Chapter 5—Bonding Modelsin Inorganic Chemistry: 2 The Covalent Bond

L ewis Structures

Read this section asareview. It isassumed that you remember this. (pp 138-9)
Valance Bond (VB) Theory

VB theory begins with the assumption that the atomic orbitals of two bound atoms overlap to
form abond. Mathematically, atomic orbitals overlap by multiplying the wave functions.

Thusfor Hy: wha = wa@)We(2)

where yp q refersto thefirst hydrogen atom (A) and its electron (1), and
where yg ) refersto the second hydrogen atom (B) and its electron (2).

This is simple enough, but turns out to be very inaccurate because it’s too simplistic. For this
reason, modifications to correct for inaccuracies in this equation are added. For example, theinitia
equation includes the assumption that each electron remains completely associated with the nucleus
towhichitwasinitially assigned. Infact, thereisno reason why the el ectrons cannot switch positions.
i.e. An dectron exactly half-way between the nuclei doesn’t remember to which nucleus it was
originaly associated and is equaly likely to go to either nucleus. Likewise, while energeticaly
unfavorable, there is no reason why both e ectrons cannot be on the same nucleus for brief periods.
The result can be thought of as anionic correction (i.e. H* H”). Including these corrections into the
eguation yields:
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where A <<|
A third correction allows for the el ectrons shielding each other. These corrections yield about 85%
of the experimental energy and come within 0.008 A of the experimental bond length. Other, more
involved corrections, provide more accurate predictions. The best wave function to date has over 100
terms and is accurate to within 0.002%. It's worth noting that, unlike the sum you’ ve been shown
here, not all of those one hundred terms have physically explainable meanings.

Resonance occurs when more than one energetically reasonable structure can be drawn for a

molecule. There are two possible types of resonance structures. One takes charge separation into



account. For example, for the HCl molecule there will be a significant ionic contribution from

H*Cl-. Therewill also beavery small contribution by H-Cl+. Mathematically thisis expressed as

V= aYeo bW H O+ Wherea>b>>c.
The second resonance typeismore familiar. The book uses a classic example, the carbonateion.

Here three equivalent structures can be drawn.
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where d = e = f Since the structures are equivalent

vy =dy, +ey, + iy,
Here the double bond is delocalized over 4 atoms. In the case of carbonate all three structures

are equivalent so each contributes equally to the actua structure. As we will see next, this is not

necessarily so. When structures contribute different amounts, the relative contributions must be

determined.
Generd rulesto yield resonance structures include:
1) The number of bonds should be maximized consistent with other structure drawing rules. (e.g.

no pentavaent carbons)

2) The atoms must always occupy the same relative positions.
3) Formal charges on atoms should be minimized and should be placed reasonably according to

atom electronegativities. (e.g. negative charges on more el ectronegative atoms).
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Opposite charges should reside as close to each other as possible.

4) The number of unpaired electrons should be the same (usually zero).

Formal Charges
These are charges assigned to covaently bound atoms as if each atom possessed half of the

dectronsin the bonds it makes.



Q=Nag - Ny pe-¥Ngpe N = number of atomic electrons
N, pe = number of lone pair electrons
Ngpe = number of bonding pair electrons

Examplee CH; Qc=4-0-%(4x2)=0
Qu=1-0-%(1x2)=0
Remember that forma charges are just that: a formality, they should not be taken literaly.
Formal charges redlly tell us something about the charge distribution within a molecule. Typicaly,
you can do this by simply looking at electronegativities, but that doesn’'t alwayswork. For example,
the formal charges on carbon monoxide are reversed from the electronegativities (p. 148) resulting in
a nearly non-polar molecule. Thus, if the formal charges are reversed (based on electronegativity)
bond polarity will be reduced. Conversdly, if they align as expected the bond will be more polar than
expected. Nonetheless, whileforma charges may provide you information about where nucleophilic
or electrophilic attack may occur, these sites should not be viewed asionic. On p. 148 the book
shows away to caculate formal chargesthat isinteresting, but not required.
Hybridization
Thisisacentra feature of VB theory. We will first address how, then why.
Hybridization can be viewed as athree step process.
i) Promote paired electronsinto its own atomic orbital
ii) Randomizethe spins
iii) Mix the orbitals

Pictorialy for carbon:
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But why doesthis occur or, more specifically, why isit energetically favorable? First look at the

shape of the hybrid on p. 150. It isformed by adding the wave functions of an sand a p orbital (to



yield an sp hybrid).
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Where the signs of the wave functions are the same, the waves add (constructive interference)
and alarge lobe is created. Where the signs are opposite they cancel (destructive interference) and a
small lobe is generated. The resulting hybrid has a huge lobe for overlap and consequently larger
bond energies are obtained. An interesting feature of these orbitals is their shape (p. 150). Asyou
can see, they are blunter than p orbitals, which also provides for their improved overlap. See Table
5-3onp. 153: hybrid-H bonds410-500 kJ/mol vs. p-H at 335 kJ/mol. The extent of overlap decreases

according to the series: sp > sp2> sp3>> p, dueto shape. There are 6 sets of hybrid orbitals.

0 - linear (2) sp°d — square planar (4)
502 - trigonal (3) sp°d - trigond bipyriamida (5)
sp° - tetrahedral (4) sp°d? - octahedral (6)

All except sp°d yield a set of equivalent orbitals, sp3d can be thought of as a combination of 3
sp2 and 2 dp hybrids. Of these, sp?d is probably new to you because it is often not taught in freshman
chemistry. Finaly, like atomic orbital subshells, overlaying al of the orbitals of a given hybrid set
generates a spherical distribution of electron density. (The Orbitron is an award winning website at
the University of Sheffield that can help visualize many of these concepts.)

Read the rest of this section on your own.

Molecular Orbital (MO) Theory

There is amgor conceptua difference between VB and MO theory. In VB theory we talk of
overlapping orbitals to form a bond and this seems to be intuitively reasonable. In contrast, while
MO theory uses the atomic orbitals of its constituent atoms, the product MOs are thought of as
completely new entities, although the M Osfrequently resembletheatomic orbitals. Thisisreasonable
since core eectrons are not involved in bonding and even vaence electrons are not going to be

completely separated from the parent atomic orbital. One thing to remember is that each atomic
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orbital will giveriseto oneMO. The Orbitron website has nice images of both atomic and molecular
orbitals. Itislinked on the 448 webpage aswell as here.

There are many methods of generating MOs and the one we will use is linear combinations of

atomic orbitals. We will use H, as an example with v, and yg representing the electrons on the
respective hydrogen atoms. There are two possible linear combinations
Vp=Wa + Vg (wp, = bonding MO, sum is a constructive interaction)
Wa=VYa - Vg (w, = antibonding MO, difference is adestructive interaction)
For Hy* (1 electronsystem)  wiyp = yp = ya + yg
For H; (2 electron system) W2 = Wp? = (Wa + ¥p)?
SVa@VYA@E T Ya@VBR T VA@VYBWQ T VBQ)VBEQ)
Note how similar thisisto the VB equation. Here the ionic contribution isweighted too heavily, but
this can be corrected for.

ya and yg can be represented pictorialy (p.155) by:
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At the center points the values of 2 can be easily calculated:
(WA +WB)> = WaZ + 2ypyp +yp2 =4y, (since yu = yg for Hy)
(Wa - WB)?=Wa2- 2ypyg + g2 =0
Molecular orbitals may be divided into three categories:
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bonding MOs - the signs of the interacting wave functions are the same, the interaction is a net
attraction.

antibonding MOs - the signs of interacting wave functions are opposed, so the interaction is

repulsive. That is, the atoms are pushed apart. Thisis because electron
density isforced from between the nuclel and the nuclear charges are not
screened from each other.

nonbonding MOs - occurs for lone pairs and when half of interacting wave functions have the

same sign and half are opposed (e.g. ® ® — vs. @ —-). If thesgns of the
end functions are fixed and opposed the middle is irrelevant. Nonbonding
IS no net interaction or overlap.

Skip normalization through end of section (pp. 156-157 (top)).

Symmetry and Overlap - Read on your own.

Symmetry of MOs

Sigma (o) bonds possess no nodes that include theinternuclear axis. Pi () bonds possess 1 node
that includestheinternuclear axis. Delta(d) bonds possess 2 nodes that include the internuclear axis.
Antibonding orbitals are designated with an asterisk *. Note the symmetry of the MO isthe same as
the atomic orbital of analogous designation: i.e. o ~s=gerade, 7~ p = ungerade.

M Osin Homonuclear Diatomics

These are the smplest molecules and will be discussed before heteronuclear diatomic molecules
and polyatomic molecules.

There are two criteriafor formation of abond:

1) There must be net positive interaction between the orbitals of interacting atoms. (i.e. the
signs of the wave functions must be the same)

2) Theorbitalsmust haveroughly equal energies. (i.e. 1sinteractswith 1s, 2swith 2s, 2p with
2p, etc.) Weshall soon seethat if necessary, any two valence atomic orbitalswith the proper
symmetry will combine. Generally speaking, as the energy difference between the atomic

orbitals that form a bond increases (e.g. 191s vs. 19/2s), the bond energy decreases. For



example, H-F — H-1 is570, 432, 366, 298 kJ/mol.
A bonding interaction isexpressed as. G15= Wip T Wig OF G15= 1Sy + 1S
where A & B are labels used to designate the atoms of a homonuclear diatomic molecule

An antibonding interaction isexpressed as. 615 = Wqa - Wi OF G1* = 1Sy - 15

These expressions are very smilar in presentation to those in H, and are identical
mathematically. Thelevel of bonding interaction between 2 atomsis described by bond order, which
issimilar to the number of bondsin amolecule.

B.O. = 1/2 (number of bonding electrons - number of antibonding el ectrons)

Examples of some diatomic moleculesinclude:

H,: 612 B.O.=%42-0)=1
Hey: 612 615*2 B.O.=%(2-2)=0  This“molecule’ does not exist.
By KK 022 Gps*2 mp2 B.O.=%4-2)=1
Cy KK 052 5562 B.O.=Y46-2) =2
Np: KK 6,58 66" 2 6952 T B.O.=%(8-2)=3

0,1 KK 6262 6552 002 Mot mpp*2  B.O.=%48-4) =2

There are severd points worthy of note.

1) Fractional bond orders are possible. eg. Li,*: 0,2 051 B.O.=%2(2-1) =% Thision
actually exists with a longer bond length than Li,. Vaence bond theory does not have any
formal way of dealing with fractional bonds.

2) Y ouwould expect the B, molecule would begin by filling ac,, before the my, but the reverse
isobserved. Thisis because the energy gap between 2s and 2p is not large, and for the o5,
bond the 2s can mix in. This has the effect of raising the energy of the o,,, orbital. Note on
Fig. 5.13 (p. 165) mixing with the ¢*, also occurs.

3) Whenfilling MOsthe same rules apply asfor atomic orbitals. Thus, for apair of orbitals, the

first electron goes in either orbital, the second in the other orbital. This suggeststhat C, and

O, should be paramagnetic, which is experimental ly observed.



Bond L engths and | onization Energies

As was mentioned for Li,, experimental evidence for the MO model of molecules comes from
bond lengths. lonization energy also provides further supporting evidence.

An example from the book:

B.O. Bond Length

O,* 2.5 112 pm
0O, 2 121 pm
Oy 15 126 pm
O,z 1 149 pm

The book shows you that the ionization energy of NO (894 kJ/mol) is much smaller than that of
either anisolated nitrogen atom (1402 kJ/mol) or an oxygen atom (1314 kJmol). Onfirst consideration,
one would expect the ionization energy of NO to be dightly less than average of these values. Thisis
because the ionization of an electron from the mol ecule would spread the charge over two centers. The
ionization energies of the component atoms are comparable, so the charge would be shared roughly
equally and, so, theionization of the molecule would be alittle lower than the average of theionization
energies. Yetitisabout 35% less. Why? Theelectron istaken out of ahigh energy antibonding orbital.
(An aside, based on eectronegativities, one would expect oxygen to have a higher ionization energy
than nitrogen. Why are the values reversed?)

Electron Dendty in Li, - F,: Read this section on your own

MOsin Heteronuclear Diatomic M olecules

The most important difference between heteronuclear and homonuclear diatomic moleculesis
that the bonding atomsin the former have different el ectron affinities and ionization energies. Hence,
they have differing tendencies to gain or lose el ectrons.

The component atomsin homonuclear diatomic molecules are the same so their IEsand EAs are
theidentical. A result isthe equal sharing of eectron density. In heteronuclear bonds the electron

density is shared unequally and is measured in terms of el ectronegativity. Greater electronegativity

isagreater tendency for an atom to attract electrons from an atom to which it is bound.



Thisis represented in equation form by

Yp=aya t byg and Ya=bya -ayp
where a= b in ahomonuclear diatomic molecule and b > aif B ismore electronegative than A. Note
that atom B contributes more to the bonding MO than A, but the converse is true for the antibonding
MO. Theresult isthat the greater the difference in electronegativity between two atoms, the more
the product MO will be like the parent atomic orbital of the more electronegative atom. (Thelogicd
extremeisa=0and b =1inahypothetical purely ionic bond.)

This last point relates the relative covalency/ionicity of abond to MO theory. If a= b the bond
is completely covalent. Asthe difference increases, ionicity increases. At small differences a bond
ispolar covalent, at large differencesabond isionic.

This can be seen pictorialy asfollows:

,’/ G* \\\ L G* \\\ -7 G* \
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A &G " B A ﬂ"c B A &G © B
pure covalent polar covalent ionic
a=b b>a b>>a

It is worth noting that, on the one hand, there isno “magic” value of a/b that leads a bond to be
thought of asionic vs. covalent, but on the other thereisarelatively narrow range of vauesthat would
indicate the trangition from polar covaent to ionic bonding. Similarly, many bonds that are
empirically treated as nonpolar are actually minimally polar because “a’ does not exactly equa “b.”
One more thing needs to be considered. What about orbitals not used in bonding? These orbitals,
particularly if they arein aregion of space away from bonding, remain largely unchanged. Theseare
one of thetwo major types of nonbonding orbitalsand correspond to lone pairsin valence bond theory.

Molecular Orbitalsin Triatomic M olecules and | ons

WEe'll use the two triatomic species used by the book: BeH, and NOz*.

The vaence shell of beryllium consists of the 2s and 2p orbitals. Recall from earlier that their
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energiesare similar. Thus, if conditions are right both may be involved in bonding.

First, assume alinear geometry (it's least crowded) with H-Be-H aong the z-axis. Then p, and
p, cannot participate in bonding because they are perpendicular to the bonding axis (and s orbitals
can't t-bond).

There are two approachesto how the MOs can be constructed. Oneisan intuitive method which
you would probably use at this point. That is, select an orbital on beryllium and match it with an
appropriate hydrogen orbital. This turns out to be quite difficult with larger molecules and is not
generally used.

A second approach isto treat all atoms bound to the central atom asagroup. The differencewill
seem trivial for BeH,, however it is necessary for large molecules. In this approach, the hydrogens
can be in-phase (yy; + wyy) or out-of-phase (w1 - Who). The in-phase combination interacts
congtructively with 2s. The out-of-phase with 2p. Antibonding orbitals are obtained by reversing the

signs on the hydrogen atoms.

Thus:  yg= ayost byhy + wip)
Yu = Cyzpt d(Wh1 - W)
Vg = byos- Ay + yho)
Yy = Ay - (Wt - Who)

The NO,™ ion contains 2 types of bonding: ¢ and n. The sigmabondswill requirethesand 1 p
orbital on the nitrogen. Since the nitrogen will have alone pair, asecond p orbital is needed. The net
effect isaset of orbitalswhich is essentialy equivalent to sp2.

The r system can betreated similarly to the o systemin BeH,. That is, the oxygen p-orbitals can

be treated asagroup: yo; *Woz OF Yor- Vo2

yp =ayy + b(yor + Zo%) 8—8—8 Wp =byy -y + Vo) 8;%;8

The third orbital is a little different because the same result is obtained whether yn is added or

subtracted.
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Yn=Wn* (Vo1 - Yoo Yn=Wn - (Vo1 - Yoo) Yn=Vo1- Yoz
(or w,=wo1 - Wop = N asyour book putsit.)
This is the second type of nonbonding orbital. Skip the symmetry discussion from the middle of p.
178 - 182 (top).

Electr onegativity

Thisisthe ability of an atom in amoleculeto attract electron density to itself. The Pauling scale
isby far and away the most common scale and for genera purposes works as well as the others. On
page 187-190 five different scales are shown. The Pauling scale is based on a comparison of the bond
energy of an A-B bond vs. the average of A-A and B-B bond energies.

Mulliken — Jaffe Electronegativity Scae

This method has the advantage of taking into account the number of things bound the atom (i.e.
oxidation state) and which orbitalsareinvolved in bonding. Thevauesarerelatively easy to calculate.
v =YAIE + EA)
Therefore, the scale is based both on how well on atom adds an eectron and how well it holds
onto its own electrons. Read through the end of paragraph 2 on p. 185, then skip through the text on
p. 191.

Variationsin Electr onegativity

Asyou can seein Table 5.6 the electronegativity of an atom depends on its hybidization. Why?
A relatively smpleway to address this question involves examining hydrocarbon reactivity. The pK,
of CH, isabout 60. For ethylene pK 4 = 44, and acetylene pK, = 25. Since carbon and hydrogen have
similar electronegativities, this property cannot give rise to the acidity difference.

Go back to Table 5.6. Look at the various hybrids and you will see that as s orbital character
increases, so does electronegativity. The reason is the same as for the acidity difference. First, one
will have to know what they have in common:

EN: As s character increases, the atom is better able to remove eectron density from a
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neighboring atom.
acidity: Asscharacter increases, the carbon is better able to stabilize a product negative charge
or better it causes alarger charge separation (polarization in the C-H bond).

The s orbital causes this because it penetrates closer to the nucleus than do p orbitals. Thus,
electronsin s orbitals experience greater nuclear attraction.

Read the rest of this section on own.
Pauling's Electr onegativity — Read this section on your own.
Other Methods of Estimating Electr onegativity — Skip from here to the end of the chapter.
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