Chapter 9 – Covalent Bonding Theories

The Valence Shell Electron Pair Repulsion (VSEPR) Theory

The Basic Concept of VSEPR Model:

· In most molecules or polyatomic ions, valence electrons occur in pairs;

· Central atoms may contain bonding and nonbonding electron-pairs in valence shells;

· The geometrical orientation of electron-pairs around a central atom is such that the overall repulsions between these pairs are minimum;

· Repulsions between electron pairs are not the same; the repulsions are such that:

     Lone-pair ( lone-pair > lone-pair ( bond-pair > bond-pair ( bond-pair;

(( means repulsion)

· Molecular shapes are determined by the relative orientation of bond-pair electrons around the central atom, but are also influenced by the presence of lone-pair electrons.
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Summary of Molecular Shapes predicted using the VSEPR Model
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Predicting Molecular Shapes Using The VSEPR Method

1.
Write the correct Lewis structure for the molecule or polyatomic ion.

2.
Determine the number of valence electron pairs and their geometrical orientation around the central atom that would yield the minimum repulsion.

3.
If two or more nonbonding pairs occur, place them as far apart from each other in order to minimize repulsions.  

4.
Predict the molecular shape from the net orientation of the bonding pairs around the central atom.

Bond Angles  


Bond angles in covalent molecules or polyatomic ions are determined by the number of electron pairs, their orientation (geometry), and the number of lone-pair electrons around the central atom. The following are some of the examples:
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Minimizing Repulsions Between Electron Pairs


In the trigonal bipyramidal geometry, two types of bond angles exist - 90o between an axial and equatorial pairs, and 120o between two equatorial pairs. In molecules or polyatomic ions where the central atom has five electron pairs arranged in trigonal bipyramidal geometry, the lone pair electrons are always placed on the equatorial positions, so that they are farthest apart in order to minimize repulsions.  In the octahedral geometry all bond angles are 90o.  If two lone-pairs are present, they are placed at 180o apart to minimize electron pairs repulsion.

In molecules where the central atoms contains lone-pair electrons, the strong repulsions between lone pairs often causes the bond angles in the molecule to become smaller than the one predicted by the VSEPR method. For example, in water molecule, the bond angle is 104.5o instead of 109.5o based on a tetrahedral geometry. The strong repulsion between the two lone pairs causes the H-O-H bond angle in H2O to change from 109.5o to 104.5o. In the ClF3 molecule, which contains three bonding and two lone pairs, both lone pairs occupy equatorial positions of a trigonal bipyramidal geometry to minimize lone pair-lone pair repulsions. However, the greater repulsions of these lone pairs (on the equatorial positions) with bonding pairs (on axial positions) force the F-Cl-F bond angles from the predicted 90o to about 80o.

Species with Multiple Bonds


The VSEPR model treats multiple bonds (double or triple) as single bonds.  For example, the CO2 molecule, which has two C(O double bonds but no lone pair, has a linear shape, like BeCl2.  The VSEPR model treats CO2 molecule as having only two pairs of bonding electrons, instead of four pairs as indicated by the Lewis structure. Acetylene, C2H2, and HCN, which contains a C(C and a C(N triple bonds, respectively, also have a linear shape.
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In ethylene molecule, C2H4, each carbon atom form a C(C double bond and two single bonds with hydrogen atoms. The geometry around each carbon center is trigonal planar (bond angle = 120o) and the molecule has an overall planar shape:
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Polyatomic ions such as NO3- and CO32- have trigonal planar shape because the central atom is treated as having three pairs of bonding electrons rather than four (a double and two singles).

Exercise-1:

1.
Predict the molecular geometry around each carbon atom in ethane, CH3CH3. What is the predicted H-C-H bond angle?

2.
Predict the molecular geometry for the following molecules:




COCl2,  NOBr,  POCl3,  SOCl2,  and  SO3 

___________________________________________________________________________

Bonding Theories

The VSEPR model is useful for predicting molecular shape and estimating bond angles, but the model is insufficient for explaining bond energy and bond strength.  Two other models, namely the valence bond method and molecular orbital theory provide a more rigorous and complex treatment of covalent bond formation that take into account bond energy and bond length. In the valence bond method, covalent bonds are assumed to be formed by overlaps of atomic orbitals. The type of orbitals and the extent of the orbital overlap determines the bond length and bond energy. This model also proposes the occurrence of hybridizations of atomic orbitals. 

The molecular orbital theory is based on the wave-mechanic model and it assumes that when atoms combine to form a molecule, their orbitals combine mathematically to form molecular orbitals. The number of molecular orbitals formed is equal to the total number or atomic orbitals that are linearly combined to form the molecular orbitals. The molecular orbital theory also determines bond orders and the occurrence of paramagnetism. For example, molecular orbital theory explains why O2 molecule is paramagnetic, a property that could not be explains with the Lewis structure or valence bond method.

THE VALENCE BOND METHOD

The Formation of a Hydrogen Molecule


According to the valence bond method, the formation of a covalent bond in H2 molecule is the result of 1s-1s orbitals overlap that occurs as the two atoms approach each other.  Consequently, the electron density between the two nuclei increases - forming a sigma (1s-1s) covalent bond.  
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H2 molecule has a bond-length of 74 pm, which is the internuclear distance that gives the minimum potential energy and maximum stability - attractions between the pair of electrons and nuclei is maximized, while repulsions between nuclei is minimized. 

The formation of H—H bonds produced 436 kJ/mol of energy.  The same amount of energy, called the bond dissociation energy, is required to break a mole of H—H bonds. 
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In a HCl molecule, the overlaps occur between the 1s-orbital of hydrogen and the singly occupied 3p-orbital of the chlorine atom.  In H2O molecule, each O—H bond is formed as a result of an orbital overlap between the 1s-orbital of hydrogen and the singly occupied 2p-orbital of oxygen atom. The three singly occupied 2p-orbitals in nitrogen are involved in covalent bond formation with other atoms such as with hydrogen atoms in NH3 molecule.

· In general, covalent bonds are formed as a result of an orbital between two singly occupied valence shell orbitals of two atoms.  The two bonding electrons (with opposite spins) then occupy the overlapped-region of the orbitals.

9.1  Hybridization and Localized Electron Model


In many instances, the concept of overlap involving pure atomic orbitals does not explain molecular shape and actual bond energy. Thus, a model called orbital hybridization is proposed to explain covalent bondings in such molecules, which correctly predict their molecular shapes, bond angles, bond energy, and the bond orders. Orbital hybridization is particularly useful in explaining bondings in various carbon compounds.

Hybridization in CH4, C2H4, and C2H2
The electron configuration for carbon is 1s2 2s22px12py12pz0 

The “ground state” orbital diagram for carbon:  [He]  _((_  _(_ _(_ ___
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Since there are only two singly occupied 2p orbitals in the “ground state” of carbon atom, the simplest molecule formed between carbon and hydrogen would have a CH2 formula, which does not exist. In fact, the simplest compound formed between carbon and hydrogen is methane, CH4. Therefore, it is proposed that in CH4 and other carbon compounds, where the carbon is singly bonded to four other atoms, covalent bonding involves the hybridization of 2s and 2p orbitals of the carbon atom. The concept of orbital mixing or hybridization is introduced to explain observed molecular shapes, bond angles, and bond energy in various carbon compounds.  

sp3 Hybridization in CH4

In CH4, all four C—H bonds are identical and assume the tetrahedral geometry with a bond angle of 109.5o. The orbital hybridization model proposes that the 2s and three 2p orbitals in carbon atom are hybridized to form four identical (same energy) hybrid orbitals and the four valence electrons in carbon occupy these hybrid orbitals singly. 
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Each hybrid orbitals has one part of 2s and three parts 2p characters, hence the notation sp3 hybrid orbital. In CH4 each sp3 hybrid orbital of carbon overlaps with the 1s-orbital of hydrogen to form a sigma C—H bonds.  The orbital diagram in CH4 may be written as:


[He] _((_ _((_ _((_ _((_
(-overlaps)




     (sp3-1s)

The four sp3 orbitals and the resulting CH4 molecule have tetrahedral shape with 109.5o bond angles. sp3 hybridizations occur in other compounds where a carbon atom is single-bonded to four other atoms, with the geometry about such carbon being tetrahedral.

sp2 Hybridization in C2H4


sp2 hybridization occurs in molecules such as C2H4 where two carbon atoms form a double bond with each other. On each carbon atom the 2s and two of the 2p orbitals hybridize or combine to form three sp2 hybrid orbitals. Three of the valence electron of carbon occupy these orbitals singly, while the fourth electron occupies the unhybridized 2p orbital. sp2 hybridization yields a trigonal planar geometry about this carbon atom. 
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In C2H4 molecule, one of the sp2 orbitals from each carbon forms end-wise (or head-on) overlap with a sp2 orbital of the second carbon; each of the other hybrid orbitals overlaps with the 1s orbital of hydrogen atom. End-wise overlap produces sigma () bonds. The unhybridized 2p orbital on each carbon side-wise overlaps with one aother to form a -bond.  A carbon-carbon double bond is composed of a -bond and a -bond. Molecular geometry about a particular atom is determined by the orientation of -bonds. Three -bonds about an atom assume the trigonal planar orientation.
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sp Hybridization in C2H2


In acetylene (C2H2) molecule, the 2s orbital combines (hybridizes) with only one of the 2p orbitals to yield two sp hybrid orbitals with 180oC orientation. The other two 2p orbitals on each carbon are not hybridized:
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In C2H2 molecule two sp orbitals, one from each carbon, overap end-wise (head-to-head) to form a (C—C) bond; the other sp-orbital on each carbon overlaps with 1s-orbital of hydrogen to form a (C—H) bond.  The unhybridized 2p-orbitals form sidewise overlaps to yield two (C—C) bonds.  Thus, carbon-carbon triple bonds in C2H2 consist of one - and two bonds. C2H2 molecule has a linear shape as a consequenced of sp hybridization on the carbons. Other examples where sp-hybridization occurs are in N2, CO2, and H2C=C=CH2 (called ketene)

Hybridizations in Compounds containing elements other than Carbon

sp3 hybridizations can also be used to explain the bond energies and molecular shapes of molecules such as NH3 and H2O.  In NH3, a pair of nonbonding electrons occupies one of the sp3 orbitals on the nitrogen atom, while the others form (N—H) bonds. In H2O, nonbonding pairs occupy two of the sp3 orbitals on oxygen and the others form (O—H) bonds.

Orbital hybridization in NH3 and in H2O:
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The fact that bond angles in NH3 and H2O are less than 109.5o, which is the bond angle predicted for sp3 hybridization, can be attributed to the stronger repulsions involving nonbonding pairs. Nonbonding orbitals occupy a larger spacial volume than bonding orbitals, pushing other pairs away, resulting in smaller bond angles than predicted.

The molecular shapes of BeCl2 and BF3 can also be explained using hybridization model.  BeCl2 has the sp-hybridization on beryllium, which yields a linear BeCl2 molecule; while BF3 has the sp2 hybridization on boron, resulting in a trigonal planar molecule. They are consistent with those proposed by the VSEPR model.

Hybridization in BeCl2 and BF3:
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In a PCl5 molecule, one 3s, three 3p, and one 3d orbitals of phosphorus hybridize to yield five sp3d hybrid orbitals, which assume the trigonal bipyramidal geometry. Each sp3d orbital overlaps with the singly occupied 3p orbital of chlorine to form a (P—Cl) bond and the resulting PCl5 molecule has a trigonal bipyramidal.   

sp3d hybridization in PCl5:
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In SF6, one 3s, three 3p, and two 3d orbitals of sulfur hybridize to form six sp3d2 hybrid orbitals arranged in octahedral orientation. Each sp3d2 orbital of sulfur overlaps with the single occupied 2p orbital of fluorine to form a (S—F) bond. These hybridization models also suggest that SF6 molecule has an octahedral geometry, consistent with that suggested by the VSEPR method.

sp3d2 hybridization in SF6:
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Exercise-2

1.
Explain the type of hybridization expected to occur on the bold-typed atom in each of the following species. Predict their molecular shapes:



CO2,  H2CO,  SiH4   SF4,  XeF4,  BrF5 , and  ClF3
___________________________________________________________________________

9.2  The Molecular Orbital Model

Molecular orbitals are formed by the linear combination of atomic orbitals  (LCAO).  This model proposes that when two atomic orbitals combine, they form two molecular orbitals - bonding and antibonding molecular orbitals. The former has lower potential energy and the latter higher potential energy than the original atomic orbitals. 

For example, in H2 molecule,  two 1s-orbitals combine to form a sigma bonding molecular orbital (1s) and a sigma antibonding molecular orbital (*1s).  1s has a lower and *1s has a higher potential energy than the atomic 1s-orbitals. Electrons are introduced into the molecular orbitals starting with one having the lowest energy.  Pauli exclusion principle is obeyed just as it is in writing atomic orbital; that is, only two electrons with opposite spins are allowed in each molecular orbital. 
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When a pair of electrons occupy a bonding molecular orbital, there is high electron density in the region between the two nuclei, which stabilizes the molecule. The bond order is calculated as follows:


   Bond order = ½ (# of bonding electrons - # of nonbonding electrons)

In H2 molecule both electrons occupy the 1s orbital, giving a bond order = 1. The electron configuration of H2 is written as (1s)2.  If one of the electrons is excited to the *1s orbital, the bond order becomes zero, and the molecule dissociates into separate atoms.

The molecular orbital energy diagram for He2 shows that both bonding and antibonding orbitals are fully occupied. This yield a bond order = 0, which implies that He2 molecule cannot exist.  
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9.3  Molecular Orbital Energy Diagram in Homonuclear Diatomic Molecules

The atomic orbitals that combine to form molecular orbitals must have the same or comparable energy relative to each other.  For molecules containing identical atoms, a 1s orbital only combines with another 1s orbital, a 2s with another 2s, and a 2p with another 2p.  Similar to the 1s-1s combination, the combination of two 2s orbitals results in a bonding 2s orbital and an antibonding *2s orbital.



 ___




 _((_
 



  *2s
 



  *2s
  (_  
  
  _(_  


_((_

   _((_


 2s
 
    2s
  

  2s

     2s


 Li
 _((_
    Li
 

  Be
 _((_
    Be



  2s
  



  2s


  Li2




  Be2

Bond order in Li2 = 1


Bond order in Be2 = 0 (( Be2 cannot exist)

Molecular orbital energy diagrams involving 2s and 2p orbitals are shown below. 
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(a) Molecular orbital diagram
  
  (b) Molecular orbital energy diagram


     (for B2 through N2)


       (for O2 and F2)

For 2p orbitals, only a pair of these orbitals (one from each atom) combine end-wise (head-on) to form 2p-bonding and *2p-antibonding molecular orbitals. The other 2p orbitals combine side-wise to form 2p-bonding and *2p-antibonding molecular orbitals.  Pi-orbitals are non-symmetric about the internuclear axis.

The molecular orbital diagram A is consistent with the experimental evidence that B2 is paramagnetic and C2 is diamagnetic. Molecular orbital diagram B would yield a diamagnetic B2 and a paramagnetic C2 molecules.  The molecular orbital model shows that O2 has a bond order = 2, that is a double bond - sigma and pi bonds.  It also shows that the O2 contains two unpaired electrons in *2p orbitals, which is consistent with the paramagnetic property of the O2 molecule.  

The electron configuration for O2 is written as:


(1s)2 (*1s)2 (2s)2 (*2s)2 (2p)2 (2p)4 (*2p)2 

     or


KK (2s)2 (*2s)2 (2p )2 (2p)4 (*2p)2
Both Be2 and Ne2 molecules have bond orders = 0, which that they cannot form stable molecules. Species with odd number electrons, such as NO, H2+, He2+, and O2+ have bond order in multiples of ½. While He2 molecule cannot exist, the molecular ion He2+ can be formed.  

9.4 Molecular Orbital Diagram for Heteronuclear Diatomic Molecules


For heteronuclear molecules containing same period atoms, such as BeO, CO, NO, etc., their molecular orbital energy diagrams are similar to that of the homonuclear molecules. The combination of atomic orbitals occurs only between atomic orbitals of similar or comparable potential energy. Orbitals with very different potential energy do not combine.  For example, orbital 1s of nitrogen cannot combine with 2s of oxygen, and the 2s orbital of nitrogen do not combine with any of the 2p orbitals of oxygen, and vice versa. 
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Molecular orbital energy diagram for NO and HF molecules

In molecules containing atoms with different electronegativity, such as CO and NO, the potential energy of bonding MO is closer to that of the atomic orbitals of oxygen (which is more electronegative), while the antibonding MO is closer to that of the atomic orbitals of carbon and nitrogen (less electronegative than oxygen), as depicted in the diagram above.

In diatomic molecules such as HF, the combination of atomic orbitals involves the 1s-orbital of hydrogen and a 2p-orbital of fluorine that is singly occupied.  Other orbitals in fluorine are not involved. Because of the high effective nuclear charge in the fluorine atom, its 2p energy level is lower than the 1s of hydrogen. The hydrogen's 1s orbital cannot combine with the 1s or 2s of fluorine because of the large differences in energy. The energy level of bonding molecular orbital in HF is closer to the 2p of fluorine, while the antibonding molecular orbital is closer to the 1s of hydrogen.    

Exercise-3:

1.
Draw the molecular orbital energy diagrams for the following species and determine the bond orders and magnetic properties:








   CN-, NO+, and O22- 

2.
Show that the species CO and CN- are both diamagnetic and have the same bond order.

3.
Base on molecular orbital diagrams, predict whether an ion NO- is paramagnetic or diamagnetic?

___________________________________________________________________________

9.5  Localized and Delocalized Valence Electrons

In molecules where resonance structures do not exist, the valence electrons are said to be localized - they do not move beyond the bonding region between the two nuclei.  However, in molecules or polyatomic ions that have resonance structures, the pi-electrons move between three or more atoms over which the pi-bonds resonate. These pi-electrons are said to be delocalized. For example, pi electrons in benzene, butadiene, and polyatomic ions such as CO32-, NO3-, etc, are delocalized.  

Resonance structures for O3, NO3-, and benzene (C6H6) are shown below:
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___________________________________________________________________________

The Band Theory and Bonding in Metals

The band theory is an extension of the molecular orbital model, where a band is a group of closely spaced molecular orbital energy levels that resulted from the combination of "gazillions" atomic orbitals. This theory explains properties such as the conductivity of metals.

For example, in sodium metal we can consider that all of 3s energy levels of a large number of sodium atoms combine to form a valence band, called the 3s-band. Since this valence band is only partially occupied, all 3s electrons in this band are delocalized (moving freely) over the entire piece of metal. Thus, the 3s-band (which is the valence band) in sodium is also the conduction band, which allows electrons to move when a voltage gradient is applied.

In magnesium, the 3s-band (the valence band) is completely filled; it does not allow electrons to move freely within this band. However, the 3s-band overlaps 3p-bands (which are empty). This permits electrons from the 3s-band to “hop” into the 3p-bands and become delocalized. Both bands now become the conduction bands. The concept of delocalized electrons explains the electrical conductivity of metals.  It is also consistent with the "sea of electrons" model, which explains why metals are malleable and ductile.

In nonconducting materials, valence bands are completely filled and the valence electrons are localized. In addition, a large energy gap exists between the completely filled valence band and the next empty band. This large energy gap does not allow electrons to jump from the filled to the empty bands and become delocalized. 

(Explain why diamond cannot conduct electricity, but graphite can? Both are allotropes of carbon.)

In semi-conductors, the energy gap between the highest filled band and the lowest empty band is small.  Even at room temperature, there is sufficient energy for electrons to jump from the filled band to the empty band, leaving “positive holes” inside the valence band, which permits electrons to “hop” from one “hole” to the next and become delocalized. This enables the material to conduct electricity at elevated temperatures.  
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Explain why the conductivity of metals decreases as temperature increases, whereas the conductivity of semi-metals (metalloids) increases as temperature increases.

Exercise-4:

1.
Draw the Lewis structure of ClF3. Predict the molecular shape of ClF3 based on VSEPR model. What type of hybridization occurs in this molecule? Predict the F-Cl-F bond angles in ClF3. Explain why the actual bond angle is less than predicted.
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