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Introdução

I “The more accurate the computations become, the more the

concepts tend to vanish into air” (Mulliken, 1965).

I “Give me insights and numbers.” (Coulson, 1960).

I “It is nice to know that the computer understands the problem.

But I would like to understand it too” (Wigner).
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Introdução

Ligação química:

I “The chemical bond is the glue from which an entire chemical

universe is constructed.” (Shaik, 2007).

I “I believe the chemical bond is not so simple as some people seem

to think.” (Mulliken, 1960).
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MO x VB

 Electronic Structure Theory 

Molecular Orbital  
Theory 

Valence Bond  
Theory 

Molecular orbitals based  Atomic orbitals based 
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MO x VB

Starting in the 1930s, the new quantum theory has entered
chemistry. Here I have to digress for a moment and remark
about the current tendency to classify chemistry as a service
science and a sub-branch of physics,25 presumably so, because
it falls under the sovereignty of quantum mechanics. I dislike
this description of the situation in terms of a father science and
a submissive science, and have doubts it can be seriously
considered by scientists who are familiar with chemistry and
its creative elements,7,10,26 or even by physicists who wrote
against reductionism in science.27 I would rather think in
terms of cross fertilization between two independent sciences,
which I feel is a more balanced picture. Thus despite the
origins of quantum mechanics in physics, one must remember
that chemists have been the first to employ quantum-notions
in their science, starting with the quantized weight of matter,
going to the quantal building-blocks of structure, and the
quantal magic numbers, such as octet and duet rules that
control the number of bonds a molecule will possess. One
wonders how much did these ideas affect physics? I do not
know that anyone has ever studied this question seriously.
More so, the very first paper of the new quantum chemistry
that dealt with the nature of the chemical bond, the paper by
Heitler and London,28 was actually a dressing of the Lewis
bond by the language of quantum mechanics. Pauling recog-
nized this link and Lewis’ priority in a paper29 and in the
enthusiastic letter he wrote to Lewis to let the latter know that
his idea of a bond rests on a firm theoretical ground.30

Chemistry was not really a submissive passive science in the
story of the chemical bond; it was a partner science with a full
share if not the pioneering science!
During the early 1930s, Pauling has imported this emerging

theory to chemistry and was referring to it as valence bond
(VB) theory and thereby paying homage to the originators of
the concept of valency and to his chemical heritage. In his
hands, VB theory was a superposition theory of Lewis struc-
tures, which was later to be called resonance theory. The most
famous cartoon of resonance theory is concerned with benzene
3, Scheme 2. Pauling’s book ‘‘The Nature of the Chemical
Bond’’,31 was dedicated to Lewis. Indeed, Pauling’s work was a
theoretical construct that cleverly and faithfully dressed the
Lewis notion of a bond with a theoretical guise that could be
presented in the new language of the Schrödinger equation in
terms of a wave function and a Hamiltonian that extracts the
energy of the molecule from this wave function.17 The
Pauling–Lewis theory constituted the localized representation
of the chemical world, where the great majority of molecules

would be described by a single Lewis structure having a set
of localized bonds and lone pairs, whereas the minority
of molecules required a few Lewis structures to be represented
properly (e.g., 3). The obvious affinity of resonance theory
to the Lewis concept and to the ideas of the Ingold school
of physical organic chemistry32 further entrenched the
localized representation of the molecular universe in terms
of local bonds and lone-pairs. Most chemists still use this
representation!
Quite at the same time, another theory,17 nascent from the

spectroscopic studies of Hund33 and Mulliken,34 called mole-
cular orbital (MO) theory was ushered into mainstream
chemistry, initially by Mulliken and subsequently by Hückel35

who devised a simple topological theory that allowed him to
treat large molecules. Following Lennard-Jones’ treatment of
the dioxygen molecule,36 Hückel applied a clever idea of s–p
separation35 and focused on the p-electronic structure of
conjugated molecules. One of his earliest treatments was
benzene 4 in Scheme 2 and its description in terms of deloca-
lized MOs was the archetypal example of the delocalized
paradigm.37 Here, the p-system of benzene was one, the
electrons were distributed all over the molecule in all the
MOs and there was no need to move electrons to and fro as
in the localized picture (3). As discussed by Berson,26 the
Hückel MO (HMO) theory was received with suspicion by
chemists, who where subscribers of the Lewis–Pauling loca-
lized representation of molecular species, and who were not
accustomed to the new language of secular determinants and
secular equations, nor to the MOs that were spread all over the
molecule. Where are my bonds? Was the silent outcry of the
suspicious chymist.
While HMO was held back and awaiting its chance (that

came in the 1950s), Mulliken and Pauling who have been
contemporaries and influential figures were competing on
charting the mental map of chemistry.32,38,39 Initially the
Pauling school had the upper hand and the localized repre-
sentation dominated chemical thinking. Mulliken ascribed this
dominance to the communication skills of Pauling, and so did
Hager, Pauling’s biographer.32,40 Certainly Pauling was a
great communicator, but science is not only about commu-
nication. It must be recalled that, in those days, computation-
ally both MO and VB theories were not very practical tools for
investigating molecules, and with the qualitative advantages of
Lewis bonding and resonance theory the localized representa-
tion seemed a superior concept. Thus, the Lewis–Pauling
theory dominated chemical thought mainly because its loca-
lized representation was so much reminiscent of the primal
structural concepts of chemistry dating from the days of
Kekulé (1829–1896), Couper (1831–1892), Frankland
(1825–1899), and others through the electron-pair notion
and electron-dot structures of Lewis. Pauling himself empha-
sized that his VB theory is a natural evolution of chemical
experience, and that it emerges directly from the chemical
conception of the chemical bond. This has made VB-resonance
theory appear intuitive and chemically meaningful in terms of
structure and valence. By contrast, MO theory seemed alien to
everything chemists had thought about the nature of the
chemical bond. Even Mulliken admitted that MO theory
departs from the ‘‘chemical ideology’’.32 And to top it all,Scheme 2 Benzene in localized and delocalized representations.

This journal is !c the Royal Society of Chemistry and the Centre National de la Recherche Scientifique 2007 New J. Chem., 2007, 31, 2015–2028 | 2017
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Gilbert N. Lewis (1916) 
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160 5 The Valence Bond Perspective of the Chemical Bond

CS-bonding family. However, our choice is to focus here on electron-pair bonding,
while these other bond types are mentioned in passing.

This chapter introduces initially the Pauling application of VB theory to derive
the classical bond families, and discusses the major deficiency of his scheme. The
second part presents the modern VB theory [6] and derives the three bond families.
Because this is not a chapter on the techniques of VB theory, we have added a
short appendix, which outlines the key elements of the modern VB theory. More
details can be found in review sources [6, 7]. In the third part of the chapter, we
create bridges to ELF and AIM theories and show how CS bonding emerges also
from these theories. Then, we discuss the physical origins of CS bonding. And,
subsequently, we describe experimental manifestations of this new bond family.
Finally, we try to trace the potential territory of CS bonding. We hope that the
experimental community will find novel experimental articulation of the theory of
CS bonding.

5.2
A Brief Historical Recounting of the Development of the Chemical Bond Notion

The concept of the electron-pair bond was formulated in a stroke of genius by
Gilbert Newton Lewis (Figure 5.1) in his famous 1916 JACS article, ‘‘The Atom and
the Molecule’’ [8]. Lewis was seeking an understanding of the behavior of strong and
weak electrolytes in solution [9]. And as with the Biblical King, Saul, who meant to
seek for his father’s donkeys and instead found a kingdom, so did Lewis find the
concept of the electron-pair bond as an intrinsic property that stretches between
the covalent and ionic situations. This work has eventually had its greatest impact
in chemistry through the work of Langmuir [10], who very ably articulated the
Lewis concept, coining new and catchy terms [11]. Another important influence of

(a) (b)

A B C

Figure 5.1 The development of the electron-
pair bonding description by Lewis in his
seminal paper [8]. (a) A Lewis caricature with
his electron-pair bonding cartoon appearing
in the second half of the paper. (Repro-
duced with permission of W.B. Jensen.) (b)
The description of the electron-pair bond

in terms of atoms depicted as boxes with
octet (C). Note that the bond is a dynamic
entity, stretching between covalent (C) and
ionic forms (A). (Part (b) is reproduced with
permission from Ref. [8]. Copyright 2011
American Chemical Society.)
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Erwin Schrödinger 
 
 
 
 
        Hψ = Eψ
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EDUCACIÓN QUÍMICA� Ǯ� -81,2�'(�ɔɒɓɖ172 EDITORIAL

Este mismo método fue luego extendido de manera casi 
simultánea por John Clarke Slater (1930a, 1931; 1932, ver 
figura 8a) y Linus Pauling (1931a y b, ver figura 8b), quienes 
incluyeron la hibridación como forma de obtener mejores 
funciones de onda, más aptas para enlazar con los átomos 
vecinos. Años después, Pauling (1939) imprimió el libro don-
de plasmó todas sus aportaciones sobre el enlace químico.

Otro paso adelante fue haber concebido el concepto de 
«carga nuclear efectiva», por Slater (1930b). Y qué decir del 
concepto de «electronegatividad» de Pauling (1932a y b). En 
esta revista han aparecido dos trabajos donde se resalta la 
obra de Pauling (Chamizo, 1994; González-Vergara y Rosas-
Bravo, 2002).

Por otra parte, el método de orbitales moleculares provi-
no de Hund (1927  a, b y c, ver también Kutzelnigg, 1996  y la 
figura 9a) y Robert S. Mulliken (1928 a y b; 1929, figura 9b).

Hacia el inicio de la mecánica ondulatoria, Egil A. Hylle-
raas (1928, ver la figura 10), científico noruego, llevó a cabo 
los primeros cálculos del átomo de helio. 

Figura 5. Reunión en el Instituto de Niels Bohr en Copenhague en 1933. En 

la primera fila tenemos a Niels Henrik David Bohr; Paul Adrien Maurice 

Dirac; Werner Heisenberg; Paul Ehrenfest; Max Delbruck y Lise Meitner. 

Esta última, quien recibiría el sobrenombre de “la Marie Curie alemana” 

por Albert Einstein, fue la descubridora del protoactinio y de la fisión nu-

clear (aunque no fue reconocida con el Nobel). Años después, en 1938, 

fue refugiada en el mismo Instituto de Bohr por la persecución judía de los 

nazis en Alemania, de donde tuvo que salir auxiliada por Dick Coster, 

quien le proporciona el pase para cruzar la frontera hacia los Países Bajos.

Figura 6. Erwin Schrödinger, el creador 

de la mecánica ondulatoria, que 

después fue aplicada a la química como 

las teorías de enlace-valencia (Heitler y 

London, 1927; Slater, 1930a; 1931 y 

1932; y Pauling, 1928; 1931a y b) y de 

orbitales moleculares (Hund, 1927a, b  

y c; y Mulliken, 1928a y b; 1929b; 1932).

Figura 7. a) Walter Heitler, y b) Fritz W. London. Colaboradores en la solu-

ción de la ecuación de Schrödinger para el H2. Llegaron a la conclusión de 

que la mejor descripción es la de una onda “deslocalizada”, en la que el 

electrón 1 y el 2 lo mismo están centrados en el átomo A que en el átomo 

B. Concluyeron también que la inclusión de términos iónicos en la función 

de onda (donde ambos electrones estén descritos en la cercanía del áto-

mo A o del B) conducía a mejores resultados. Por más irracional que pare-

ciese, un molécula homo-nuclear tenía 0.24  de contribución iónica frente 

a 1.0 de contribución covalente “deslocalizada”.

       (a)                (b)

Figura 8. a) John C. Slater, y b) Linus Pauling en los años en que presentó 

el concepto de «electronegatividad».

       (a)                (b)

Figura 9. a) Friedrich Hund, y b) Robert S. Mulliken en los tiempos de sus 

contribuciones más importantes.

       (a)                (b)

Document downloaded from http://www.elsevier.es, day 20/08/2018. This copy is for personal use. Any transmission of this document by any media or format is strictly prohibited.Document downloaded from http://www.elsevier.es, day 20/08/2018. This copy is for personal use. Any transmission of this document by any media or format is strictly prohibited.

Heitler e London - (1928)
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Teoria de Ligação de Valência (VB) 
 
Heitler e London (1930) 

As demonstrated by Heisenberg, the mixing of [wn(1)wm(2)] and [wn(2)wm(1)] led
to a new energy term that caused a splitting between the two wave functions
CA and CB. He called this term ‘‘resonance’’ using a classical analogy of two
oscillators that, by virtue of possessing the same frequency, form a resonating
situation with characteristic exchange energy.

In modern terms, the bonding in H2 can be accounted for by the wave
function drawn in 1, in Scheme 1.1. This wave function is a superposition of
two covalent situations in which, in the first form (a) one electron has a spin-up
(a spin), while the other has spin-down (b spin), and vice versa in the second
form (b). Thus, the bonding in H2 arises due to the quantum mechanical
‘‘resonance’’ interaction between the two patterns of spin arrangement that are
required in order to form a singlet electron pair. This ‘‘resonance energy’’
accounted for !75% of the total bonding of the molecule, and thereby
projected that the wave function in 1, which is referred to henceforth as the
HL-wave function, can describe the chemical bonding in a satisfactory manner.
This ‘‘resonance origin’’ of the bonding was a remarkable feat of the new
quantum theory, since until then it was not obvious how two neutral species
could be at all bonded.

In the winter of 1928, London extended the HL-wave function and drew the
general principles of the covalent bonding in terms of the resonance interaction
between the forms that allow interchange of the spin-paired electrons between
the two atoms (10,12). In both treatments (9,12) the authors considered ionic
structures for homopolar bonds, but discarded their mixing as being too small.
In London’s paper, there is also a consideration of ionic (so-called polar)
bonding. In essence, the HL theory was a quantum mechanical version of
Lewis’s electron-pair theory. Thus, even though Heitler and London did their
work independently and perhaps unaware of the Lewis model, the HL-wave
function still precisely described the shared-pair bond of Lewis. In fact, in his
letter to Lewis (8), and in his landmark paper (13), Pauling points out that the
HL and London treatments are ‘entirely equivalent to G.N. Lewis’s successful
theory of shared electron pair . . .’’. Thus, although the final formulation of the

A B
H H H H

A BA B
OO •••

•••

B O2 A
a b

HL- Wave function Covalent-ionic superposition
in a  bond, A–B

Pauling's three-electron
bond

1 3

4

σg

σu

2

Scheme 1.1

ROOTS OF VB THEORY 3
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Linus Pauling - (1930)
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3, written as ‘‘1 1’’ and ‘‘2 2’’, represent the ionic structures where one of the
atoms (H1 or H2) possesses two electrons and the other none.

The structure representation is followed by a symbolic representation of the
wave functions, along with a coarse normalization, in the section entitled ‘‘list
of configurations’’. As can be seen, the wave function of the HL structure
(structure 1) involves two determinants. In the description of the determinants,
the letters ‘‘a’’ and ‘‘b’’ stand for a and b spins, respectively. By convention,
the orbitals are written in the same orders in both determinants, irrespective of
their spins. If we represent our AOs by the symbols 1s1 and 1s2, these two
determinants are the ones shown in Equation 2.1,

FHL ¼ 0:70711 1s11s2
!! !!" 0:70711 1s11s2

!! !! ð2:1Þ

where the presence of a bar over the orbital indicates spin-down (b), while the
absence of a bar indicates spin-up (a) (see Scheme 2.1). Since the HL structure
is described by two determinants, it is coarsely (and temporarily) normalized,
and as such, the coefficients of the determinants are given as "0.70711 and
0.70711, which correspond to the square root of 0.5. As shown in Chapter 3,
determinants of opposite signs correspond to singlet spin coupling of the two
electrons. The other structures are closed shell and each one is described by a
single determinant.

The next section entitled, ‘‘final VBSCF results. . .’’, gives the total energy
(‘‘vb-energy’’) and the wave function (‘‘vb-vector’’), the latter is expressed in the
usual manner in terms of the coefficient of the structure-set, as follows:

CVB"full ¼ 0:787469FHL þ 0:133870ðFionð1Þ þ Fionð2ÞÞ ð2:2Þ

Thus, the wave function that describes the H"H bond is dominated by the
covalent structure (now rigorously normalized), with small contributions from

Scheme 2.1

VALENCE BOND OUTPUT FOR THE H2 MOLECULE 27
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where the presence of a bar over the orbital indicates spin-down (b), while the
absence of a bar indicates spin-up (a) (see Scheme 2.1). Since the HL structure
is described by two determinants, it is coarsely (and temporarily) normalized,
and as such, the coefficients of the determinants are given as "0.70711 and
0.70711, which correspond to the square root of 0.5. As shown in Chapter 3,
determinants of opposite signs correspond to singlet spin coupling of the two
electrons. The other structures are closed shell and each one is described by a
single determinant.

The next section entitled, ‘‘final VBSCF results. . .’’, gives the total energy
(‘‘vb-energy’’) and the wave function (‘‘vb-vector’’), the latter is expressed in the
usual manner in terms of the coefficient of the structure-set, as follows:

CVB"full ¼ 0:787469FHL þ 0:133870ðFionð1Þ þ Fionð2ÞÞ ð2:2Þ

Thus, the wave function that describes the H"H bond is dominated by the
covalent structure (now rigorously normalized), with small contributions from
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VALENCE BOND OUTPUT FOR THE H2 MOLECULE 27
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Método de Orbitais Moleculares (MO) 
 
(Mulliken, Hund, Slater, Lennard-Jones ( ap. 1930)) 



18 

Ligações Químicas

Sérgio E.
Galembeck

Objetivo

Introdução

Histórico

Teoria de ligação de
valência

Teoria de orbitais
moleculares

Análise da
densidade eletrônica

Porque as ligações
químicas são
estáveis?

Conclusões

Bibliografia

Softwares utilizados

Agradecimentos

Histórico



19 
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Journal of Chemical Education 4/3/14 Page 5 of 11 

Students compared all the calculated parameters with experimental ones, when 
they were available. CCCBDB23 furnished the experimental data; the Basis Set 
Exchange Database24 gave the pc-n basis set. 

Finding the Experimental Data 135 
Initially, the students had to access the CCCBDB website and obtain experimental 

bond lengths, vibrational frequencies, and zero point energies for NO, NO+, and NO- 
(Table 1). All the results relative to NO- concerned the most stable triplet spin state, 
except where indicated. 
Table 1. Experimental (exp) and calculated with B3LYP/6-31+G(d,p) (calc) bond lengths (r), vibrational frequencies (ν), 140 
and zero point energies (ZPE) for NOx (x = 0, +1, -1). 

 r(Å) ν(cm-1) EZPE(cm-1) 

x exp calc exp calc exp calc 

1 1.066 1.073 2377 2480 1174.33 1240.03 

0 1.154 1.158 1904 1980 948.64 990.05 

-1 1.258 1.271 -a 1425 -a 712.41 
anot found. 

Students were able to observe that the changes in r and in ν matched those 
predicted by the qualitative molecular orbital energy level diagram (Figure 1). 

MO Energy Level Diagram 145 
Using the EHT method, it was possible to calculate the molecular orbital energy 

level diagram and the molecular orbitals of NO as well as the atomic orbital coefficients 
of the N and O atoms at the molecular orbitals of compound NO0 (Table S1 and Figures 
3 and 4). 

 150 
Figure 3. Valence molecular orbital energy level diagram of NO obtained by the EHT method. 
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Figure 4. Valence molecular orbitals of NO. 

From the molecular orbital diagram and the plots of the molecular orbitals, students 
concluded that the electron density was concentrated on the oxygen in all the target 155 
compounds, because the atomic orbitals of this element had lower energy by oxygen 
higher electronegativity than nitrogen. In NO, the unpaired electron is located in the 
nitrogen, because, as an antibonding orbital, 1π* is located in the element with lower 
electronegativity. Students were able to notice that the EHT molecular energy level 
diagram agreed very well with the qualitative energy level diagram.  160 

In addition, it is particularly important discuss the changes of orbital's energies with 
the alteration of number of electrons in structure of compounds NOx, x = -1; 0 and +1. 
This concept is called orbital relaxation because in Koopman’s theorem, where this term 
is ignored, the orbitals are ‘‘frozen’’, in other words, the orbital’s energies do not change 
with oxidation or reduction of compound.25 Then, for the cation, the lack of one electron 165 
promotes a contraction of orbitals decreasing their energies because the electrons are 
closer of the nucleus. However, for the anion, the addition of one electron generates the 
expansion of orbitals, increasing their energies because the electrons are far from the 
core. 

Calculated geometries and vibrational frequencies 170 
Table 1 lists the results for the optimized geometries and calculated vibrational 

frequencies. The NO- triplet spin multiplicity was considered. The students were able to 
observe that the calculated bond lengths were closer to the experimental ones. The 
stretching frequency was larger than the experimental one for the neutral and the 
cationic compounds; the reasons of this discrepancy were the approximations of 175 
computational models and non-harmonic nature of potential energy surface.19 Also, it 
was worth mentioning the use of scale factors and conducting scaling of vibrational 
frequencies and zero-point energies. 
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Students compared all the calculated parameters with experimental ones, when 
they were available. CCCBDB23 furnished the experimental data; the Basis Set 
Exchange Database24 gave the pc-n basis set. 

Finding the Experimental Data 135 
Initially, the students had to access the CCCBDB website and obtain experimental 

bond lengths, vibrational frequencies, and zero point energies for NO, NO+, and NO- 
(Table 1). All the results relative to NO- concerned the most stable triplet spin state, 
except where indicated. 
Table 1. Experimental (exp) and calculated with B3LYP/6-31+G(d,p) (calc) bond lengths (r), vibrational frequencies (ν), 140 
and zero point energies (ZPE) for NOx (x = 0, +1, -1). 

 r(Å) ν(cm-1) EZPE(cm-1) 

x exp calc exp calc exp calc 

1 1.066 1.073 2377 2480 1174.33 1240.03 

0 1.154 1.158 1904 1980 948.64 990.05 

-1 1.258 1.271 -a 1425 -a 712.41 
anot found. 

Students were able to observe that the changes in r and in ν matched those 
predicted by the qualitative molecular orbital energy level diagram (Figure 1). 

MO Energy Level Diagram 145 
Using the EHT method, it was possible to calculate the molecular orbital energy 

level diagram and the molecular orbitals of NO as well as the atomic orbital coefficients 
of the N and O atoms at the molecular orbitals of compound NO0 (Table S1 and Figures 
3 and 4). 

 150 
Figure 3. Valence molecular orbital energy level diagram of NO obtained by the EHT method. 
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Figure 4. Valence molecular orbitals of NO. 

From the molecular orbital diagram and the plots of the molecular orbitals, students 
concluded that the electron density was concentrated on the oxygen in all the target 155 
compounds, because the atomic orbitals of this element had lower energy by oxygen 
higher electronegativity than nitrogen. In NO, the unpaired electron is located in the 
nitrogen, because, as an antibonding orbital, 1π* is located in the element with lower 
electronegativity. Students were able to notice that the EHT molecular energy level 
diagram agreed very well with the qualitative energy level diagram.  160 

In addition, it is particularly important discuss the changes of orbital's energies with 
the alteration of number of electrons in structure of compounds NOx, x = -1; 0 and +1. 
This concept is called orbital relaxation because in Koopman’s theorem, where this term 
is ignored, the orbitals are ‘‘frozen’’, in other words, the orbital’s energies do not change 
with oxidation or reduction of compound.25 Then, for the cation, the lack of one electron 165 
promotes a contraction of orbitals decreasing their energies because the electrons are 
closer of the nucleus. However, for the anion, the addition of one electron generates the 
expansion of orbitals, increasing their energies because the electrons are far from the 
core. 

Calculated geometries and vibrational frequencies 170 
Table 1 lists the results for the optimized geometries and calculated vibrational 

frequencies. The NO- triplet spin multiplicity was considered. The students were able to 
observe that the calculated bond lengths were closer to the experimental ones. The 
stretching frequency was larger than the experimental one for the neutral and the 
cationic compounds; the reasons of this discrepancy were the approximations of 175 
computational models and non-harmonic nature of potential energy surface.19 Also, it 
was worth mentioning the use of scale factors and conducting scaling of vibrational 
frequencies and zero-point energies. 
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done for groups of two or three students. Also, it is possible that students do some 
parts of this experiment as homework, for example, the Lewis structures and QMO 
analysis, EHT calculations, and the extrapolation of the energy to an infinite basis set. 
This experiment can be applied from advanced undergraduate to beginning 85 
postgraduate students in Applied Quantum Chemistry courses, but also it could be part 
of an Experimental Physical Chemistry course.  

Lewis Structures and QMO Diagrams 
Initially, the students had to obtain the Lewis structures for NO, NO+, and NO-, 

including formal charges and bond orders. They also obtained bond length changes and 90 
found out in which atom the NO unpaired electron was located (Figure 1). The formal 
charges on the oxygen and nitrogen can be calculated by: 

 ( ) nnnq eitcevF

°°°
−−= 5.0  (1) 

where qF is the formal charge, n°ev is the number of valence electrons of the isolated 
atom in the ground state, n°tc is the total number of electrons shared with other atoms 95 
in the molecule via covalent bonds, and n°ei is the number of non-bonding valence 
electrons on this atom in the molecule. 

 
Figure 1. Lewis structures for NO (A), NO+ (B), and NO- (C). 

Using the 2s and 2p atomic orbital energies of N and O (N(2s) = -25.5 eV, N(2p) = -100 
13.1 eV, O(1s) = -32.3  eV, and O(2p) = -15.9 eV),15 it was possible to build the 
qualitative molecular orbital energy (QMO) level diagram for NO. This diagram revealed 
changes in bond orders, bond lengths, and vibrational frequencies. It was possible to 
localize the unpaired electron and to determine the nature of HOMO, or SOMO, and 
LUMO. The diagram also furnished the spin multiplicities: NO = doublet, NO+ = singlet, 105 
and NO- = triplet or open-shell singlet. According to Hund rules, the triplet state is the 
most stable (Figure 2).16 
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Figura 12. a) Hartree; b) Fock, y c) Roothan.

Dirac (1929, figura 11) fue otro de los grandes iniciado-
res de la mecánica cuántica, con su ecuación relativista y la 
propuesta de la existencia de las antipartículas (como el posi-
trón), cuyo descubrimiento lo llevó a alcanzar el Premio Nobel 
de Física en 1933, compartido con Erwin Schrödinger. En su 
libro (Dirac, 1929, p. 714 ) nos habla del impacto de la mecá-
nica cuantica sobre lo conocido en física y química:

Las leyes subyacentes necesarias para la teoría matemática 
de una buena parte de la física y de toda la química son en-
tonces completamente conocidas, y la dificultad es solo que 
las aplicaciones exactas de esas leyes nos conducen a ecua-
ciones mecánico-cuánticas que son demasiado complejas co-
mo para ser solubles.

La metodología de resolución de la ecuación de Schrö-
dinger a través de la combinación lineal de orbitales atómi-
cos se dio gracias a Douglas Hartree (1928, en la aproxima-
ción de electrones independientes, en primer lugar) y a 
Vladimir Fock (1930, quien incluyó el intercambio) comple-
mentados posteriormente por Clemens C. J. Roothaan 
(1951). La foto de los tres puede verse en la figura 12.

A partir de este momento, empezaron a obtenerse múl-
tiples métodos para aproximar la solución de la ecuación de 
Schrödinger para moléculas. Lo primero que se logró fue el 
estudio de los electrones pi, con el método de Hückel (1931, 
ver la figura 13).

Figura 10. Cuadro con la figura  

de Egil A. Hilleraas.

Figura 11. Paul Adrien Maurice Dirac (1902-1984).

       (a)                (b)              (c)

Figura 13. Erich Hückel. En 1923 trabajó con Peter Debye una teoría que 

explica el comportamiento de disoluciones diluidas de electrolitos.

Figura 14. Robert G. Parr (1921-) dando una charla.

Document downloaded from http://www.elsevier.es, day 20/08/2018. This copy is for personal use. Any transmission of this document by any media or format is strictly prohibited.Document downloaded from http://www.elsevier.es, day 20/08/2018. This copy is for personal use. Any transmission of this document by any media or format is strictly prohibited.

Hartree, Fock - (1928), Roothan - (1951)
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Método de Hückel - (1930)



22 

Ligações Químicas

Sérgio E.
Galembeck

Objetivo

Introdução

Histórico

Teoria de ligação de
valência

Teoria de orbitais
moleculares

Análise da
densidade eletrônica

Porque as ligações
químicas são
estáveis?

Conclusões

Bibliografia

Softwares utilizados

Agradecimentos

Histórico
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and mixes these hybrids with the ligand orbitals to form the
octahedral complex, with all hybrids becoming M–L s-bonds,
leaving behind a set of t2g d-orbitals as nonbonding orbitals on
the transition metal. Bringing a gradually decreasing number
of ligands leaves on the metal an increasing number of hybrids
pointing in the direction of the missing ligands, as exemplified
for ML5 in Fig. 3(b), and generalized for MLn (n = 5–3) in
Fig. 3(c).
Then Hoffmann goes back to the delocalized picture by

mixing the so remaining hybrids and creating symmetry-
adapted orbitals, as shown in Fig. 4, for ML4 and ML3

fragments. Now, he has all the tools he needs to buildup
new complexes and to expound thereby the isolobal analogy.
An example of this added insight is the bonding of ethylene

by the Fe(CO)4 fragment in Fig. 5. Using the symmetry
adapted orbitals of Fe(CO)4 one can take advantage of
symmetry consideration and use an orbital mixing diagram
showing that the symmetric and antisymmetric hybrids find a
perfect symmetry match to mix with the p and p* orbitals of
C2H4, respectively, when the ethylene plane is in the equatorial
positions of the octahedron, and are hence responsible for the
sizable rotational barrier in the molecule. Furthermore, using
the localized representation (at the bottom), one can see that
the Fe(CO)4(C2H4) molecule is also a metallacyclopropane,
and hence once can understand the non-planar geometry of
the ethylene moiety and draw a wide-ranging analogy to other
molecules, which bear isolobal relationship. The complemen-
tary pictures intensify the insight. Duly, the isolobal analogy
continues to have a productive impact on the chemical
community.

4.A.3 Other examples. In fact all the models that consider
molecules in terms of fragment–orbital interactions in-
corporate localized elements into the delocalized representa-
tion. Hoffmann and his school have applied this approach

throughout chemistry and showed its powerful insight.79

Mulliken himself used this approach by formulating his
hyperconjugation concept,80 which was later used in many
varieties of orbital-mixing interaction e.g., to describe
the ‘‘anomeric effect’’. The now very popular NBO analysis
enables one to carry out these orbital interactions on a routine
basis after an MO-based or DFT calculations.62 These
ideas are used to understand chemical phenomena, ranging
from structure all the way to properties such as anisotropic
diamagnetic and paramagnetic properties in NMR. Although
it focuses on the energetic aspects, the energy decomposition
analyses (EDA) in both MO81 and DFT82,83 are other
variants of the fragment in molecules approach. The recent
block-localized wave function (BLW) approach is also related
and allows quantifying the energy consequences of these
interactions.84 A beautiful and constructive essay on
the hierarchy and relationships of wave functions from
delocalized to localized is given in the work of Malrieu and
co-workers.52

This infiltration of localized elements into the delocalized
representation is a testimony that the human thought process
functions like a game of ‘‘LEGO’’ in which understanding of

Scheme 4 A hybrid grows at the site of the missing ligand (8) of
M(CO)5.

Fig. 3 LMOs of MLn from d2sp3 hybridized M and n ligand orbitals.

Fig. 4 Generating symmetry adopted MOs from the hybrids of ML4

and ML3.

Fig. 5 An MO mixing diagram describing the bonding of Fe(CO)4
with ethylene alongside the metallacycle Lewis-type description.

2020 | New J. Chem., 2007, 31, 2015–2028 This journal is !c the Royal Society of Chemistry and the Centre National de la Recherche Scientifique 2007
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and mixes these hybrids with the ligand orbitals to form the
octahedral complex, with all hybrids becoming M–L s-bonds,
leaving behind a set of t2g d-orbitals as nonbonding orbitals on
the transition metal. Bringing a gradually decreasing number
of ligands leaves on the metal an increasing number of hybrids
pointing in the direction of the missing ligands, as exemplified
for ML5 in Fig. 3(b), and generalized for MLn (n = 5–3) in
Fig. 3(c).
Then Hoffmann goes back to the delocalized picture by

mixing the so remaining hybrids and creating symmetry-
adapted orbitals, as shown in Fig. 4, for ML4 and ML3

fragments. Now, he has all the tools he needs to buildup
new complexes and to expound thereby the isolobal analogy.
An example of this added insight is the bonding of ethylene

by the Fe(CO)4 fragment in Fig. 5. Using the symmetry
adapted orbitals of Fe(CO)4 one can take advantage of
symmetry consideration and use an orbital mixing diagram
showing that the symmetric and antisymmetric hybrids find a
perfect symmetry match to mix with the p and p* orbitals of
C2H4, respectively, when the ethylene plane is in the equatorial
positions of the octahedron, and are hence responsible for the
sizable rotational barrier in the molecule. Furthermore, using
the localized representation (at the bottom), one can see that
the Fe(CO)4(C2H4) molecule is also a metallacyclopropane,
and hence once can understand the non-planar geometry of
the ethylene moiety and draw a wide-ranging analogy to other
molecules, which bear isolobal relationship. The complemen-
tary pictures intensify the insight. Duly, the isolobal analogy
continues to have a productive impact on the chemical
community.

4.A.3 Other examples. In fact all the models that consider
molecules in terms of fragment–orbital interactions in-
corporate localized elements into the delocalized representa-
tion. Hoffmann and his school have applied this approach

throughout chemistry and showed its powerful insight.79

Mulliken himself used this approach by formulating his
hyperconjugation concept,80 which was later used in many
varieties of orbital-mixing interaction e.g., to describe
the ‘‘anomeric effect’’. The now very popular NBO analysis
enables one to carry out these orbital interactions on a routine
basis after an MO-based or DFT calculations.62 These
ideas are used to understand chemical phenomena, ranging
from structure all the way to properties such as anisotropic
diamagnetic and paramagnetic properties in NMR. Although
it focuses on the energetic aspects, the energy decomposition
analyses (EDA) in both MO81 and DFT82,83 are other
variants of the fragment in molecules approach. The recent
block-localized wave function (BLW) approach is also related
and allows quantifying the energy consequences of these
interactions.84 A beautiful and constructive essay on
the hierarchy and relationships of wave functions from
delocalized to localized is given in the work of Malrieu and
co-workers.52

This infiltration of localized elements into the delocalized
representation is a testimony that the human thought process
functions like a game of ‘‘LEGO’’ in which understanding of

Scheme 4 A hybrid grows at the site of the missing ligand (8) of
M(CO)5.

Fig. 3 LMOs of MLn from d2sp3 hybridized M and n ligand orbitals.

Fig. 4 Generating symmetry adopted MOs from the hybrids of ML4

and ML3.

Fig. 5 An MO mixing diagram describing the bonding of Fe(CO)4
with ethylene alongside the metallacycle Lewis-type description.
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delocalized and follow the symmetry of the molecule. How-
ever, since one can in principle solve the DFT problem without
invoking any orbitals at all, this leads to arguing that the
density is self-sufficient with no need anymore for orbitals.68

But since the bond concept is immensely useful, most density-
only proponents devise density probes for locating bonds such
as in AIM and in ELF. 69 In AIM theory,69a bonds are
recognized by bond paths, while in ELF theory,69b,c bonds
are defined by molecular basins and their population. How-
ever, both these probes need to be computed and cannot be
foretold without performing the calculations. In some cases
the emerging bond paths defy chemical understanding. What
aggravates the situation is that there is a growing school for
which the computations itself is the theory with no need for
further conceptualization. If one accepts this verdict then
indeed, all our concepts seem to dissolve in the computer. I
shall try to counter this verdict. For the time being, let me
recall a second admonition attributed to Wigner who wrote:
‘‘It is nice to know that the computer understands the problem.
But I would like to understand it too’’. Understanding relies on
concepts, which brings us back to the question of localized vs.
delocalized concepts in chemistry.

4 Sampling complementary parts of chemical
reality: bridges between representations

Moving between worlds if fun, and like ‘‘Alice Through the
Looking Glass’’ it is also a way of sampling additional bits of
reality. Those things that are seen through the glass seem
merely reversed and the unification of the pictures is naturally
a stage in higher understanding. In this Section I will discuss a
few examples where traversing the borders between localized
and delocalized representations has been enriching.

4.A Incorporation of localized elements in the delocalized
representation

4.A.1 Coulson and the hybridization concept.Hybridization
and its connection to molecular geometry was one of
the earliest and most successful concepts of the localized
representation. This concept, independently conceived by
Pauling70a and Slater,70b has become one of friction points
between the VB and MO camps which created a chasm
between these conceptual worlds. Coulson45 was not the first
to recognize the fact that the delocalized and localized MO
representations were mutually transformable,71 but he was the
first to employ this equivalence to add insight and link thereby
the ‘‘strange-looking’’ MO theory to chemical structures.
Thus, Coulson realized the great pedagogical value of the
hybridization concept, and he incorporated it into his MO

description of molecules. As argued by Park,72 the most
commonly used picture of ethylene with sp2 hybridized car-
bons, which form the s-skeleton and a p-orbital (as in the
Hückel picture), 5 in Scheme 3, is due to Coulson, while
Pauling insisted for a long time after on using the sp3

hybridized carbons with the banana bonds, 6. Subsequently,
in his description of benzene, Coulson used a s-skeleton of sp2

hybridized carbons bonded to H’s, and a p-system of six
overlapping pp AOs, 7; later to be known as the ‘‘doughnut’’
model, for which he also defined the ‘‘delocalization energy’’
(not ‘‘resonance energy’’).73 Thus, while Coulson was not
among the originators of MO theory, he was the one who made
it a chemical language by wedding VB-type elements into the
theory. His walking between the localized and delocalized
worlds enriched his conceptual input into chemistry and the
so resulting vivid imagery caught on and in the end ushered in
MO theory into mainstream chemistry.
To day most chemists know, or at least ought to now, that

the delocalized MO based wave function and representations
based on localized MOs (LMOs) are entirely identical71,74,75

and provide complementary insight into chemistry. The LMO
wave function is not strictly a VB wave function, but it is a nice
starting point for jumping all the way to the VB picture,17 e.g.,
through the perfectly paired generalized VB wave function
(PP-GVB).76 Pictorially the LMO and GVB-PP wave func-
tions look alike, though the bonds in the GVB-PP wave
function involve correlated electrons.77

4.A.2 The isolobal analogy. Some years later, Roald Hoff-
mann, another teacher of MO-theory, went through the look-
ing glass and generated the isolobal analogy between the
bonding capabilities of MLn fragments with n o 6 and CHn

(no 4) fragments in organic chemistry. In the first paper in the
series, Elian and Hoffmann78 started out from an octahedral
M(CO)6 complex and successively cut CO ligands. The calcu-
lations revealed that a hybrid orbital grew on the metal in the
missing ligand site, e.g., 8 in Scheme 4. These hybrids can
participate in bonding with other ligands depending on the
number of d-electrons on the metal and the number of
electrons contributed by the new ligand. This first paper in
the series recognizes the connection to the VB language, but,
with a single exception of the M(CO)4 fragment, it still uses
mostly a formal delocalized language of MO theory to derive
these hybrids.
In later papers Hoffmann moves to and fro between the

worlds to optimize the insight, much like he did years before in
deriving the ‘‘through-space through-bond coupling’’ concept.
This coalescence of the delocalized and localized pictures is
most apparent in his Nobel Lecture.3 As shown in Fig. 3(a),
Hoffmann starts from the sp3d2 octahedral-hybridized metal,

Scheme 3 Electronic structures cartoons used by Coulson73 for ethylene (5) and the p-system of benzene (7). Pauling used cartoon 6.72

This journal is !c the Royal Society of Chemistry and the Centre National de la Recherche Scientifique 2007 New J. Chem., 2007, 31, 2015–2028 | 2019
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Coulson - (1952)



2 – A estrutura de átomos multieletrô-
nicos 
 
 
2.1 – A aproximação orbital 
 
 
 
 
implica que a repulsão intereletrônica é desprezada. 
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ψ(He) = ψ1s(1) ψ1s(2) = 1s(1) 1s(2) 
 
 
 
 
E(He) = E(He+,1) + E(He+,2) 

)(HeH)(HeH)(V)(E)(V)(EH KK 2,ˆ1,ˆ2ˆ2ˆ1ˆ1ˆˆ ++ +=+++=



 
 
 

 

configuração eletrônica: A distribution of the electrons of an atom 

or a molecular entity over a set of one-electron wavefunctions called 

orbitals, according to the Pauli principle. 

(http://goldbook.iupac.org) 

 

He: 1s2 
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Princípio de Pauli:  

Quando a posição de dois férmions idênticos é trocada, a função de 

onda total, ou spin-orbital, deve trocar de sinal, para ser aceitável.  

 

 

 

 

ψ(1,2): orbital espacial 

σ(1,2): função de spin 
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Determinante de Slater: 

 

He: 

 

 

de forma geral: 
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χ−(1,2) = ( 1
21

2
)
ψ (1)α (1) ψ (2)α (2)
ψ (1)β (1) ψ (2)β (2)

χ (1,2,...,N) = 1
(N!)12

ψa (1)α (1) ψa (2)α (2) ψa (3)α (3) ... ψa (N)α (N)
ψa (1)β (1) ψa (2)β (2) ψa (3)β (3) ... ψa (N)β (N)
ψb (1)α (1) ψb (2)α (2) ψb (3)α (3) ... ψb (N)α (N)

... ... ... ... ...
ψz (1)β (1) ψz (2)β (2) ψz (3)β (3) ... ψz (N)β (N)



2.1.(c) – Teorema variacional 

 

φ : função de onda aproximada, bem comportada. 

 

 

Aplicando-se para ψ, função de onda exata: 
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exataE
d

drH
≥

∫
∫

τφφ

φφ

 

   
*

* ⌢

exataexata EdE
d

drH
== ∫

∫
∫ τψψ

τψψ

ψψ
  

   

   *

*

* ⌢



2.2 –Orbitais de campo autoconsistente 
 
 
 
 
procedimento de campo autoconsistente de Hartree-Fock (HF-
SCF) 
 
 
Ne: 1s22s22p6 
 

 
para um elétron do orbital 2p: 
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9.5 SELF-CONSISTENT FIELD ORBITALS 349

because their orbitals are more diffuse.) The values for oxygen, fluorine, and neon fall
roughly on the same line, the increase of their ionization energies reflecting the 
increasing attraction of the more highly charged nuclei for the outermost electrons.

The outermost electron in sodium (Z = 11) is 3s. It is far from the nucleus, and the
latter’s charge is shielded by the compact, complete neon-like core, with the result that
Zeff ≈ 2.5. As a result, the ionization energy of sodium is substantially lower than that
of neon (Z = 10, Zeff ≈ 5.8). The periodic cycle starts again along this row, and the vari-
ation of the ionization energy can be traced to similar reasons.

Electron affinities are greatest close to fluorine, for the incoming electron enters 
a vacancy in a compact valence shell and can interact strongly with the nucleus. The
attachment of an electron to an anion (as in the formation of O2− from O−) is invari-
ably endothermic, so Eea is negative. The incoming electron is repelled by the charge
already present. Electron affinities are also small, and may be negative, when an elec-
tron enters an orbital that is far from the nucleus (as in the heavier alkali metal atoms)
or is forced by the Pauli principle to occupy a new shell (as in the noble gas atoms).

9.5 Self-consistent field orbitals

Key point The Schrödinger equation for many-electron atoms is solved numerically and itera-

tively until the solutions are self-consistent.

The central difficulty of the Schrödinger equation is the presence of the electron– 
electron interaction terms. The potential energy of the electrons is

V = − + ′ (9.35)

The prime on the second sum indicates that i ≠ j, and the factor of one-half prevents
double-counting of electron pair repulsions (1 interacting with 2 is the same as 2 
interacting with 1). The first term is the total attractive interaction between the elec-
trons and the nucleus. The second term is the total repulsive interaction between the
electrons; rij is the distance between electrons i and j. It is hopeless to expect to find 
analytical solutions of a Schrödinger equation with such a complicated potential 
energy term, but computational techniques are available that give very detailed and
reliable numerical solutions for the wavefunctions and energies. The techniques were
originally introduced by D.R. Hartree (before computers were available) and then
modified by V. Fock to take into account the Pauli principle correctly. In broad out-
line, the Hartree–Fock self-consistent field (HF-SCF) procedure is as follows.

Imagine that we have a rough idea of the structure of the atom. In the Ne atom, for
instance, the orbital approximation suggests the configuration 1s22s22p6 with the 
orbitals approximated by hydrogenic atomic orbitals. Now consider one of the 2p
electrons. A Schrödinger equation can be written for this electron by ascribing to it 
a potential energy due to the nuclear attraction and the repulsion from the other 
electrons. This equation has the form

@(1)ψ2p(1) + V(other electrons)ψ2p(1)

− V(exchange correction)ψ2p(1) = E2pψ2p(1) (9.36)

Although the equation is for the 2p orbital in neon, it depends on the wavefunctions
of all the other occupied orbitals in the atom. A similar equation can be written for the
1s and 2s orbitals in the atom. The various terms are as follows:

• The first term on the left is the contribution of the kinetic energy and the attrac-
tion of the electron to the nucleus, just as in a hydrogenic atom.

e2

4πε0rij
∑
i,j

1
2

Ze2

4πε0ri
∑

i
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1 – A aproximação de Born-
Oppenheimer 
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curva de energia potencial molecular 

Re: comprimento de ligação no equilíbrio 
 
De: energia de dissociação no equilíbrio 
 
D0: energia de dissociação  do estado fun- 
damental vibracional. 

ω!
2
1

0 −= eDD
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3.3.(c) – O princípio linear variacional 
 
 

  
 
 
φ : função de onda aproximada, bem comportada. 
 
 
mas,  
 
 
 
cA e cB: parâmetros variacionais. 
 
A, B: funções de base. 36 

exataE
d

dH
≥

∫
∫  

   

   ˆ 
*

*

τφφ

τφφ

BcAc BA +=φ



 
Os coeficientes cA e cB  são obtidos a partir das equações 
seculares: 
 
 
 
 
 
 
 
 
 
 
αA e αB: integrais atômicas 
 
βAB: integral de ressonância 
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0) ()( =−+− BAA cSEcE βα

0)() ( =−+− BBA cEcSE αβ

τα dAHAHAAA   ˆ  ∫== τα dBHBHBBB   ˆ  ∫==

ττβ dAHBdBHAHAB   ˆ   ˆ  ∫∫ ===



 
As energias dos OMs  são obtidos a partir do determinante 
secular: 
 
 
 
 
 
Primeiro se obtém as energias e depois os coeficientes. Os 
orbitais moleculares devem ser normalizados: 
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1 2  222 =++=∫ Sccccd BABAτψ

0
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−−

ESE
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βα



3.3.(d) – Dois casos simples 
 

 1. Molécula diatômica homonuclear 
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4 – Orbitais moleculares de moléculas 
poliatômicas 
 
 
 
 
 
ψi: orbital molecular 
 
χj: orbital atômico 
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4.1 – O método de Hückel 

 

 

�  Orbitais π são tratados separadamente dos orbitais σ. 

 

�  Orbitais σ formam uma estrutura rígida que determina a 

forma da molécula. 

 

�  As integrais atômicas, α, para os orbitais π de quaisquer 

carbonos são iguais. 
 
 
 
 
 

 

 

 

41 



4.1.(a) – Eteno e os orbitais de fronteira 
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H2C CH2A B

)( BAcA ±=πψ

 ,2 ApA ψ=  ,2 BpB ψ=

ααα == BA



 

 

 

 

Aproximações de Hückel: 

 

1.  Todas as integrais de recobrimento são igualadas a zero. 

2.  Todas as integrais de ressonância entre átomos não 

vizinhos desconsideradas. 

3.  Todas as integrais de ressonância restantes são igualadas 

a β. 
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Estrutura do determinante secular: 

 

1.  Todas elementos diagonais: α - E. 

2.  Elementos fora da diagonal entre átomos vizinhos: β. 

3.  Todos os outros elementos: 0. 
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1π: highest ocuppied molecular orbital (HOMO) 
              orbitais de fronteira 

2π: lowest unoccupied molecular orbital (LUMO) 

βα ±=±E

396 10 MOLECULAR STRUCTURE

Although the classification of an orbital as σ or π is strictly valid only in linear
molecules, as will be familiar from introductory chemistry courses, it is also used to
denote the local symmetry with respect to a given A–B bond axis.

The π molecular orbital energy level diagrams of conjugated molecules can be 
constructed using a set of approximations suggested by Erich Hückel in 1931. In his
approach, the π orbitals are treated separately from the σ orbitals, and the latter form
a rigid framework that determines the general shape of the molecule. All the C atoms
are treated identically, so all the Coulomb integrals α for the atomic orbitals that con-
tribute to the π orbitals are set equal. For example, in ethene, we take the σ bonds as
fixed, and concentrate on finding the energies of the single π bond and its companion
antibond.

(a) Ethene and frontier orbitals

We express the π orbitals as LCAOs of the C2p orbitals that lie perpendicular to the
molecular plane. In ethene, for instance, we would write

ψ = cAA + cBB (10.40)

where the A is a C2p orbital on atom A, and so on. Next, the optimum coefficients 
and energies are found by the variation principle as explained in Section 10.5. That 
is, we solve the secular determinant, which in the case of ethene is eqn 10.31 with 
αA = αB = α :

= 0 (10.41)

The roots of this determinant were given in eqn 10.32b. In a modern computation all
the resonance integrals and overlap integrals would be included, but an indication of
the molecular orbital energy level diagram can be obtained very readily if we make the
following additional Hückel approximations:

1. All overlap integrals are set equal to zero.

2. All resonance integrals between non-neighbours are set equal 
to zero.

3. All remaining resonance integrals are set equal (to β).

These approximations are obviously very severe, but they let us calculate at least 
a general picture of the molecular orbital energy levels with very little work. The 
assumptions result in the following structure of the secular determinant:

1. All diagonal elements: α −E.

2. Off-diagonal elements between neighbouring atoms: β.

3. All other elements: 0.

These approximations convert eqn 10.41 to

= (α −E)2 −β2 = 0 (10.42)

The roots of the equation are

E± = α ± β (10.43)

The + sign corresponds to the bonding combination (β is negative) and the – sign cor-
responds to the antibonding combination (Fig. 10.42). We see the effect of neglecting
overlap by comparing this result with eqn 10.32b.

iiα −E β
β α −E

ii

Hückel
approximations

iiα −E β −ES
β −ES α −E

ii

C2p C2p

1π

2π  – α β

 + α β

Fig. 10.42 The Hückel molecular orbital
energy level diagram for the π orbitals of
ethene. Two electrons occupy the lower 
π orbital.



orbitais moleculares: 

 

 

 

 

 

simplificando-se: 

 

 

 
 

 

 

 

46 

1 2  222 =++=∫ Sccccd BABAτψ

)( BAcA ±=πψ

122 =+ BA cc

)(
2

1 BA±=±ψ
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4.1.(b) – A formulação matricial do método de Hückel 

 

Equações seculares para um sistema com dois átomos e um 

orbital em cada átomo: 

 

 

 

 

Ei correspondem às autofunções: 

 

 

 
 
 

 

 

 

BcAc BiAii ,, +=ψ

0)()( ,, =−+− BiABiABAiAAiAA cSEHcSEH

0)()( ,, =−+− BiBBiBBAiBAiBA cSEHcSEH



 

Há dois orbitais atômicos, dois autovalores e dois autovetores, 

portanto: 

 

 

 

 

 

 

 

 
 
 

 

 

 

49 49 

0)()( ,11,11 =−+− BABABAAAAA cSEHcSEH
0)()( ,11,11 =−+− BBBBBABABA cSEHcSEH

0)()( ,22,22 =−+− BABABAAAAA cSEHcSEH
0)()( ,22,22 =−+− BBBBBABABA cSEHcSEH



pode-se simplificar a solução dessas equações com o uso de 

matrizes e vetores: 

 

 

 

H: matriz do hamiltoniano, S: matriz de recobrimento. 

 

Cada sistema de equações seculares pode ser escrito como: 

 

 

 

 

 

 

 

 

 

 

 
 
 

 

 

 

(H−Ei S)ci = 0 H ci = S ci Ei

H =
HAA HAB

HBA HBB

⎛

⎝

⎜
⎜

⎞

⎠

⎟
⎟

S =
SAA SAB
SBA SBB

⎛

⎝

⎜
⎜

⎞

⎠

⎟
⎟ ci =

ci,A
ci,B

⎛

⎝

⎜
⎜

⎞

⎠

⎟
⎟



Pode-se definir uma matriz dos coeficientes, C, e outra dos 

autovalores, E: 

 

 

 

Pode-se escrever uma equação matricial: 

 

 

Na aproximação de Hückel: 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 
 
 

 

 

 

E =
E1 0
0 E2

⎛

⎝

⎜
⎜

⎞

⎠

⎟
⎟C = (c1     c2 ) =

c1,A c2,A

c1,B c2,B

⎛

⎝

⎜
⎜

⎞

⎠

⎟
⎟

β== BAAB HHα== BBAA HH

H C = S C E

S =1



 

 

 

 

 

 

ou seja, se diagonaliza a matriz H. 

 

as colunas de C são os coeficientes dos orbitais atômicos, ou 

das funções de base.  

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 
 
 

 

 

 

H C =C E

C−1H C = E

C−1  C =1


