CO, while the nearly identicat Q bond lengths of COHand COQ

are longer than in CO. Hand Q have a strong electrostatic effect upon the atom to which they are bonded,
which leads to an increased electronegativity of carbon and oxygen, respectively. Inspection of the charge
distribution and the natural localized orbitals shows clearly that the short€ Gistances of HCO and

QCOt and the longer €0 bond lengths of COHand COQ are due to the changes in the polarization of

the bonding orbitals which are caused by the positive chargetadrHQ* that are bonded to the molecule.

The bonding orbitals of CO are polarized toward the more electronegative oxygen end. A proton or a positive
charge at carbon attracts electronic charge from the oxygen atom toward the carbon end, which leads to less
polarizedo- andr-bonds and to a more covalent-© bond. A positive charge or a proton at the oxygen
atom has the opposite effect. The calculated curve of th® ®ond length in MCO (M = Li, Cu, Ag, Au)

as a function of the M—CO distance shows that the-© bond becomes shorter in the beginning when the
metal cation approaches the carbon atom. There is a turning point at shorteEMdistances where the

C—0 bond becomes longer again. The charge decomposition analysis shows that the position of the turning
point is determined by the onset of the mé&tat CO back-donation. A relatively small amount oftM

CO back-donation is sufficient to lengthen the CO bond. The turning point for the curve of-tfeb®Gnd

length as a function of the M-CO distance occurs at a®™ CO value that is shorter than the equilibrium
distance for M= Li and Ag, while it is longer for M= Cu and Au. The trends of the bond strengths and
M*—CO interactions are explained with the radii and orbital energies of the vahsraed 0 — 1)d orbitals

of the transition metals.

Introduction CHART 1: Schematic Representation of the Meta-CO
Donor—Acceptor Interactions in Terms of OC — M ¢

The classical picture of metaligand bonding in transition Donation and M — CO -Back-donation

metal carbonyl complexes given in textbooks of inorganic and

transition metal chemistry describes the denacceptor bonds w MQ Z ®c =—0@®
in terms of synergistic bonding, where carbon monoxide acts

simultaneously as-donor andrz-acceptor (Chart 13). Theoreti-

cal studies about the nature of the met@lO bond have

™
showr?— that the dominant orbital interactions at CO involve %@—» Q ?

the HOMO, which has its major extension at the carbon end (
donation) and the €0 antibonding LUMO fr-back-donation). 0 %_» § O
There is general agreement now that for most transition metal

carbonyl complexes the metat CO z-back-donation is more
important for the bonding energy than the O€ metal
o-donation? although the amount af-donation is higher than
that of z-back-donatiort. The reason is that the HOMO of CO
encounters significant electron repulsion with occupied orbitals
of the metal, which counterbalances the bonding interactions
of the CO donor orbital with empty orbitals at the metal.
Electron donation from the occupied orbital of CO to the
metal, which has been suggested as additional source of-metal
CO bonding interaction, was found to be insignificarit.

The picture described above is valid for “classical” carbonyl
complexes, which are clearly the majority of the metal carbonyls.
There is an increasing number of stable carbonyl complexes
for which the metal— CO z-back-donation isot important,
and where the dominant bonding interactions are due to-OC

metal o donation>=7 This class of metal carbonyls has been
termed “nonclassical. Many nonclassical carbonyl complexes
are positively charged species, e.g. M(C@nhd M(CO}" (M

= Cu, Ag, Au) or the recently reported Ir(CEJ.” Theoretical
studies of these cations have shown that metalO z-back-
donation is indeed negligible and that the bonding is mainly
due to OC— metalo donation besides electrostatic attractidf.
The OC— metalo interaction is bonding at longer distances,
because the empty metal orbitals are more diffuse than the
occupied orbitals. This is particularly true when the metal is
positively charged. Highly charged metal carbonyls may have
strong bonds in spite of having little metat CO z-back-
donation, because the acceptor orbitals at the metal are energeti-
cally low lying and the additional Coulomb attraction is rather

strongsga
* Philipps-UniversitaMarburg It is tempting to classify a carbonyl complex as classical or
* Colorado State University. nonclassical by the frequency of the-O stretching mode:
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CHART 2: Schematic Representation of the Change in equilibrium distance of XC® and COX, is in the absence of
the C—0 Bond Length and Stretching Frequencyv(CO) strong interactions the electrostatic effect of-Xupon CO.
along the M—CO Coordinate This explains why the €0 frequency and force constant

decreasavhen X+ approaches CO from the oxygen end, while

they increasewhen X approaches from the carbon end. A

similar conclusion has been reached in an independent theoreti-

cal study by Goldman and Krogh-Jesper&awho showed that

a positive point charge Qat the carbon end of CO has nearly

\ the same effect as a proton. Our work complements the

[\ important work of these authors by showing the results not only

for QCO" but also for CO@ together with an analysis of the

changes in the electronic structure of CO whehapproaches

CO from the oxygen or the carbon end. The results are

compared with calculated data for HCGand COH. It

<«— @ back donation only becomes clear that the electrostatic effect of the proton upon
CO, which was suggested by Goldmann and Krogh-Jespersen
to be the main reason for the bond shortening and increase of
the force constant, operates indirectly by reducing the polarity

nonclassical metal carbonyls hawgCO) > 2143 cm™. of the G-O bond orbitals. Further theoretical results are

However, while the €O stretching frequency increases first  reported for M(COY (M = Li, Cu, Ag, Au). It is shown that

when a metal cation approaches CO until it reaches a maximum,the G-O distance decreases first when CO approaches a

there might be significant metat CO wr-back-donation before  positively charged metal. The curve of the-O bond length

the C-O stretching mode becomes2143 cn! again. This  as a function of the M—CO distance has a turning point, at

is shown schematically in Chart 2. It follows that classical which rco becomes longer. The turning point may be at a longer

carbonyls may also have-€ stretching frequencies which are  or shorter distance than the M(CQ3quilibrium geometry. The

greater than 2143 cm. A more detailed discussion of the  onset of the GO bond lengthening is clearly connected to the

difference between classical and nonclassical carbonyls is foundextent of M— CO s-back-donation.

elsewheré. ) o Carbonyl cations XC® and COX" (X = H, Li, Cu, Ag,

This work is concerned with two aspects of the bonding in Ay) have been studied theoretically before, but most studies
carbonyl compounds. One aspect is the reason for the increasgyere concerned with the structure and bond energy of the
in the C-O stretching frequency in carbonyl compounds where cationsté In a pioneering initial study, Hall and Fenske
o donation is the dominant factor for the bonding interactions, compared calculated orbital populations taken from approximate
I.e., innonclassicacarbonyls. The standard textbook explana- - cajculations with with experimental vibrational frequency data.
tion states that the HOMO of CO iantibondingin the  Beach and Jolff suggested that the rehybridization of the CO
interatomic regiort® The explanation was first given by Fenske 4, and 5 orbitals is responsible for the increase(€0O) when
et al.}* who showed that the Mulliken population analysis of - co hecomes coordinated to BHut the effect of ther orbitals
approximate molecular orbitals is antibonding for the HOMO. \yas not considered. This study focuses on the changes of the
This finding gave a plausible reason for the experimental result yroperties and electronic structure of CO wheh becomes
that for CO" the vibrational frequency (2184 cr) and the attached.
force constant (19.26 mdyn/A) are higher than that of CO (2143
cmland 18.56 mdyn/A) and that Chas a shorter equilibrium Methods
distance (1.1150 A) than CO (1.1331 &). Another experi-
mental result which could be explained by assuming an The geometry optimizations and frequency calculations were
antibonding HOMO for CO was the finding that HGOhas carried out at the MP2/6-31G(d,p) level of theory. For Cu, Ag,
also a higher €0 stretching frequency (2184 c®), a larger and Au a quasi-relativistic small-core effective core potential
C—O force constant (21.3 mdyn/A}, and a shorter €0 (ECP) of Stoll and Preu¥with a (311111/22111/411) valence
distance (1.1047 A) than CB. shell basis set was used. Improved total energies are calculated

There is an important theoretical result, however, which at the CCSD(T) levéP using the same basis set at geometries
speaks against the suggestion that the HOMO of CO is optimized at the MP2 level of theory. The Coulomb effect of
antibonding. Ab initio calculations at the HartreEock level a positive point charge Qwas achieved in two different ways.
of theory give a HOMO which is highly localized at the carbon One way was by using a proton which has no orbital. This
end, but it isbondingbetween carbon and oxygen. This result method was chosen for the geometry optimization and the
is independent of the quality of the basis set. Calculations at frequency calculations, because it is then possible to use
the same level of theory predict that €C@nd HCO™ have analytical gradients for the geometry optimization. The second
higher C—0O vibrational frequencies than CO, although the way was the use of a true point charge, i.e., a positive charge
HOMO of CO is bonding. There must be another factor besides which has no mass. Both methods were used for the analysis
the nature of the HOMO which influences strongly the @ of the electronic structure of QCOand COQ@. The results
interactions. were the same. The calculations were carried out using the

The second aspect of carbonyl bonding discussed in this work program package Gaussian 84.The CCSD(T) calculations
is concerned with the relationship between the two componentswere performed using the program ACESAl.The electronic

all effects

combined <— o donation only

M-CO Bond Distance

CO Stretching Frequency or Bond Distance
3
(]

o-donation andr-back-donation in metal carbonyl cations™™ structure of the compounds was analyzed using the natural bond
CO and the influence of the two different types of interactions orbital (NBO) partitioning scheme developed by WeinRéld
upon the C-O bond length. and the topological analysis of the electron density distribution

In this paper we report results of a theoretical study which developed by Badeéf. The relative amounts of OG> M
show that the major reason which leads to a change inth® C  donation and M— CO z-back-donation were calculated using
stretching frequency, the associated force constant, and thethe CDA (charge decomposition analysis) method developed
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TABLE 1: Calculated Changes (MP2/6-31G(d)) of HCO and QCO* as a Function of the H'—CO and Q*—CO Distance!

HCO* Qcor
Ht—c rc-o vco Feo Erel rot—c rc-o vco Feo Erel
0.5 1.119 2253 22.44 461.7 0.5 1.115 2255 22.46 511.8
0.75 1.126 2204 21.53 —46.1 0.75 1.121 2252 22.52 20.2
1.0 1.130 2171 21.25 —144.8 1.0 1.127 2163 21.79 —64.2
1.095 1.131 2137 21.16 —149.2 1.095 1.130 2069 21.52 —-71.0
1.186 1.131 2031 21.03 —146.3 1.186 1.131 1898 21.31 —72.7
1.5 1.134 2222 20.62 —-116.2 1.5 1.136 2249 20.77 —60.6
2.0 1.138 2183 20.12 —67.5 2.0 1.141 2185 20.11 —-30.7
2.5 1.140 2168 19.80 —35.9 2.5 1.144 2163 19.67 —-15.1
3.0 1.142 2157 19.58 —-17.5 3.0 1.146 2152 19.48 —8.4
35 1.145 2147 19.38 -8.1 35 1.147 2145 19.37 —5.2
4.0 1.147 2141 19.29 —4.1 4.0 1.147 2140 19.31 -3.5
co 1.151 2125 18.92 0.0 co 1.151 2125 18.92 0.0

aDistances in A, frequencies in cm™, force constant§ in mdyn/A, and relative energidS. in kcal/mol.? Calculated using eqg 1, see text.
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Figure 1. Plot of the calculated energi&s. (kcal/mol) of XCO" (X

= H* or point charge @) at various distances-CO. Arrows show
the position of the equilibrium structure.

} —=— HCO*
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by Dapprich and Frenking. For the topological analysis of
the charge distribution the programs BONDER, EXTREM, and
SADDLE were employed®

We calculated the internal force constants for theQC
stretching modé-co using eq 1, which has been suggested by
Goldman and Krogh-Jesperserlhe Fco values are obtained
from the energy changes resulting from extension of theOC
bond length by 0.01 A relative to the energy minimzed
geometries in the carbonyl compledExco) and free CO
(AEco)Z

Feo = (AExco/AEco)Fco @

The reference valuEco is the calculated value at MP2/6-31G-
(d), i.e., 18.92 mdyn/A.

Interaction of CO with a Proton H * and a Positive
Charge QF

In order to estimate the difference between the effect of a
proton H" and a positive charge Qupon the energy, the
interatomic distance, and the vibrational mode of CO, we
optimized the geometries of linear HGCand QCO and
calculated the vibrational frequencies at fixed distancés-H
CO and @ —CO using intervals between 4.0 and 0.5 A. Table

1(X*C-0)
[A]
1.150
1.145 1

1.140 [

o
-

1435 |
|

1.130 +

i
1 —
1.125 ¥ / ‘ m
1.120 / | —o— qcot
1.115
1.110 e e —
0 1 2 3 (x*-co) 4
A1

Figure 2. Plot of the calculated €0 distances (A) of XCO (X =
H* or point charge @) at various distances % CO. Arrows show
the position of the equilibrium structure.

The theoretically predicted H-CO bond energy i, =
149.2 kcal/mol, which gives after correcting for zero-point
energy contributions (ZPE) a calculated proton affinityDaf

= 142.1 kcal/mol. This is in good agreement with the
experimentally observed proton affinity of 141.6 kcal/faind
with a theoretically predicted value at CCSD(T)/cc-pV@Q4

= 140.2 kcal/moP” Figure 1 shows that the potential energy
curve of @—CO has a similar shape as"HCO but that the
well depth of QCO is not as deep as for HCO The energy
minimum is calculated ato-c = 1.186 A andrc—o = 1.131

A. The charge stabilization energy of Q€@ 72.7 kcal/mol,
which is about half oDg(H"—CO) = 149.2 kcal/mol. It follows
that half of the bond energy of the™CO bond is due to
electrostatic attraction.

Table 1 shows that the-@0 bond lengthsco of HCO™ and
QCO' become shorter when the proton or the charge approaches
the carbon end. Figure 2 shows a plot of the@distance as
a function ofry+—co andrg*—co, respectively. The two curves
are very similar. In particular, thec_o bond shortening of
HCO" at the equilibrium distance\fco = —0.019 A) is nearly
the same as calculated for Q€@sing thery+—co equilibrium
distance Arco = —0.020 A, see Table 1). The results listed
in Table 1 and displayed in Figure 2 show clearly tthet C-O
bond shortening of HCOis nearly exclusiely caused by the

1 shows the calculated results. Figure 1 shows a plot of the electrostatic effect of the posié charge at the proton.

calculated energies of HCOand QCO as a function of the
H*—CO and Q—CO distances. The energy minimum of
HCO" is calculated aty—c = 1.095 A and atc—o = 1.131 A,
which is shorter than the calculated value for free CO (1.151
A). The shorter GO bond of HCO compared with free CO

A very interesting result is given when the change of the
C—O distance of HC® and QCOJ is compared with the change
of the stretching frequencyco and force constarfico (Table
1). The frequency and the force constant increase first, when
H* or Q" approaches the carbon atom. This is expected,

is in agreement with the above-cited experimental results andbecause the €0 bond distances decreases. rAtco = 1.50

with recent theoretical work at the CCSD(T)/cc-pVQZ level of
theory2? which gavery_c = 1.093 A andrc_o = 1.109 A for
HCO" and 1.131 A for the bond length of free CO.

A, the C-0 frequency has increased by nearly 100~&m
However, when the proton or positive charge is close to the
carbon atom, the wavenumber of the-O mode suddenly
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TABLE 2: Calculated Changes (MP2/6-31G(d)) of COH and COQ* as a Function of the CO-H* and CO—Q* Distance!

COH* coo
ro-H* rc-o vco Feo Erel ro-q* rc-o vco Feo Erel
0.5 1.158 2033 17.92 422.0 0.5 1.156 2087 18.89 482.5
0.75 1.166 1994 17.28 —43.1 0.75 1.162 2063 18.56 10.3
1.0 1.168 1973 17.13 —-102.3 1.0 1.169 1984 17.42 —49.0
1.007 1.168 1971 17.12 —-102.3 1.007 1.169 1982 17.39 —49.2
1.055 1.169 1957 17.11 —101.3 1.055 1.169 1965 17.42 —49.8
1.5 1.169 2005 17.10 —62.3 1.5 1.163 2053 18.00 —-30.9
2.0 1.164 2030 17.62 —28.0 2.0 1.158 2084 18.46 —13.6
2.5 1.158 2068 18.21 —-11.6 2.5 1.156 2099 18.67 —6.6
3.0 1.155 2096 18.61 —4.9 3.0 1.154 2107 18.77 —-3.6
35 1.153 2109 18.82 —2.4 35 1.153 2111 18.86 —2.2
4.0 1.153 2114 18.88 -1.4 4.0 1.153 2114 18.88 -1.4
co 1.151 2125 18.92 0.0 co 1.151 2125 18.92 0.0

aDistances in A, frequencies in cm™, force constant§ in mdyn/A, and relative energidg, in kcal/mol.? Calculated using eqg 1, see text.

becomes less. The-@ stretching mode of HCO at the oSt
equilibrium geometry (2137 cm) is only 12 cnt?® higher than 20
for free CO. This result is not an artifact of strong anharmo- | Lo 2 s s
nicity effects due to frequency calculations carried out at \ r’//“f“’/{m—:
nonequilibrium geometries. Rather, the relatively low @ 20+ ) "

stretching frequency of HCOis caused by strong coupling of
the C-0O mode with the &H stretching mode. This has been
shown before. Goldmann and Krogh-Jespersen calculated the < 1
vibrational spectrum of HCQ where the proton has an

artifically increased mass of 500 au, which reduces the coupling
of the two stretching modes significanf§y. The calculated value -100
for the C-0 stretching frequency at the equilibrium geometry |
was 2369 cm!. These authors also calculated the harmonic Figure 3. Plot of the calculated energi@. (kcal/mol) of COX (X

-80 T

—=— COH"

—o— cog*

C—O stretching frequency of HCOusing the force constant =+ or point charge @) at various distances COX*. Arrows show
Fco obtained from eq 1. This gives a hypothetical-Q the position of the equilibrium structure.

stretching frequency of 2248 crh'® It follows that the G-O

stretching frequency of HCOgiven by experiment or by direct oK)

calculations is not a specific indicator for the-O bond, m T v -

because it is significantly influenced by coupling with the i@ 1168 & 1 —=— coH’
mode?® Although the effect of mode coupling will be smaller e | / —o— coa*

in metal carbonyls, due to the mass of the metals being higher ;. | ,  /
than hydrogen, it becomes clear that the-@ stretching 1162 /A
frequency should be used with caution when the electronic
structure of the X-CO bond is discussed. A more reliable
indicator is the G-O bond distance. Since the trend of the@
distance can be calculated quite accurately, we will focus in )
the following on the CO bond length. ey R i

In order to investigate the role of the positive charge upon 12 * —t * —
the C-O bond interactions further, we calculated the changes ~ ° 1 ’ ’ “w
of the bond length, €O stretching frequency, and force Figure 4. Plot of the calculated €O distances (A) of COX (X =
constant of CO when a proton or a positive chargé Q H* or point charge @) at various distances GEX*. Arrows show
approaches CO from the oxygen end. The results are shownthe position of the equilibrium structure.
in Table 2 and Figures 3 and 4.

The energy curves displayed in Figure 3 show that the well charge approaches CO from the oxygen end. Only at short
depth of COQ@ at the equilibrium distanceco-o* = 1.055 A distances CGH' and CC-Q" does the GO bond length
(De = 49.8 kcal/mol) is slightly less than half of the stabilization become smaller again. At the equilibrium distance -G0
energy of COH (De = 102.3 kcal/mol atco-+ = 1.007 A). (1.007 A), the G-O bond lengtheningArc—o = +0.018 A) is
The two curves are similar to those calculated for HCahd nearly the same as calculated for CO@ roo = 1.007 A
QCO" (Figure 1), except that the stabilization energies are (Arc—o = +0.019 A; Table 2). It follows that also for COH
higher for the C-coordinated species. It follows that also for the effect of the proton upon the<© bond length is caused
the CO-H™' bond ~50% of the bonding energy is due to by electrostatic effects.If the HOMO of CO would be
electrostatic effects and that50% are covalent interactions. antibonding, the €O bond length of COH should also be
The covalent contributions arise from the orbital interactions shorter than in free CO One might argue that the proton in
between the HOMO of CO and the empty 1s AO of.HSince COH" interacts more with a lower-lying orbital of CO than
the HOMO of CO is more localized at the carbon end than at with the HOMO, because the HOMO coefficient at the oxygen
oxygen, HCOJ is lower in energy than COH side is rather small. However, the Gforbital with a large

More interesting than the enery change along the reaction coefficient at oxygen is the lowest lyings3valence orbital,
coordinate are the changes in the@ distance. Figure 4 shows which is C-O bonding. It is interesting to note that the-O
that the G-O bond lengttincreasesvhen a proton or a positive  stretching frequency anéco force constant of COH and

1.160 T //
1158 4 /
/

1.156
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TABLE 3: Results of the NBO Analysis and the Bader Analysis for the CO Moiety

NBO Bader

molecule Jc Jo Oco BO WBI Jc Jo Jco Pb V2pp Iy Hp

CO 0.45 —-0.45 0 1.44 2.09 1.18 -—-1.18 0 3.05 31.97 0.671 —4.99
HCO" 0.76 —0.09 0.67 1.54 2.35 1.38 —-0.87 0.51 3.20 34.94 0.665 —5.47
(HCO)e 0.76 —0.09 0.67 1.51 2.34 1.34 -0.83 0.51 3.07 28.32 0.666 —5.25
QCO" 0.13 —-0.13 0 1.52 2.34 1.14 -1.14 0 3.20 35.04 0.666 —5.41
COH" 0.91 —0.61 0.30 1.24 1.64 143 —1.24 0.19 2.64 32.45 0.672 —3.95
CcoQf 0.86 —0.86 0 1.25 1.68 157 -—-157 0 2.69 30.11 0.672 —4.08
LiCO™ 0.31 -0.28 0.03 1.49 2.22 1.06 —1.03 0.03 3.12 32.08 0.669 —5.22
CuCOr® 0.30 —0.23 0.07 1.51 2.23 1.13 —-0.99 0.14 3.14 30.53 0.668 —5.31
AgCO* 0.31 —-0.26 0.05 1.51 2.23 1.16 -1.02 0.14 3.13 31.94 0.669 -5.14
AuCO*" 0.37 -0.21 0.16 1.52 2.22 1.22 —-0.97 0.25 3.13 30.89 0.668 —5.31

ag, atomic partial charge$.Bader charges with core density added; BO, overlap-weighted NAO bond order; WBI, Wiberg bond dpdex;
electron density at the bond critical point in €A V2o, Laplacian at the bond critical point in e r,, position of the bond critical point given
by the ratiorp-o/rc-o; Hp, €nergy density at the bond critical point in hartrees.X Calculated using the bond length of free CO (1.151 A).

TABLE 4: NLMO Analysis of the Valence Orbitals at

COQ" decrease when the-® bond becomes longer, and they MP2/6-31G(d):

increase again when the-© bond becomes shorter (Table 2).

However, the dramatic lowering of the force constgap at molecule  bond  occ  pol hybr(C) hybr(O)
short distances H-CO and @—CO indicate the significant co COp) 198 27:73 24:75.05 44:55:0.7
mode coupling with the COH* and CG-Q* stretching CO() 195 2476  0:99:0.7 0:100:0.4
vibration CO(n) 195 24:76 0:99:0.7 0:100:0.4
o o , C(LP)  1.97 78:22:0.0
It is illuminating to analyze the alteration in thedectronic O(LP) 1.98 56:44:0.1
structureof CO when H or Q" approaches the molecule from  HCO* CO(@E) 198 32:68 42:58:0.2 40:60:0.6
the carbon or oxygen end. Table 3 shows the calculated atomic CO(m 1.94 30:70  0:100:0.5  0:100:0.5
partial charges for CO, HCQ QCO", COH", and COQ. CO()  1.94 30:70 0:100:0.5 0:100:0.5
S . HC(0) 1.98 33:67 59:41:.0.1
Because the partitioning of the electronic charge of a molecule O(LP) 198 60:40:0.1
on th_e atoms is de_pendent on the met_h_od,_ we calculated_ the (Hco*» CO@E) 1.97 32:68 42:58:0.2 38:61:0.5
atomic charges using two different partitioning schemes, i.e., CO@) 193 30:70 0:100:0.4 0:100:0.5
the NBO methotf and the topological analysis of the charge CO(@) 193 30:70  0:100:0.4  0:100:0.5
distribution24 Although the absolute values are clearly different, g((i(g)) 11%88 33:67  60:40:0.1 62:38:0.1
the chaqges in the charges at (?grbon and oxygen resulting from Qcor CO) 198 31:69 39:61:0.3 1257:0.7
protonation or point charge addition are the same. Both methods CO() 1.94 3070  0:100:0.4  0:100:0.5
predict that, in CO, carbon has a positive charge and oxygen CO(r) 1.94 30:70 0:100:0.4 0:100:0.5
has a negative charge, which leads to electrostatic attraction C(LP) 1.98 60:40:0.2
between the two atonf8. The charge separation between C " O(LP)  1.98 _ . 58:42:0.1
and Odecreasesvhen a proton or a positive charge™ Qs co CO@)  1.98 22;78 20_'80_'0'7 55;45'9'3
hed h b d his i ble. b h CO(n) 196 15:85 0:99:1.2 0:100:0.1
attached to the carbon end. This is reasonable, because the Co() 196 1585 0:99:1.2 0:100:0 1
positive charge attached to the carbon atom strengthens its C(LP) 1.97 82:18:0.0
electron attraction (increase of the effective electronegativity), OH(s) 198 86:14 45:55:0.1
which leads to a charge flow from the oxygen atom. It follows COQ" CO() 1.98 2377 21:79:0.7  53:47:0.3
that the shortening of the -@0 bond in HCO and QCO CO(m)  1.96 16:84 0:99:1.1 0:100:0.1
; . 20 CO() 196 16:84  0:99:1.1 0:100:0.1
cannot be explained by the change in the electrostatic interac- CULP) 1.97 82:18:0.0
tions between carbon and oxygen. The same conclusion can O(LP) 1.98 46:54:0.2

be made from the calculated charges of d COQ (Table aocc, occupancy; pol, % of occ, assigned to first and second atom;
.l : , y » /0 ) ,
4). The attachment of Hor Q" to the oxygen atom increases hybr, % s, p, and d character of the hybrid orbitals; all delocalizations

the electron attraction of oxygen, which leads to a higher (g gther atoms are below 0.6%Calculated using the CO bond length
negative charge at O and a more positive charge at C. If the of free CO (1.151 A).

electrostatic attraction between oxygen and carbon would be

the dominant factor for the alteration in the-O bond lengths,  respectively. The polarization of the bonding orbitals changes

COH" and COQ should have ahorterC—0 bond and HCO significantly when H or Q' are attached. The-€0 bonding

and QCO should have éongerC—O bond than free CO. Then  orhitals becomdesspolarized® in HCO* (o-orbital 32(C):68-

what is the reason for the calculated changes in th®®ond (O); zr-orbital 30(C):70(0)) and in QCO(o-orbital 31(C):69-

lengths? (0); r-orbital 30(C):70(0)), while they armore polarized in
The answer is given by the calculated changes in the covalentCOH" ((o-orbital 22(C):78(O);z-orbital 15(C):85(0)) and

contribution to the bonding between oxygen and carbon. More COQ" (o-orbital 23(C):77(0);-orbital: 16(C):84(0)). It is

specifically, the change in the polarization of the molecular interesting to note that the polarization of tir@rbital changes

orbitals of CO explains the calculated-© bond shortening more than ther-orbital. This is reasonable, becauseAhsond

of HCO™ and QCO and the bond lengthening of COHand is higher in energy than the bond.

COQt. Table 4 shows the natural localized orbitals (NLMOSs) It might be argued that the change in the bond polarization

of the calculated compounds. There are two bonding orbitals  of CO is caused by the shorter-© bond in HCO rather than

for CO, oneu orbital and one degenerateorbital. Both orbitals the electrostatic effect of the proton and that the discussion uses

are strongly polarized toward the oxygen end. TDherbital a chicken-and-egg argumentation. In order to investigate this

has a distribution of 27(C):73(0), and theorbital has 24(C): point, we calculated the electronic structure of HQ@ing the

76(0). There are also two lone-pair orbitals at C and O, theoretically predicted €0 bond length of free CO (1.151 A).
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TABLE 5: Theoretically Predicted (CCSD(T)//MP2) and energy for the Cti—CO bond (30.9 kcal/mol) is lower by 3
Experimentally Observed Physical Constants of M(COJ @ kcal/mol than the lower limit of the range of the experimental
calc exp value reported by Armentrout and co-workers (36(2) kcal/i#fol).
M* fwco fvco De(Do)  vco Avee® Do Aveo® A previous theoretical study by Bauschlicher and co-wofkers
L+ 2233 1143 17.9(167) 2176 158 gave a bond energpo = 32._0 kcal/mol. Our ca}lcu_lated bond
Cu* 1891 1142 323(30.9) 2182 +63 36(2) +35' energy for Ag—CO (Do = 20.8 kcal/mol) is in perfect
Agt 2249 1142 21.8(20.8) 2181 +59 21(1) +6% agreement with Armentrout’s experimental vall® & 21(1)
Aut 1.976 1.142 38.3(36.9) 2177 +59 +53 kcal/mol)3% There is no experimentally determin@&g value

aBond lengthsr in A, dissociation energie® in kcal/mol, and for the Auf—CO bond known to us. Our calculated CCSD-

vibrational frequencies in cm~L. ® With respect to free CG: Reference (T)/IMP2 value is 36.9 kcal/mol, significantly lower than the

35. 4 Value for [Cu(CO)](Ask), ref 6b.¢ Reference 6¢.Reference 5f. QCISD(T)//MP2 value of 43.5 kcal/mél. We believe that the
present value is more reliable, because the CCSD(T) level has
been found to give more accurate energies than QCISH(T).

Table 3 shows that €0 bond order is nearly the same in Neverthe|ess’ note that the QC|SD(D'6 value for Ag*‘—CO

(HCO"), which hasrc-o = 1.151 A, and optimized HCQ was reported to be 19.7 kcal/mBlyirtually the same as the

Table 4 shpws that the po[arization of.theO bond orbitals CCSD(T) value of 20.8 kcal/mol.

of (HCO") is the same as in HCO This shows clearly that All four cations M(COYJ are predicted to have higher-©

the driving force for the €0 bond shortening in HCOis the . ; . .

. . A stretching frequencies than free CO, the simplest possible
electrosta_ltlcally induced change of the polarization of thed hallmark of nonclassical metal carbon$ldJnfortunately, there
bond orbitals. : L

W £t int out that the alteration in the bond are no experimental gas-phase vibrational data for free M{CO)
olaﬁzgi%z ofOQ(F;c()ﬁmanguCO(ja s vgr asii:ﬁa:??o Il-r|]COeandon cations, and it has been shown that the counteranion has a
?ZOHJr respectively. This supports they conclusion that the effect measurable effect an(CO). For example,(CO) for [Ag(CO)I-
, resp Y. pp [OTeF], [Ag(CO)][B(OTeks)4], and [Ag(CO)]|[Nb(OTeRk)g] are

pf attac;hmg a proton to CO is malnl_y due to electrosta_tlc 2189, 2204, and 2208 crh respectively’ Nevertheless, and
interactions. The electrostatic interactions play a paradoxical "~ . . . . .
with this caveat in mind, a comparison of our theoretical

role, however, because they become manifest only indirectly. (CO) values with experimental data will be made. The

The electrostatic interactions lead to an opposite change in the . .

polarzation of the bonding orbitals of HCOand Qco  + LOCINERER) e L R B S R o

compared to COHand COQ, and thereby to a change in the :
P Q y g AsFs~ for Cu(COY, B(OTeR)s for Ag(CO)", and SGF- for

covalent part of the €0 bonding. This is the central " / .
mechanism which leads to the shortening and lengthening of AU(CO)"- The MP2 calculations for Cu(COJorrectly predict

the C—O bond in HCO" and COH', respectiely. The change tha_ltv_(CO) is higher than in CO, but the calcul_ated frequency
in the hybridization and the-€0 bond orders support the above  Shift is much higher 63 cn™) than the experimental value
conclusions. The %s character at the carbon end of theCc (135 cn).%2 However, calculated(CO) values for Ag(CO)

o bond increases in HCOand QCJ, while it decreases in ~ @nd Au(COY, which are both+59 cni, are in excellent
COH* and COQ (Table 4). The G-O bond orders in HCO agreem_ent with the expenmgntal valuestds and+53 cnrl,
and QCO are higher than in CO, while they are lower in COH  respectively’? It seems possible tha(CO) values of Cu(CO)
and COQ. Itis the change in the e@lent contribution to the ~ Salts are more counterion dependent than for Ag(C@)Au-
C—0 bond which leads to a shorter or longer bond in the C- (CO)" salts, and we intend to explore this possibility both
and O-protonated isomersA more covalent €O bonding in ~ experimentally and theoretically in the future.

HCO" and QCO and less covalent character in COlnd Figure 5 shows plots of MP2-calculated-O distances as a
COQ" than in CO is also given by the topological analysis of function of fy_co. We begin the discussion with 1iCO
the electron density distribution (Table 3). The electron density (Figure 5a), which can have no metal CO sr-back-donation.
at the CO bond critical points of HCOand QCO is higher Our results indicate a shortening of the-O bond length up to
than in CO, while it is lower in COH and COJ. An fii-co = 1.75 A, which is considerably shorter than the
accumulation of electronic charge has been suggested asequilibrium bond length of 2.233 A. At this point an interaction
indicator of covalent bondingf Another sign for more covalent  petween the filled Zscore orbital of Lit and the lowest lying
character in the €0 bonds of HCO and QCO and less  emptys* orbital of CO becomes significant, and this leads to
covalent bonding in COHand COQ is the calculated energy g |engthening of the €O bond. The CDA results shown in
densities at the bond critical point, which are more negative in Taple 6 indicate that the onset of the" > CO o-back-donation
the former compounds and less negative in the latter speciessiarts atr;;_co ~ 1.50 A, while at longer Li—CO distances

than in CO%* only OC — Li* o-donation is important. It is a significant
_ _ N finding that the M— CO o-back-bonding can have as large an
Interaction Of CO W|th POSItIV6|y Charged Meta|S effect onrco, and presumab'y(co), asi-[_back_bonding does

In order to investigate the influence of the metal CO for classical metal carbonyls, even if the effect @back-
7-back-donation on the €0 bond, we calculated CCSD(T) bonding only occurs at unrealistically shortMCO distances.
M+—CO bond energies (i.eDo values) at MP2 optimized MC The plots for Cu(CO), Ag(CO)*, and Au(COJ (Figure 5,
and C-0 bond lengths of the cationic monocarbonyls M(CO) b, ¢, and d, respectively) have turning points Ao at nearly
(M = Li, Cu, Ag, Au). In addition, we also calculated~© the same metal-CO distance 0f-2.15 A. This is a remarkable
bond distances at the MP2 level of theory, at fixed distances result, because the three metal cations have quite different
M*—CO between 4.0 and 1.0 A (M Li) or between 4.0 and  equilibrium M"—CO distances (see Table 5). The"MCO
1.5 A (M = Cu, Ag, Au). equilibrium bond distances of Cu(CO)and Au(CO) are

Table 5 shows calculated equilibrium™CO and C-O shorterthan the turning point oAArco, while the equilibrium
bond lengths, M—CO bond energiesDp), andv(CO) values Ag*—CO distance isongerthan the turning point. Neverthe-
for the four M(CO) complexes. The CCSD(T)/MP2 bond less, theshorteningof the C-O bond at the equilibrium
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aG.0) a TABLE 6: CDA Results for the OC — M* Donation d,
o015 . ; M+ — CO Back-donation b, and M* < CO Repulsive
‘ § Polarization r of M(CO) ™ at Various Distancesry+_co (A)
0.010 4 \\ at the MP2 Level
0005 \ M+ 'mT—co d b r
rLgo) Li* 1.00 0.718 0.065 —0.395
o000 |- - s - : R Li* 1.50 0.541 0.008 —0.098
\ . Li* 2.00 0.369 0.002 —0.016
-0.005 1 \ /,,,}//"’/{// Li* 2.233 0.323 0.001 —0.006
R Li* 2.50 0.276 0.000 —0.002
o010 | T Li* 3.00 0.166 0.000 0.000
5 Li* 3.00 0.166 0.000 0.000
o015 i Li* 3.50 0.103 0.000 0.000
Li* 4.00 0.066 0.000 0.000
(G0 b Cut 1.50 0.436 0.228 —-0.186
0015 T ; Cut 1.75 0.535 0.100 —0.068
1 cut 1.89F 0.537 0.060 —-0.047
0010 1 Cut 2.00 0.500 0.036 —-0.034
5 cut 2.15 0.447 0.019 —-0.025
2.005 ; Cut 2.25 0.408 0.012 —-0.021
; i cut 2.50 0.322 0.004 —-0.013
e T Sl — e Cut 3.00 0.206 0.001 —0.005
\ . Cut 3.50 0.135 0.000 —0.003
0005 \ ; T Cut 4.00 0.087 0.000 0.000
i N Ag* 1.50 0.549 0.413 ~0.443
0010 + A Ag* 1.75 0.453 0.161 —0.259
| ; Ag* 1.85 0.417 0.105 —0.205
oo i Ag* 2.00 0.380 0.055 —-0.147
Ag* 2.05 0.361 0.040 —-0.126
arc-0) c Ag* 2.15 0.342 0.024 —0.099
00s ; Ag* 2.249 0.327 0.013 —-0.077
Ag* 2.35 0.314 0.009 —0.060
0010 | Ag* 2.50 0.302 0.002 —0.042
% Ag* 3.00 0.235 0.000 —0.010
ocus | | | Ag* 3.50 0.166 0.000 —0.002
i \ e Ag* 4.00 0.112 0.000 0.000
ﬂ-fmﬁ e P + ; Aut 1.50 0.538 0.541 —-0.318
| . Aut 1.75 0.486 0.246 —0.202
0005 1 oo PR Aut 1.85 0.452 0.171 —0.166
; RN Au* 1.976 0.425 0109  -0.133
©o10 R Aut 2.00 0.413 0.094 —-0.122
] 3 Aut 2.15 0.387 0.049 —0.090
oot Aut 2.25 0.374 0.031 —-0.074
Aut 2.50 0.338 0.008 —0.045
e d Aut 3.00 0.243 —0.001 —0.014
oot % Aut 3.50 0.166 0.000 —0.003
Aut 4.00 0.116 0.000 0.000

0.010

a Equilibrium distance.
0.005
r(Au-CO)

‘ ‘ A The result is that the €0 bonds in the four M(CO) species

B B i 5\ 2 o as : as . are actually more covalent, and correspondingly less ionic, than
0008 | A ‘ e the C-0O bond of free CO.

‘\ | T The CDA results for M(CO), listed in Table 6, shed further
0010 1 A e light on the nature of the M—CO bonds. At the M—CO

equilibrium distances there is significant Au~ CO z-back-
donation, some Cu— CO n-back-donation, but negligible Ag
X . — COz-back-donation. Note that the absolute numbers of the
distances M-CO. (a) M= Li*; (b)) M = Cu*; (c) M = Ag™; (d) M = . . . L .
Au™. Arrows shové tzle position( o)f the equilitgri)um strugturfa.)A dashed calculated charge donation have little mea_mn_g; '_t _'S riétéo
line indicates the lowest lying point of the curve. of the two donor-acceptor components that is significant. The
ratio is 0.11 for Cu(CO), 0.04 for Ag(CO), and 0.26 for Au-
geometry is nearly the same for the three®O species (0.0091  (CO)". The negligible amount of Ag— CO z-back-donation
A for Cu(COY)+, 0.0089 A for Ag(COY, and 0.0088 A for Au-  at the Ag-C equilibrium distance is in harmony with our
(CO)h). observation that a further shortening of the?AgCO distance
Table 3 shows the results of the NBO and topological analysis results in a slight shortening of the<© bond, before it results
of the electron density distribution for the M(COgations at in C—0 bond lengthening (see Figure 5c). Table 6 clearly
the equilibrium geometries. As expected, there is only a small indicates that even a relatively small amount of M~ CO
donation of negative charge from CO to the"Mations; the m-back-donation is sufficient to lengthen the-O bond in
equilibrium metal charges in the M(COxomplexes are 0.97, M(CO)* complexes.
0.93, 0.95, and 0.84 for Li, Cu, Ag, and Au, respectively. The  The differences in M(CO) equilibrium bond distances and
C—0 bond orders and the electron densities at thedhond in the back-donation/donation ratios for 8 Cu*, Ag*, and
critical point of the M(COJ complexes are higher, and the Au* of M(CO)* can be understood by examining the radii of
energy densityH, is more negative than in the free CO molecule. their valence s and d orbitals. Since the electronic ground state

-0.015

Figure 5. Plot of the calculated €0 distances (A) of MCO at various
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Figure 6. Orbital energy diagram for the highest occupied and lowest
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to removal of electron density from the metal and hence should
be related to ionization potentials. The second ionization
potentials of silver (21.5 eV) is larger by ca. 25 kcal/mol than
those for copper (20.3 eV) and gold (20.5 eV). In fact, silver
has the highest second ionization potential of all metallic
elements except for the alkali elements. It is now straightfor-
ward to understand why there is negligibteback-donation in
the Ag(CO) complex. Since metat> CO mz-back-donation
has been found to be more important for the me@0D bond
strength than OG- metalo-donation? it becomes understand-
able why the Ag—CO bond is clearly weaker than the Cu

CO and Ad—CO bonds. The Ag cation has two strikes
against it: o-repulsion leads to a long Ag-CO bond distance
and poorr-overlapandthe second ionization potential for silver
are too high for effective transfer of electron density from the
metal to the CO ligand.

state. The d subshell energies correspond to the second ionization

potentials for the neutral atoms. The & energy gaps correspond to
the lowest energy®! < d'° electronic transition energies for the gas-
phase M cations’

for these three metal ions id%, the s valence orbital serves

as the acceptor orbital and two of the valence d orbitals are the

donor orbitals. The radius of the 6s orbital of gold, 3.061 au,
is rather small, while the 5d orbital has a comparatively large
radius of 1.618 at? The radial expansion of the 5d orbital and
the contraction of the 6s orbital are well-known relativistic
effects, which are particularly strong for Al. This means that

a ligand, L, has to come rather close to the gold cation in order

to achieve efficient L— Au™ g-donation, and the necessarily
short Au—L distance leads to significant Au— ligandr-back-
donation.

Au.%0 |t follows that L — Ag™ o-donation becomes effective
at a distance too long to allow for appreciabtédack-donation.
This explains why Ag(CO) has a rather long silvercarbon
bond with primarilyo-donation and negligible-back-donation.

Copper is intermediate between silver and gold. The radius
of the 4s orbitals of copper is smaller, 3.262 au, than the radius

of the 5s orbital of silver, but larger than the radius of the 6s
orbital of gold*® The radii of the 3d orbitals of the first

transition metal row are small because there is no lower-lying

shell of d electrons which would yield strong Pauli repulsion.
Accordingly, the radius of the 3d orbital of Cu is only 1.002
au?° |t follows that a ligand can come rather close to™Cu
before repulsive interactions between the filledonor orbital
and the 3d electrons become significant.
relatively short and strong equilibrium €& CO bond, and the
short bond results in significantoverlap and hence appreciable
Cut — CO z-back-donation.

The orbital energies of the metal cationg Mhown in Figure
6, are also important for a complete understanding of the metal
carbon bonds. The interaction of the filled @@lonor orbital
with the filled metalz%(d,)M™ atomic orbital leads t@-repul-
sion. In general, sdmixing for d'° metal ions results in a shift
of electron density from the axis (the metatligand axis) to
thexy plane, decreasing therepulsion and allowing for shorter,
stronger metatligando-bonds*? The s-d, energy gaps and
d-subshell energy levels for CuAg™, and Au™ are depicted

in Figure 6 (the d-subshell energies correspond to the second

ionization potentials of the neutral atoms). The'Agn, with
the largest sd, energy gap, forms the weakest metkdand
bond, while the Ad ion, with the smallest energy gap, forms
the strongest.

Since n-back-donation involves a shift of electron density
from filled metal d-orbitals to empty CO orbitals, it is related

In contrast, the 5s orbital of silver has a much larger
radius, 3.451 au, than the 6s orbital of gold, while the 4d orbital
of Ag has a smaller radius, 1.396 au, than the 5d orbital of

This leads to a

Summary and Conclusion

The shortening of the €0 bond length in HCO and the
lengthening in COH relative to free CO are caused by the
change in the polarization of the bond orbitals due to the positive
charge of the H ion. The bonding orbitals of free CO are

r polarized toward the oxygen atom because oxygen is more

electronegative than carbon. Placing a protwna positive
charge at the carbon atom of CO serves to attract electron
density from the oxygen atom to the carbon atom, which leads
to less polarized- andz-bonds and to a more covalent-©
bond in the HCO molecular ion than in free CO. Placing a
proton or a positive charge at the oxygen atom has the opposite
effect.

The C-0 bond distance of M(CO)complexes, M = Li*,
Cu*, Ag", and Au", becomes shorter as the CO molecule
approaches Mfrom infinity, but there is a turning point in the
vicinity of the equilibrium Mf—CO distance after which the
C—0 bond begins to lengthen as theé MCO distance continues
to decrease. The turning point is shorter than the equilibrium
M*—CO distance for Lf and Ag", but longer than the
equilibrium M™—CO distance for Ctiand Aut. The CDA
results show that the lengthening of the-Q bond is caused
by the onset of M — CO o- or z-back-donation. Furthermore,
a relatively small amount of M — CO back-donation is
sufficient to lengthen the CO bond. The differentMCO bond
energies and metakarbon back-donation/donation ratios can
be understood in terms of the radial extension and the energies
of the valencens and ( — 1)d orbitals of Cd, Ag™, and Au'.
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