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1 Summary

Quantum mechanical studies show that there is a new class of compounds
called carbone, with the general structure of CLo, where the carbon retains
two lone pairs and L, the ligands, donate their electrons, forming dative
bonds with the divalent (0) carbon.

A Valence Bond analysis of carbon monoxide, dioxide and suboxide al-
lowed to investigate the nature of the bonding scheme and definition of
these molecules, as an attempt to clarify whether they can be classified as
carbones. For carbon dioxide the already known linear structure with two
double bonds has been confirmed, while for carbon monoxide and suboxide
it was found that the use of bond arrows is more appropriate, indicating
the presence of dative rather than covalent bonds. While carbon monoxide
is characterized by both covalent and dative bonds that generate a triple-
bond structure, carbon suboxide’s main contribution is from the dative bond
perspective, thus making it a carbone.



2 Introduction

Carbon is one of the most important elements of the periodic table, being one
of the corner stones of organic life on Earth. Its versatility allows it to form a
wide variety of bonds, ranging from covalent single, double and triple bonds,
which can be formed with virtually every other atom of the periodic table. In
most of these situations, carbon is found in its tetravalent state, in which it
generates rather stable compounds; however, in the 1950s, the first molecules
with a divalent (IT) carbon, carbenes, were found and introduced into organic
chemistry by Doering [1]. Carbenes are neutral unstable compounds where
carbon remains with two unshared valence electrons; an example of a carbene
is dichlorocarbene, CCls.

Recently, theoretical and experimental results have identified a new class
of compounds where carbon is found in its divalent (0) state, meaning that
its oxidation state is zero: carbones. The peculiarity of these molecules is
that the carbon’s electrons appear not to participate in the bonding and the
atom remains with a lone pair in one of the 2p orbitals; thus, the bonding
of these molecules, generally with the structure of CLs, where L is a ligand,
is comprised of two donor-acceptor bonds: L— C < L. Figure 1 displays
a schematic representation of the bonding scheme in CLg, with the ligands
behaving as m donors into the empty 2p orbitals of the carbon.

Firstly, it is perhaps important to define what the difference between
a covalent and a dative bond is, concepts introduced into Chemistry by
Lewis, in his book "Valence and the structure of atoms and molecules" [2].
When the two electrons forming the bond come each from one atom, there
is a covalent bond; when the two electrons come only from one of the two
atoms forming the bond, it is said to be a dative bond. When the bond is
formed it is impossible to state where the electrons came from, due to the
fact that they are indistinguishable. One way to classify the type of bond is
by looking at the fragments obtained once it is broken: depending on if it
breaks homolytically or heterolytically it can be interpreted as a covalent or
a dative bond, respectively [3]. Moreover, dative bonds have been classified
as rather weak, longer than single covalent bonds and with a small degree
of charge transfer [4].

The first isolated synthesized carbone was hexaphenylcarbodiphospho-
rane, C(PPhs)2 by Ramirez in 1961 [5]. Figure 2 represents the bent struc-
ture of C(PPhg)2, and reports values both from theoretical and experimental
results (in italics). There are two peculiar properties of this molecule which
arose doubts about what types of bonds are present between the phosphorus
and carbon: the molecule was found to be bent in the solid state through X-
Ray diffraction analysis, with angles ranging from 130.1 to 143° [8, 9], rather
than being linear as expected, with C-P double bonds. In fact, carbon-
phosphorus bonds in carbodiphosphoranes had usually been classified as
diylides, with structures resonating between double bonds and two negative
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Figure 2: Representation of the first synthesized carbone, carbodiphospho-
rane; picture taken from Frenking et al. (2014) [6]. The values reported are
from DFT calculations [7] , while in italics are reported the experimental
ones [8].

charges on the carbon and one on each phosphorus. Secondly, its peculiar
reactivity provides support to the presence of dative bonds rather than co-
valent ones; in fact, the molecule was found to be an effective ligand, able to
bind to several metals and non-metals. Implementing experimental results
with theoretical ones, the best description for the bonding characteristics of
C(PPhs)2 was given in 2006 by Frenking, stating that they can be described
in terms of donor-acceptor bonding rather than electron-sharing ones, with
carbon in its !D state [10]. When carbon is in the D state, its electronic
configuration is [He] 2522pX02py02p22: the two vacant p orbitals will serve as
m and o acceptors from the ligand orbitals; thus the carbon would retain two
lone pairs, and for this reason is considered a ‘naked atom’ Furthermore,
by looking at the molecular orbitals, it is possible to identify the HOMO as
a 7 type lone-pair orbital, while the HOMO-1 presents a ¢ lone-pair char-
acter, as one would expect by the 'D electronic configuration. From these



findings, the search for other complexes presenting the same properties as
carbodiphosphorane started: molecules such as C(NRg)2 and C(CRg)2 were
theoretically investigated [7].

The introduction of this class of compounds has, however, caused some
controversies in the scientific environment. According to Himmel et al. [4],
in fact, the use of bond arrows in order to describe the structure of main-class
compounds has been used with exaggerating frequency and as a marketing
device, as the concept of donor-acceptor carbon complexes is a valid yet not
entirely new concept [11]. Moreover, the authors point out the importance
to use notations that are in agreement with the results of experiments and
the general properties of the molecules. In the following investigation, a
comparison between experimental and theoretical results will be presented.
Moreover, the calculations have been performed using Valence Bond Theory,
as all other data found in literature has approached the problem by using
Molecular Orbital Theory instead; it is hoped that this alternative method
will allow to determine whether the use of bond arrows is an appropriate
description for the structure of a few specific molecules.

2.1 Analytical methods

Since the publication of the 2006 paper from Frenking, introducing for the
first time dative bonds in order to describe bonds in carbones, several ex-
perimental and theoretical analyses of a few different molecules have been
described using the same model. The main analysis tool used in order to
investigate the properties of carbones has been calculations of proton affini-
ties (PA), where the molecules displayed a high second PA, due to the high
electron density at the central carbon even after the removal of the first
electron; analysis of the donor strength showed that carbones are strong
electron donors, able to bind two ligands [12]. In these cases, experimental
and theoretical values come to good agreement. Calculations of the energy
decomposition analysis (EDA) have often been performed as well, allowing
a calculation of the instantaneous interaction energy; EDA specifies the im-
portance of the contribution from the electrostatic interaction, the exchange
energy (Pauli interaction) and the orbital interaction, due to orbital mix-
ing and relaxation. The interaction energy can provide detailed information
about donor-acceptor interactions, reveal the strength of the m and o contri-
bution to the bonding, thus giving insight into the type of bonding between
the atoms or fragments of molecules [13]. In conclusion, numerous molecules
that can be classified as carbones have been identified and studied in vari-
ous different ways, with experimental and theoretical results supporting one
another.

In the study here presented, the concepts from the above behavior of
carbon were analyzed in three molecules, CO, COg and C303, in order to
attempt to define a precise bonding description. The analysis was performed



using Valence Bond Theory (VB), which allows the contribution of each
atom to the bonding of the molecule to be specifically determined and, in
particular, to determine which atomic state of the atoms has greater weight,
thus giving insight to the electronic configuration of the atom as it is bonded.
In order to do so, the term symbols for each atom are determined, allowing
the description of its electronic configuration by expressing the angular mo-
mentum (a.m.) quantum numbers in the contracted expression 25*1L: S is
the total spin a.m., while L is the total orbital a.m.. As L. and S are vector
operators, which commute with the atomic Hamiltonian, it is possible to
determine the eigenfunctions of the Hamiltonian in terms of L and S, which
then represent the length of the vectors of the operators. By attributing the
term symbol, the term for the eigenfunction of the Hamiltonian is defined,
giving the energy level of that specific configuration as well. Carbon, in its
ground state, can be found either in a singlet (1S or 'D) or a triplet (°P)
state; if the hybridized configuration is taken into account as well, it can
be found in a quintet (°S) state. Oxygen can, as well, be found in either
a singlet (1S or D) or triplet (*P) state. All possible configurations and
combinations thereof are taken into account in the Valence Bond analysis.
Moreover, as ionic structures are taken into account as well, Table 1 dis-
plays all the possible term symbols in which the atoms under investigation
can be found.

Table 1: All possible term symbols for the different configurations of carbon
and oxygen both in the neutral and ionic states.

Species Term symbols

C, O 151D 3P
ct, O ’p
C, Ot 2P2D,*S

2.2 Carbon monoxide, CO

The most common picture of carbon monoxide, given by MO, is that of a
triple bond (the bond order is indeed 3), comprised by two covalent and
one dative bonds [14]; this is further supported by an experimental bond
length of 112.8 pm [15]. Moreover, the molecule retains an intrinsic dipole
moment, which was found experimentally to be of 0.112 D, which can be
represented by having a negative charge on the carbon and a positive one
on the oxygen. This is however counterintuitive, as the oxygen is more
electronegative than carbon and thus a negative charge on the oxygen atom
would further stabilize the molecule. By investigating the bonding of carbon
monoxide, different Lewis structures can be drawn, as displayed in Figure



3, comprising of one covalent and two ionic configurations, where the bond
shifts from single to double to triple. By including all three structures, a
complete VB wavefunction for this molecule can be obtained.

®CE O®<—> C=0 <—>®C—O®

Figure 3: Schematic representation of the covalent and ionic structures of
carbon monozide.

2.3 Carbon dioxide, CO,

Carbon dioxide, according to MO theory, is also commonly depicted with two
C-0O double bonds; this is indeed supported by experimental bond lengths
of 116.1 pm and a linear bond of 180° [16]. Now, the molecule can be
represented either with two covalent double bonds (with carbon being sp
hybridized), or with dative bonds. The former case implies that carbon is in
its excited °S state and the two oxygen atoms are in their 3P ground state.
Thus, promotion energy (energy needed to excite the atom from its ground
state to its excited one) is needed in order to excite the carbon: 3P—5S,
excitation of 94.4 kcal/mol. On the other hand, however, if the molecule
was depicted with dative bonds, promotion energy would be needed both
for carbon (*P—1D, transition of 29.1 kcal/mol) and for the two oxygen
atoms (3P—!D, transition of 45.3 kcal/mol); thus, the overall cost of these
transitions would be of 119.9 kcal/mol, which is more than the previous
case [17]. It would therefore be expected that the best way to represent the
bonds in carbon dioxide is by double bonds rather than dative ones, as they
are more energetically favored (Figure 4).

0= C =0 O=C=0

E=119.9 kcal'mol E=96.4 kcal/mol

Figure 4: Schematic representation of the covalent and dative structures of
carbon dioxide, with the respective promotion energies.

2.4 Carbon suboxide, C503

Carbon suboxide played a particularly important role in the development
of carbones. Its structure has been investigated since the 1950s, trying to
find satisfactory answers to observations of the infrared spectrum of the fine
structure; despite the fact that contrasting results have been obtained, the



molecule is now commonly defined as quasi-linear. The vibrational ampli-
tudes display deviations from linearity, due to a very low barrier for bending
around the central carbon atom, which only differs slightly from the vibra-
tional ground state. Koput et al. [18] investigated the molecule by an ab
initio theoretical study on the structure and the bending energy levels; the
calculations were performed with the coupled-cluster method (CCSD(T)),
while the bending analysis was done by using a semi-rigid bender Hamilto-
nian. The barrier between the bent and linear structures of the molecule
was found to be 0.0513 kcal/mol (18 cm™), thus making it quite difficult
to determine its favored state. In particular, the C-C-C bond angle was
found to have a minimum at 157°, found by treating carbon suboxide as
a semi-rigid bender [19]. Considering that there is quite some controversy
in literature concerning this molecule, another way to analyze its type of
bonding is by looking at the bond lengths. Table 2 compares some values
found in literature: computationally calculated bond lengths and the exper-
imental values; the first ones calculated using the coupled-cluster method,
CCSD(T), while experiment of the solid state of carbon suboxide led to the
latter results.

Table 2: Theoretical and experimental values for the bond lengths (pm) of
carbon subozide.

Theoretical! Experimental?

C-C 128.4 125.1
C-O0 116.4 114.6

The results appear to be in agreement, deviating from each other only
by 2-3 pm; furthermore, the values for both the C-C and C-O bonds indicate
that they can be represented as double bonds. However, when taking into
account that the bent structure presents a C-C-C angle of 157°, it seems
rather counterintuitive to draw double bonds when there is no linearity.
Thus, an alternative depiction of the bonding situation for this molecule
can be given as OC—C<«CO, as proposed by Frenking [7]. If the molecule
is linear, and the central carbon forms double bonds with the two neigh-
boring carbons, it would be found primarily in its hybridized °S state; in
the structure proposed by Frenking, the bonds between the —CO moieties
and the central atom could be described as dative bonds, implying that the
central carbon retains two lone pairs and thus would be found in its 'D
state. By applying the same method as for carbon dioxide, a comparison
between the two representations can be given by looking at the cost of the
promotion energies. If the molecule is represented by dative bonds, the only




cost from the ground state is the >P—!D transition of the carbon, while
the -CO moieties remain in their ground state; thus the overall cost is of
only 29.1 kcal/mol. In the other case, that of covalent double bonds, two
transitions need to be taken into account: 3P—°S for carbon, and 'Y —3II
(from the singlet to the triplet state) for -CO, with a cost of 139.3x2=278.6
kcal/mol. The total promotion energy would be 375.0 kcal/mol, thus much
more energetically unfavorable with respect to the dative-bond picture [17].



3 Theory

The early XXth century was a revolutionary period for the progress made in
physics, which led to the foundation of Quantum Mechanics. It originated
from the need to look for explanations to several experiments to which clas-
sical Physics could not give answers to; observations such as the black-body
radiation, the photoelectric effect, atomic spectra and, in general, issues
concerning microscopic bodies required the development of new interpreta-
tions and justifications. Thus, with the contributions of several physicists,
starting from Planck and his concept of quantized energy, to Bohr’s vision
of the atom, to Schrodinger’s equation, Quantum Mechanics established it-
self as the subject trying to provide answers for the phenomena occurring
in nature at the atomic scale. The basis of QM relies on the introduction
in Physics of the wavefunction, which fully describes the state of a system:
¥ (ry,re,. .. ,ry,t), where ry,ro,ry, represent the spatial coordinates of particles
1,2,...,n that form the system under consideration, while t is the time. The
wavefunction contains all information about any experimental property of
the system. It is a solution to the non-relativistic Schrodinger equation
(Equation 1), where H is the Hamiltonian, the energy operator, which is the
sum of the kinetic and potential energy for the system.

i O Gty = AW(a, 1) (1)

Furthermore, often the interest is not in how the system changes over
time, but rather only in the change over space, thus the problem is restricted
to the time-independent Schrédinger equation, and, the wavefunction, now
¥ (ry,re,...,ry), is a solution to the stationary equation (Equation 2), where
€ is the eigenvalue of the Hamiltonian, that is the energy of the system.

HU(z) = e¥(x) (2)

Although it may seem that Equation 2 is easy to solve, the number
of variables when considering many-particles bodies rapidly increases and
the differential equations become rather complex to solve. In fact, analyt-
ical solutions can only be given for very few systems, such as the hydro-
gen atom. This means that approximations need to be made in order to
approach results close to the reality of the system. The main one is the
Born-Oppenheimer approximation, which considers the nuclei as fixed par-
ticles compared to the electrons, as nuclei have a much greater mass; the
Schrédinger equation is then solved only for the electrons, which instan-
taneously respond to the electric potential caused by the nuclei. Now, the
electronic wavefunctions depend on the nuclear coordinates, meaning that to
each different arrangement of the molecule or atom, corresponds a different
wavefunction.

10



3.1 Valence Bond Theory

In this framework, QM has developed two methods in order to describe the
electronic structures in molecules from a chemical point of view, Molecular
Orbital Theory (MO) and Valence Bond Theory (VB). Although the starting
point for writing the wavefunction differs significantly, these two approaches
can simply be considered two different interpretations of the same reality,
rather than two contrasting theories. In MO theory, which was developed
by Mulliken and Hund, the electrons of the atoms, once they have formed a
bond, are found in molecular orbitals, distributed over the entire molecule,
given by a linear combination of atomic orbitals. Thus, the atomic orbitals
are allowed to fully mix and combine; their wavefunctions can combine ei-
ther in phase (constructive interference), leading to a bonding MO, or out
of phase (destructive interference), leading to an anti-bonding MO. These
newly generated molecular orbitals can then be filled according to the same
rules as AOs. On the other hand, VB is based on atomic orbitals that, when
atoms form molecules, overlap between each other, but still retain their ini-
tial character. VB theory finds its origin after the introduction of the octet
rule and the concept of electron-pair bonding, developed by Lewis in his
ground-breaking paper “The Atom and The Molecule” [21], which later led
him to describe bonding in molecules as either covalent or ionic, depending
on the shift of the electron-pair that forms the bond. His innovative con-
cepts were the basis for the subsequent understanding of the chemical bond
and greatly contributed to the development of quantum mechanics, as well
as that of Valence Bond Theory. In fact, based on Lewis’ ideas, Heitler and
London (H-L), two German physicists, with the help of Schrodinger, devel-
oped a bonding scheme for Hy. The bond in the Hs molecule was described
by a wavefunction written as a superposition of two covalent structures, one
in which electron 1 has spin « and one in which it has spin 38, as shown in
Equation 3.

Upr = (Ls1(1)1s2(2) + 151(2)1s2(1)) (a(1)5(2) — B(1)(2)) (3)

The bond could then be seen as a resonating structure between these
two different spin-configurations; however, to obtain a complete picture of
the bonding situation of Hs, later on, Pauling included two possible ionic
structures as well; all possible spin configurations for the molecule are shown
in Table 3. Ionic structures often represent the greatest contribution to
the bonding of molecules, and therefore, including those structures as well,
allowed to write the full VB wavefunction for Hs.

Considering the Hy bonding description as the starting point of VB,
a general wavefunction is shown in Equation 4: V¥ is a multi-determinant
linear combination of VB structures.

Uyp = > cid; (4)

7
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Table 3: All possible spin configurations for Ho.

H; H,
T
Lot
14
R

¢; represents each VB structure, an anti-symmetrized product of one-
electron atomic orbitals, ¢ and N-electron spin functions, O(N,S,Mg,i) (Equa-
tion 5) [22]:

¢ = Ap1pa...onO(N, S, M, ) (5)

The number of determinants in the wavefunction varies exponentially
with the number of bonds present in the molecule under consideration,
namely 2" (n being the number of bonds) [23]. The main characteristic
of VB AOQs is that they do not need to be orthogonal, making it difficult to
use VB when describing large molecules. The difficulty arises because, in
order to get closer to the true ground energy of the system, approximations
are made to optimize the wavefunction describing, in this case, the atomic
orbitals. One way to do so is by using the variational principle, based on
defining a trial wavefunction (¥y.,;) and calculating its expectation value,
as shown in Equation 6; Wy, is written as a linear combination of eigen-
functions of the Hamiltonian, which depend on variational parameters found
so that the energy with the lowest value can be determined.

_ < “Ijtrial | E’ ‘ “Ijtrial >

FE
< \Ijtrial ’ ‘I/trz'al >

(6)

Thus, the expectation value needs to be minimized: its first derivative
is set to be equal to zero and Equation 7 is obtained, a set of simultaneous
equations for the coefficient ¢;, where Hj; is the exchange integral and Sy is
the overlap integral; the condition for the equation to be true is that the
secular determinant is equal to zero, Equation 8.

ECj(Hij — ESij) = 0 (7)
det | (Hyj — ESy) [=0 (8)

Now, the determinant needs to be solved: if the wavefunctions are as-
sumed to be orthogonal, the overlap integral, Sy, is zero when 4 and j are
different. This greatly simplifies the problem, as only the H;; non-diagonal
elements of the determinant need to be determined, and not the overlap

12



integrals [24]. On the other hand, as occurs in VB, if the wavefunctions
are not assumed to be orthogonal to each other, each S;; integral present in
the secular determinant needs to be specifically calculated, thus making the
overall calculation rather complex [25]. One drawback of this property of
the VB orbitals is that, now, the square of the coefficients no longer sums up
to one, and it cannot be stated directly which structure is the most relevant
one. Thus, different ways of assigning a weight to each structure have been
developed; the one used in this study was suggested by Gallup and Norbeck,
as displayed in Equation 9:

GN _ N GNCk2 (9)

(57K

Where wCN is the Gallup-Norbeck weight of the kth structure with its
respective coefficient ¢y, (S1)yk is the kkth element of the inversed overlap
matrix and, finally, NgN is the normalization constant [26].

Moreover, Valence Bond theory can be applied with different methods,
each one describing AOs in molecules differently. Localized VB constrains
the orbitals to remain fully localized on their original atom, an example
is the H-L wavefunction for Hy (Equation 3), where the covalent and ionic
structures need to be explicitly generated; Delocalized VB allows the orbitals
to freely delocalize over two or more centers. In the latter case, an example is
given by the Coulson-Fischer wavefunction for Ho, which can be considered a
correction to the previous one: the delocalized orbital is obtained by adding
a contribution from other AOs, as shown in Equation 10; this approach
allows for greater degree of freedom of the wavefunction and for the orbitals
to obtain an optimal shape.

Wy

Qba =a+kb (10)
op = b+ ka
Ver = |Gadp| — [Pats]

Finally, the last VB method is one that involves Fragment Orbitals, it is
used if the analysis of the molecule is wanted only for a specific part. The
wavefunction of the fragment of the molecule is still a linear combination of
determinants based on AOs, which only overlap weakly with the remaining
part of the molecule [27].

13



4 Computational details

4.1 Geometry optimization

The program MOLDEN was used in order to initially draw and visualize
the molecules of interest. The calculations to optimize their geometries
were performed using the cc-pVTZ basis set, a correlation consistent basis
set that includes larger shells of polarization functions and comprises only
of valence sets (includes functions that only describe the valence orbitals)
[28]. The level of theory used was second-order Moller-Plesset perturbation
theory (MP2), a post Hartree-Fock method which also includes electron
correlation effects. It is a simple method that allows an ab inito description
of the physical interactions (electrostatic, polarization, etc.) and defines
dispersion interactions explicitly [29].

4.2 Valence Bond calculations

All VB calculations were performed using the ab initio program TURTLE,
implemented in the GAMESS-UK package [30]. As VB describes bonding
in molecules as the pairing of spins, in order to obtain all VB structures
and their weight, all possible configurations of the molecule were needed;
a program (GENCONF) that could generate all configurations was indeed
used. After stating the number of core and valence orbitals, all possible
electronic configurations of the atoms and the orbital overlap matrix, GEN-
CONF gave all configurations for the molecule. These were then used to
perform the VB calculations in TURTLE, which automatically generates
also all possible spin-configurations.

During the analysis, the basis set used was 6-31G, which is a smaller
one than that used in the geometry optimizations, as the overall calculation
is more complex and time-consuming. This basis set includes, for the core
orbitals, six primitive Gaussian functions; for the valence orbitals, two basis
functions each, one comprised of three primitives and one of one primitive
only. Moreover, the VB orbitals are optimised with Perturbation Theory,
used in order to excite the electrons from double to unoccupied orbitals.

Furthermore, the calculations for CO and CO4 were performed using Lo-
calized VB; this was made explicit when the atomic orbitals where attributed
to each atom specifically, thus not allowing the mixing of any. For C30a2, in-
stead, Fragment Orbitals VB was used, were the -CO moieties were treated
as one fragment, thus simplifying the overall description of the molecule.
Moreover, in order to obtain hybrid orbitals, as in the case of COo and
C30a, the orbitals were mixed by creating combinations of the 2p, and the
2s orbitals, made explicit, once again, when defining the atomic orbitals
corresponding to each atom. In the case of COy and C309, the calcula-
tions were performed including only a few configurations to describe the
molecules, in order to diminish their expense; namely, the structures with

14



carbon in the 'D and ®S states, which represent, respectively, the covalent
and dative bonding descriptions of the molecules.

15



5 Results

5.1 Geometry optimization

Table 4 displays the optimized geometries of the three molecules analyzed.
The results for carbon monoxide and dioxide appear to be in good agreement

Table 4: Optimized geometries for CO, COg2 and Cs0g, displaying the bond
lengths (pm) and bond angles.

Molecule Bond length Bond angle

6{0) 1.1344

COq 1.1649 180°

C309 C-C 1.2664 180°
C-O0 1.1659 180°

with values found in literature and previously mentioned in Section 2 [15, 16].
In the case of carbon suboxide, while the results for the bond length are in
line with the ones previously reported [20], the bond angle was found to
be 180°. In particular, in order to find the optimized geometry for carbon
suboxide, several calculations were ran with different initial structures; the
one with lowest energy, however, was found to be the linear structure, and
thus was used to perform the VB calculations.

5.2 Carbon monoxide, CO

Carbon monoxide was represented by generating configurations through the
program GENCONEF: 59 different spin-configurations were found, which
originated from 46 different configurations. Firstly, the final Valence-Bond
energy of the molecule is -112.773996 Hartree, which is lower than the HF
energy calculated (Epp=-112.667187 Hartree). This is indeed expected, as
the VB calculation is more complex, including, in this case, a total of 281
determinants, compared to the single Slater-determinant used in HF. VB
proposes a more complete picture of the molecule, which allows to get closer
to its real ground state energy.

Table 5 displays the main different electronic configurations with the
respective weights. The 2p,,, orbitals are abbreviated to the zyz notation,
and different colours for each orbitals have been used in order to underline
the coupling of the electrons between the carbon and the oxygen (green for
the z, purple for the y and red for the z orbital); the same colour preference
is preserved when visualizing the orbitals, as well as for the results displayed
in the next sections. There are two main structures - one covalent and one
ionic - each represented by three different electronic configurations, two of
which have the same weight; this can be explained by looking at the orbital

16



occupations. In fact, when the 2p, orbital is involved in the bonding, the
configuration has a greater weight. The 2p, orbitals are the ones along the
internuclear axis, thus forming a ¢ bond, which presents a greater orbital
overlap than when the 2p, , orbitals form a 7 bond.

It is important to notice the overall importance of the two structures: the
covalent configurations add up to a total weight of 0.4555, while the ionic
one to 0.3705. It is typically expected that the purely covalent structure
has a weight of about 75% [23], which is higher than in this case; however,
there are few more configurations with low weights (<0.03) that have not
been reported in Table 5, but that contribute as well to the total covalent
structure.

Table 5: Weights of the main electronic configurations for carbon monox-
ide with respective energies (Hartree). Different colours indicate the spin-
coupling between the carbon and oxygen electrons.

Electronic configuration Weight of the structure Energy of the structure

C, O
1 C 18228%x!y'2° 0.1317 -112.122051
O 1s%2s%x!y'z?
2 C  15228%x!y0%! 0.1619 -112.362635
O 1s22s%x!y?s!
3 C  1s228%x0%y 2! 0.1619 -112.362635
O 1s228%x%y!z!
+C, O
4 C 1s22s%x!y920 0.1117 -111.998420
O 1522s%x!y?7?
5 C  15%282x0y!20 0.1117 -111.998420
O 1s%2s?x%y'2?
6 C 1522s2x0y97! 0.1471 -112.136451
O 1s%2s%x%y?z!
Eur -112.667187
Evp -112.773996

Moreover, the Table displays the energies of each structure, which are
in line with the respective weights: the greater contributors to the bonding,
structure n. 2 and 3 have the lowest energies, while n. 4 and 5 the highest.
As the weights of these structures are the same, it is also expected that
they have the same energies; the two remaining structures, n. 1 and 6, have
values in between the other ones. Figure 5 displays a visualization of the
orbital scheme for carbon monoxide, in particular the structures n. 1, 2 and
3 from Table 5. In structure n. 1, represented in Figure 5.A, the electrons
of the 2p, and 2p, of the oxygen and carbon are coupled together, and the
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Figure 5: Visualization of the orbital scheme for A structure n.1; B struc-
tures n.2,3.

2p, (in red) of the oxygen is doubly occupied. Firstly, it is important to
specify that the electrons represented with the arrows up or down do not
correspond necessarily to spin « and (3, it is simply a convention to underline
the coupling between the electrons of the two atoms (thus, they could be
both down on the carbon and both up on the oxygen). Secondly, the fact
that the 2p, of the oxygen is doubly occupied, while that of carbon is empty,
implies the presence of a dative bond: the 2p, of the oxygen will overlap
with that of carbon, thus allowing the electrons to delocalize over the two
orbitals. In particular, as this occurs over the internuclear axis, the oxygen
behaves as a ¢ donor. In Figure 5.B, instead, structures n. 2 and 3 are
represented: the key idea here is that the doubly occupied orbital of the
oxygen now is no longer the one along the internuclear axis, but either in
the 2p, or 2p, orbital (in this case, the purple orbital is either the 2p, or
2py). Therefore, the dative bond is now characterized by 7 symmetry.

The description reported is indeed confirmed by the results shown in
Table 6, where the overlap coefficients between the orbital of the atoms
are displayed. The largest overlap is indeed that between the 2p, orbitals
of the carbon and oxygen, where either a covalent or a dative ¢ bond is
present. The overlap between the 2p, and 2p, orbitals is the same, due to
the degeneracy of the two; their overlap is smaller than that of the 2p, one,
as the orbitals are no longer along the internuclear axis and can only interact
through 7 bonding. Moreover, the Table shows a small overlap between the
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Table 6: Overlap of the orbitals of carbon monoxide. The greatest coefficients
are highlighted in red.
Orbital 1 Orbital 2 Overlap

C(2s) 0(2s) 0.1313
0(z) 0.2506
O(x) 0(x) 0.2956
C(y) O(y) 0.2956
C(2) 0(2s) 0.2506
0(z) 0.5423

2s orbital of the oxygen and both the 2s and 2p, of the carbon.

From the above analysis, it would appear that the most precise way to
depict carbon monoxide is by using dative bonds, as represented in Figure
6: structure A represents the first 3 configurations reported in Table 5, with
two covalent and one dative bond; structure B represents the last 3 config-
urations reported, that is, the ionic one, which comprises of one covalent
bond and two dative bonds. While structure A matches the general known
representation of the molecule [14], no other reference to support the struc-
ture depicted in B was found in previous literature studies; nonetheless, the
approach to derive structure A and B was the same, and therefore they
should be considered equally valid.

E%O@-‘—»GCEBO@

Figure 6: Representation of the two main carbon monoxide structures: A
two covalent and one dative bonds; B one covalent and two dative bonds.

5.3 Carbon dioxide, CO,

The calculations for carbon dioxide were heavier and more time-consuming
than those for carbon monoxide. The results from the calculation which in-
cluded only a few structures are displayed in Table 7. By using the program
GENCONTF, only two states of the carbon were here included, the °S (with
the oxygens in the 3P state), and the D state (as well as for the oxygens).
The former case is expected to be the most contributing one to the overall
structure of the molecule, as the carbon is in its excited hybridized state,
forming two double bonds with the oxygens; the latter case represents the
expected configurations if the molecule was classified as a carbone. In total,
27 configurations were included, generating 144 structures, described by 648
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determinants.

Table 7: Weights of the main electronic configurations for carbon dioxide
with respective energies (Hartree). Different colours underline the spin-
coupling between the carbon and oxygen electrons.

Electronic configuration Weight of the structure Energy of the structure

C  1s%(sp)a‘(sp)pixty? 0.3823 -187.088185
07 1s2282x%y'7!
0y  1s%22s%x!y?2!
C  1s%(sp)a'(sp)p'x'y? 0.3825 -187.088214
0 1s?2s%x!y?2!
Oy  152282x%y!7!
C  15%(sp)a2(sp)p(x/y)%2" 0.1864 -185.905991
01 1522s%x%y?7°
09 182282(y/x)222
Enr -187.514888
Evp -187.173695

Firstly, it needs to be remembered that the carbon 2s and 2p, orbitals
were hybridized by creating linear combinations when defining AOs. The
first two structures shown in the Table indeed correspond to the hybridized
5§ state of the carbon. Moreover, the two structures have approximately
the same weight and energy, as the only difference is the spin-coupling of
the 2p, , orbitals between carbon and the first and second oxygen. As the
2ps,y orbitals are degenerate, it would be expected that they present the
same results; the slight difference implies that the symmetry of the molecule
is, to some extent, lost, as no symmetry constriction was imposed in the
input. Structure n. 3 represents the combined weights from two structures,
which only differ in the 2p, , orbital occupation of the carbon and the sec-
ond oxygen. These are the two structures which correspond to the dative
representation of carbon dioxide (in other words, if it were to be considered
a carbone): two lone pairs on the carbon, one lone pair on each oxygen, and
one dative bond from each oxygen to the carbon (see Figure 4). Although it
needs to be reminded that the weight reported actually comes from two dif-
ferent structures with equal weight (0.0931 each), it still represents a rather
significant contribution to the overall bonding scheme of carbon dioxide.
The energy of these two combined structure was found to be the same, as
reported in the Table; the energy value is now much higher than that of the
previous two structures, thus supporting the fact that they contribute less
to the overall structure of the molecule, as more energetically unfavorable.

Figure 7 displays a visualization of the bonding scheme for carbon diox-
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Figure 7: Visualization of the orbital scheme for structures n. 1 and 2 of
carbon dioxide; the carbon atom now retains two equivalent sp orbitals, each
of which overlaps with the 2p, orbital of the oxygens.

Table 8: Querlap of the orbitals of carbon dioxide. The greatest coefficients
are highlighted in red.

Orbital 1 Orbital 2 Overlap

C(sp)a 01(2s) 0.2950
01(z) 0.6228
C(sp)p 0.1334
C(sp)p O2(2s) 0.2887
O2(z) 0.6265
C(X) OI’Q(X) 0.3167
C(y) O1.2(y) 0.3187

ide, built in the same way as for carbon monoxide; once again, the arrows
up or down do not represent necessarily the « or 8 spins, but are used in
order to clarify the spin-couplings between the carbon and the oxygens. The
two sp hybrid orbitals of carbon are represented in red, both coupled with
a 2p, orbital from each oxygen. The Figure allows to represent the first two
structures reported in Table 7, as the purple orbital can be either the 2p,
or the 2p,. From this representation it is possible to notice the presence of
one ¢ and one 7 bonds between the carbon and each of the oxygens. More-
over, further information regarding the orbital scheme can be given by Table
8, which reports the overlap between the different orbitals of the molecule.
Firstly, it can be seen that there is a small overlap between the sp orbitals
of carbon, each of which also greatly overlaps (overlap >0.62) with the 2p,
of the oxygens, thus confirming the presence of a ¢ bond. A smaller overlap
(overlap ~0.317, half of the latter one), in fact, can be seen between the
other 2p, , orbitals, where the 7 bonds are; the overlaps have, in this case,
approximately the same value, as the two z, y orbitals are degenerate, how-
ever, the small difference indicates, as previously mentioned and thus here
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Figure 8: Visualization of the orbital 2p, of the oxygen and the sp orbital of
carbon (above); the 2py orbitals of both the carbon and the oxygen (below).

confirmed, that symmetry is, to some extent, lost. Figure 8 displays the
orbitals forming a o (above) and a 7 (below) bond: the 2p, of the oxygen
and the sp orbital of the carbon in the former case, the 2p, of the carbon
and of the other oxygen in the latter case. The images were taken from the
molecule visualizer MOLDEN, where the output of the calculation allowed
to visualize all optimized atomic orbitals. When forming the ¢ bond, it is
possible to notice that the two orbitals point toward each other with the
same colour, indicating a constructive overlap of the two. Secondly, it can
be seen that in the case of the sp and 2p, the orbitals slightly delocalize over
the neighboring atom, while in the other case the delocalization is much
smaller, as was already confirmed by the orbital overlaps reported in Table
8.

From the above analysis, the most appropriate way to depict carbon
dioxide is with two covalent bonds between the atoms, with each of the
oxygen atoms retaining one lone pair, confirming the initial hypothesis of
the linear structure of this molecule.

5.4 Carbon suboxide, C30,

The same approach as for carbon dioxide was used for analyzing carbon sub-
oxide as well: one calculation was performed including only a few structures
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which would be expected to be the most important ones. Firstly, as previ-
ously mentioned, the Fragment Orbitals VB method was used to describe
the molecule. In order to do so, the results from the carbon monoxide calcu-
lations were used to observe the orbital symmetry and to derive a bonding
scheme: the first 6 orbitals of the molecule are always doubly occupied, while
the two remaining electrons can be placed either in an orbital with o, 7 or
my symmetry. The electronic configurations where the fragment is either in
its 3II or 'Y states and with carbon in, respectively its 3P or 'D states were
included. A total of 16 structures were taken into account, generating 68
configurations described by 292 determinants; the results are displayed in
Table 9. To simplify the display of the results, only the valence orbitals of
the -CO moieties are explicit, it is implied that there are 6 doubly occupied
orbitals in the electronic configuration as well.

Table 9: Weights of the main electronic configurations for carbon subox-
ide with respective energies (Hartree). Different colours underline the spin-
coupling between the carbon and oxygen electrons.

Electronic configuration Weight of the structure Energy of the structure

C 1s%(sp)a(sp)pxty! 0.1518 -262.938454
CO;y 017TX07ry1
COy olminm,0
C 1s%(sp)a?(sp)p 2xVyY 0.2161 -261.810597
CO;y 007rxo7ry2
COq (707rx27ry0
C 1%(sp)a’(sp)p x"y? 0.5526 -262.065298
COq 027rX07ry0
COq aowxzﬂyo

Evyp -262.983383

There are 3 main structures, with rather different weights. The first one
is the only one that includes the °S state of the carbon, with hybridized sp
orbitals (hybrids formed by linear combination of the 2s and 2p, orbitals),
coupled in a symmetric way with both the -CO components; thus, it would
be represented with two double bonds between the carbon atoms. However,
it is structure n. 3 that has the greatest weight, >0.5; here, each occupied
valence orbital is doubly occupied, both for carbon and the -CO fragments,
suggesting that this configuration can be represented by dative bonds, rather
than covalent ones. Considering that the -CO fragments also present vacant
orbitals, it seems appropriate to draw dative bonds from the central carbon
towards the -CO moieties as well: the carbon does not necessarily need to
retain the two lone pairs on itself, but can backdonate them to the adjacent
atoms (Figure 9).
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OC*=C+—=CO

Figure 9: Schematic representation of the dative bonds of carbon suboxide,
from structure n. 2 and 3.

Structure n. 2 can also be represented in the same way, although the
orbital occupation is different from that of n. 3: the two 7 orbitals of the
-CO are now doubly occupied, as well as the sp orbitals from the carbon.
The fact that this configuration has a lower weight than that of n. 3 is
unexpected, because it seems that, in configuration n. 2 there are two
symmetric ¢ bonds from the carbon towards the fragments; in n. 3, on the
other hand, the orbital occupation is asymmetric and thus also the bonding
is. This implies that the symmetry of the molecule is broken, influencing
the results and, specifically, the weight of the structures. To further support
this statement, the symmetric structures of the ones reported should be
expected to be present as well, with an equivalent weight (for example, the
symmetric structure of n. 3, would have (sp), doubly occupied), but they
were not included in the results. Another unexpected result is the energy
of structure n. 1, which is the lowest of the reported ones; one possible
explanation is that the presence of the o bonds is more energetically favored.
The weight of this structure is, however, lower than the other two, revealing
that energy of structures is not a direct indicator of its contribution to the
overall structure of the molecule.

Figure 10: Visualization of the orbital scheme for structures n. 8 of carbon
suboxide; the carbon atom now retains two equivalent sp orbitals, each of
which overlaps with the 2p, orbital of the oxygens.

Figure 10 visualizes the orbital scheme for structure n. 3, the greatest
contributor to the bonding of the molecule. The two lone pairs of the carbon
can be seen respectively in one of the sp and in the 2p, orbitals; both -
CO fragments donate their lone pair either by © (-CO;p) or by ¢ (-CO2)
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Figure 11: Visualization of the orbital: sp and o orbitals of the central carbon
atom and the -CO; fragment, respectively (above); m and 2pyx of the -COq
fragment and the central atom, respectively (below).

donation, thus originating in dative bonds rather than covalent ones. This
picture is confirmed by looking at the overlap coefficients reported in Table
10. The first two results shown here are those between the sp of the carbon
and the o orbitals of the fragments, with a value double that of all other
coefficients. The remaining ones reflect the data that are displayed in Table
9: overlap between orbitals with the same symmetry. As for carbon dioxide,
it can be noted here as well that the coefficients should have exactly the
same values for degenerate orbitals, as well as between the central carbon
atom and the two -CO fragments; the slight differences (~0.01) indicate
that symmetry is lost throughout the calculation: not even here, in fact,
were specified symmetry constrictions in the input. Further support to the
overlap coefficients is given by Figure 11, where the orbitals images from
MOLDEN are shown. Once again, a certain degree of delocalization of the
orbitals towards the neighboring atom with which the spin-coupling or bond
will be formed is seen. In this Figure, the sp hybridized orbital of the central
carbon forms a bond with the o from the -CO moiety (above), and the z
orbital interactions are shown as well (below).

The analysis of the results for carbon suboxide indicate, as was hypoth-
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Table 10: Owerlap of the orbitals of carbon suboxide. The greatest coefficients
are highlighted in red.
Orbital 1 Orbital 2 Overlap

C(sp)a COq (o) 0.7581

C(sp)p COs(0) 0.7598
C(x) COq (my) 0.3589
COy(my)  0.3619
C(y) CO1(my) 0.3548
COs(my)  0.3566

esized, that the most appropriate way to represent the molecule is by using
bond arrows, which underline that the electrons come from each of the -CO
fragments, but that, as was not predicted, the carbon also participates in
the donation of electrons towards the -CO fragments. From this VB analy-
sis, although dative bonds should be used to describe the bonds of carbon
suboxide, it can not be concluded that the molecule can be classified as a
carbone.
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6 Conclusions

In this study, Valence Bond calculations of three molecules, carbon monox-
ide, dioxide and suboxide, was performed to attempt to define the types of
bonds between the atoms.

A full-VB description was carried out for carbon monoxide only, as for
the two other molecules the calculations were heavier and time-consuming.
For this molecule, a triple-bond structure was found to be the most impor-
tant one, characterized by two covalent and one dative bonds, inducing a
negative charge on the carbon and a positive one on the oxygen. Another
rather contributing structure to the overall picture of the molecule was found
to be an ionic one, still characterized by three bonds, two of which are now
dative.

The calculations for carbon dioxide and suboxide included only few of
all possible configurations of the molecules, the ones that were expected to
be the most important one. For carbon dioxide, the generally known picture
with a linear, double-bond structure with the carbon being sp hybridized was
indeed confirmed to be the most relevant one. In particular, two degenerate
spin-configurations that obey this description were found, where either the
2p, or 2p, of the oxygens and carbon couple together.

The most reviling result was that of carbon suboxide: an appropriate
way to depict the molecule is by treating the two -CO as fragments donating
electrons to the central carbon atom, which, as well, donates its electrons
to the vacant -CO orbitals. In particular, the configuration in which one of
the two -CO behaves as a ¢ donor and the other as a m donor was found to
be more stable and more important than the configuration where both -CO
behave as 7 donors.

In conclusion, from the study conducted, it seems that none of the
molecules investigated can be classified as carbones.
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