
 56 

First ionization Energy plot  
(Energy versus atomic number)  

The first ionization energy is the energy required 
to remove one mole of the most loosely held 
electrons from one mole of gaseous atoms to 
produce 1 mole of gaseous ions each with a charge 
of 1+. This is more easily seen in symbol terms. It is 
the energy needed to carry out this change per 
mole of X 
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The first ionization energy of the elements in the first five 
periods 

 are plotted against their atomic number 
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Note that 1 eV/atom = 96.521 kJ/mol 
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Ionization Energies 
 

1st I.E.      2nd I.E. 
 

     
 
The second ionization energy is almost ten times 
that of the first because the number of electrons 
causing repulsions is reduced. It doesn't take much 
energy to remove one electron from a sodium 
atom to form an Na+ ion with a filled-shell electron 
configuration. ... The second ionization energy is 
larger than the first because it always takes more 
energy to remove an electron from a positively 
charged ion than from a neutral atom. 
 

p3→p4 
+ 

+ 
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Overall trend of increasing I.E. from left to 
right is evident, but major exceptions in the 
second I.E. 
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Atomic Radii 

 
1. Single – bond covalent radius (rcov) 

of an element. Used in bond length 
determination. 
 

2. van der waals radius (rvdw) 
non-bonded distance of two atoms that are 
touching one another. 
 

3. ionic radius (rion) 
Radius used in ionic compounds  
these have been tabulated and are additive. 
 
 

                  Page 61, Table 2-15 
 
      Na+  1.16 Å          Cl-  1.67 Å   
              (116 pm)            (167 pm) 
  
Therefore NaCl internuclear separation 
is 2.83 Å 
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Atomic Radii & van der Waals radii 

 
1. Alkali metals are largest 
 
2. Halogens (noble gases) are smallest  

Why? 
 

(page 62. Effective nuclear charge 
increases but electrons in the orbitals are 
added to the same level, n, and are 
progressively less shielded from the 
increasing positive charge of the nucleus 
from each added proton) 

 
Ionic Radii 

 
1. Alkali metals become positively charged 

(lose e-’s) so they are smallest. 
 
2. Halogens become negatively charged 

(gain e-’s) so they are largest. 
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Electron Affinities 
(Electron Attachment Enthalpies) 

 
 ∆ Hea 
 Tendency of an atom to form an anion 
 
 -∆Hea  

Means exothermic so the more negative the 
number, the more favorable 
 
1. Alkali metals have mostly positive 

(endothermic) ∆Hea, but most positive are 
Be, Mg, Ca (alkaline earths) 
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Going from ns2 to ns2np1 or ns2(n-1)d1 
is not favorable! 
 
Closed shell is favorable. 
 

2. The most negative ∆Hea values are for the 
halogens which have a great tendency to 
achieve the noble gas configuration 

 
np5 -+ e  np6 
F → F- 
Cl → Cl- 
 

Electronegativites 
  

Empirical measure of the tendency of an 
atom in a molecule to attract the electrons in 
a bond. 

 Called χ (chi). 
It is not the same as ∆Hea, although they are 
related 
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Electron Affinity Plot 
Note that the noble gases, alkali metals and alkali earth metals have 
E.A. close to zero - indicating that these groups of elements do not 
particularly like to become anions. However, the nonmetals and 
especially the halogens are highly negative and thus readily become 
anions. A periodic trend is evident, as was the case for the ionization 
energy. This periodic trend can be understood as a reflection of the 
underlying periodicity in the electronic configuration of the 
elements. 
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Q: How would you explain why the electron 
affinity of nitrogen is lower (less negative) than 
those of both carbon and oxygen? 
 
A few important aspects about the sign used to express 
electron affinities are: 
Electron affinity is directly related to change in energy by 
the equation   EA =−ΔE 
This means that if energy is released when an electron 
is added to the atom, i.e. ΔE is negative, the electron 
affinity will be positive. 
Likewise, if energy is required to add an electron to an 
atom, i.e. ΔE is positive, then electron affinity will be 
negative. 
---------------------------------------------------------------------------------- 
The key to why the electron affinity of nitrogen is 
actually negative lies with two factors 
• effective nuclear charge 
• electron configuration 
electron affinity tells you how much energy is released 
(hence the negative sign) when one mole of electrons is 
added to one mole of atoms in the gaseous state. 
X+e−→X−+ released energy 
 
Now, for elements in the same period, atomic size decreases as 
you move from left to right. This happens because effective 
nuclear charge, which is a measure of the net positive charge felt 
by the electrons, increases. This implies that the atomic size of 
carbon will be a little bigger than that of nitrogen, which in turn 
will be a little bigger than that of oxygen. 
In essence, electron affinity tells you how "badly" an atom wants 
an incoming electron. 
It goes without saying that the higher the effective nuclear 
charge, the more attracted to the nucleus an incoming electron 
will be, and the more negative the electron affinity of the atom 
will be. 
Q: Now, what happens when you require energy to add 
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an electron to an atom? 
Y + e−+ needed energy→Y − 
In this case, electron affinity will be positive, but the 
value listed will be negative. 
electron configurations of carbon, nitrogen, and oxygen 

 
Point 1: In the case of carbon, an incoming electron 
would be added to the empty 2pz orbital. This means 
that it will encounter no repulsion from other electrons, 
since the orbital is empty. 
 
Point 2: For nitrogen, an incoming electron will be 
added to a p orbital that already contains an 
electron.This means that the incoming electron will 
experience significant repulsion compared with when it's 
added to an empty orbital. As a result, you need 
energy to add an electron to nitrogen.  
Point 3: So why isn't this the case for oxygen, since an 
incoming electron also would be added to an orbital that 
already contains an electron? 
Because the effective nuclear charge overpowers this 
repulsion, and energy is being released when an 
electron is being added to oxygen, hence the electron 
affinity will be positive. 
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Chapter 3 Structure and Bonding in Molecules 
 

• Our current understanding of bonding is 
quite high due to the use of X-ray 
crystallography and spectroscopy.  We can 
make detailed predictions and comparisons 
based on a large database of experimental 
evidence. 

 
• In the absence of detailed data 

 
→ Models 
 
Many different levels of Bonding Theories 
exist 
 

 
Imagine two rubber balls separated by a large distance. Both objects are 
far enough apart that they are not interacting. The two balls can be 
brought closer together with minimal energy, allowing interaction. The 
balls can continuously be brought closer together until they are touching. 
At this point, it becomes difficult to further decrease the distance between 
the two balls. In order to bring the balls any closer together, increasing 
amounts of energy must be added. This is because eventually, as the balls 
begin to invade each other’s space, they repel each other; the force of 
repulsion is far greater than the force of attraction. 
 
This scenario is similar to that which takes place in neutral atoms and 
molecules and is often described by the Lennard-Jones potential. 
 

 



 72 

 
Proposed by Sir John Edward Lennard-Jones, the Lennard-Jones potential 
describes the potential energy of interaction between two non-bonding 
atoms or molecules based on their distance of separation. The potential 
equation accounts for the difference between attractive forces (dipole-
dipole, dipole-induced dipole, and London interactions) and repulsive 
forces. 
The Lennard-Jones model consists of two 'parts'; a steep repulsive term, 
and smoother attractive term, representing the London dispersion forces. 
Apart from being an important model in itself, the Lennard-Jones potential 
frequently forms one of 'building blocks' of many force fields. 
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Two Main Types: 
 

• Localized bonding Theories 
• Delocalized Bonding Theories 
 
 
Chapter 2 – Electronic Structure – and 
orbitals are very important to bear in mind for 
the models. 
 

Electrons → orbitals → bonds 
 

Three types of Bonding: 
 
1. Covalent (two-center) bonding between 

pairs of electrons (localized) 
 
2. Delocalized covalent bonding (multicenter 

bonding) 
 
3. Ionic Bonding 
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In this section, localized and delocalized 
covalent bonding will be discussed.  Ionic 
Bonding is really a separate subject, as it 
treats the bond as a purely electrostatic 
attraction. 
 
Important Point while you are studying the 
subject of covalent bonding: 
  
There are three theories that are presented 
together as inter-related topics 
 
1. Lewis Dot structures (electron –pairs) 
 
2. VSEPR Theory: valence shell electron pair 

repulsion theory 
 
3. Hybridization 
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1. Lewis Concept - Localized Electron 
Pairs 

 
 G. N. Lewis  described Bonding as a sharing of 
electrons 
      Bonding Pairs 
  A : B 

 Pairs of electrons between two 
atoms lead to a covalent bond 

  
→ localized between two atoms 
 

Lone Pairs 
 : A : B 
 
A lone pair is localized on one atom here 
 
Electronic Structure based on this model is 
the sum of all the bonding pairs and lone 
pairs. 
 
We use a Lewis Diagram to represent this  
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Lewis Diagrams 
 

• Use only valence electrons 
• Electrons are either involved in a two 

electron bond or they are localized as a 
lone pair (or lone electrons) 

• Bear in mind that the simplest, most 
symmetrical structure is typically 
correct 

• The central atom is typically: 
o A metal or least electronegative 
o Odd atom in the formula 
o Never hydrogen 

• Atoms usually need to achieve a full octet 
if they are in the 1st and 2nd periods 
(exceptions are B, Be, Al) 

• Atoms beyond 2nd row, atom can acquire 
more than an octet. 

            →  valence shell expansion 
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A. Octet Systems 

1. Saturated Systems – Single bonds only 
 

 
 
 C 4e-  O 6e-  Valence 
 N 5e-  F 7e-  electron 
 H 1e-     counts   

Same as 
group in 
Periodic 
Table 
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         Lewis dot symbols for selected elements 
 
2.  Unsaturated – multiple bonds are required 

for atoms to achieve a full octet. 
e.g., NO3

-, SO2 
 
NO3

-  N 5 electrons  5 
   O 6 electrons x 3 18 
   1  extra electron 1 
      24 electrons 
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  SO2   S 6 electrons  6 
     O 6 electrons x 2 12 
          18 e- 
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Q. What about CO2? 
 
 C 4 electrons   4 
 O 6 electrons x 2 12 
      16 e- 
 
A.  

  



B. Electron  Deficient (less than an octet) 
 

e.g. BeH2  H-Be-H 
 

      Be does not need an octet 
  Total of 4 valence electrons 
 
Not the same as unsaturated systems that achieve the 
8e- (octet) through the formation of multiple bonds. 
 

C. Electron Rich (greater than an octet) 
Valence shell expansion occurs with elements 
beyond the 2nd row 
          s, p, d levels are all available 

 
   2e-     6e- 10e- →  total of 18e- possible 
 
e.g., transition metals have expanded electron counts, 
typically 18e- 
 

referred to as valence shell expansion 
 

  PCl5  P 5e-          5e- 
     Cl 7e- x 5 =  35e- 
               40e- 

 



 

 

 
 
 
 



 
Q.  What about transition metals? 
 
A. They tend to exhibit 18e- valence shells (full s, p, d 

levels). They form bonds to lone pairs of 
molecules (called ligands) until they reach the 18e- 
configuration. 

 
Ex. Ni2+ compounds 
Ni has 10 valence electrons  - it needs 4 bonds to 
reach 18 valence electrons. 
 
- Ni(CO)4 is a compound that illustrates this point. 

 
CO valence electrons         4+6 = 10e- 
 
 :C ≡ O:   Lewis structure is this one 
(unsaturated)               to allow for an octet 
 

CO can then act as a ligand with the lone pair of C 
bonding to the Ni atom.* 
 



 
 

* :C ≡ O: 
 The C lone pair is more basic (donating) than the O 
lone pair 
 
 
The ligand, :C ≡ O:, is considered to be a Lewis base 
(electron –pair donor) and the metal, Ni, is the Lewis 
acid (electron – pair acceptor). 
 
The bonds formed in this way are coordinate covalent 
bonds. 
 
→  The ligand supplies both electrons of the  
       metal – ligand bond. 
 



 
   [Co(NH3)6]3+ 

  

 

 



 
 

Q. How did we justify the concept of resonance? 
 
A. Experimental evidence says that all the bonds are 

the same length in these molecules.  
→ more of a delocalization model. 

 
 

Summary of Resonance Hybrids 
 

 
 

(a.) None of these “canonical forms” is an actual 
representation of the real structure.  These 
structures don’t really exist, but their average 
corresponds to the real structure. 

(b.) Experiment shows that all bonds A-B are equal in 
length so theory and experiment correlate. 

(c.) The average “hybrid” structure has a lower energy 
than any of the contributing structures. 

 



 
             A special case of resonance  
        is covalent ↔ ionic resonance 
 
  A-B  ↔   A:- B+ 
     Covalent         ionic 
 
- A is more electronegative than B 
- A-B bond enthalpy is a combination of the two 
contributing structures. 

 
Consequently 
 
A-B ∆HA-B (bond energy) is greater than the average 
of ∆HA-A  & ∆HB-B due to the ionic contribution. 
 
In the end, however, Lewis structures are not 
enough to describe localized bonding in molecules. 
 

 
Q. Besides Lewis structures, what other localized 

bond theories do we need? 
 
A. VSEPR and Hybridization 
 
 

 



 
Q. Why do we need to go further than the concept of 

Lewis? 
 
A. Because there are numerous issues that Lewis 

structures do not address such as: 
(a). How is the electron – pair bond shared? 
 
(b). Which orbitals are involved in the bonding? 
 
(c). What geometry should one assign to the  
       molecule? (bonds, angles?) 
 
(d). Why does sharing electrons lead to stability   
       for a molecule? 
 
 

    IN LOCALIZED BONDING THEORY, WE USE     
    EITHER VSEPR OR HYBRIDIZATION TO  
    ANSWER THESE QUESTIONS. 
 

 



 
 
 
 
 
 
 
 
 
 
 



 
2. Hybridzation Thoery or Model      
    For this, we need the concept of valence state 
   

Ex:  H-Be-H   X – Be – X 
             X = halogen 
 
How does one explain the linear shape? 
 
(a.) Be 1s22s2 

- 2s2 is the valence shell 
If we promote an e- to the 2p level it is now 
possible to pair the two unpaired electrons with 
those of incoming group H or X (halide)                

- 2s12p1 valence state requires 323 kJ/mol 
(this doesn’t explain the shape, only how it 
happens) 
 

(b.) Hybridization occurs between the s and p 
orbitals 

2s+2pz   2s-2pz 
 



 
 



 
 

 
 

Main Point about Hybrid Orbitals 
 

- They have a huge lobe pointed in a particular 
direction that can overlap strongly with an atom 
along that direction. 

- Calculations show that the extent of overlap 
obtained of the hybrid orbitals of H-Be-H (sp) is 
much greater than it would be with pure s and p 
orbitals on Be 

-  



 
sp2 Hybridization 

 

 
 
B 1s22s22p1  is the starting, standard electron config. 
B tends to form BX3 if the bonding configuration is 
1s22s12p2, this allows for three decoupled spins, 2s12p2, 
to form three bonds with H·, X· 



 
 



 
 
 
 



C  1s22s22p2 

For hybridization: 
            1s22s12p3 
 4 uncoupled spins  
     now we can hybridize these orbitals 
 
  sp3 hybridization 
 

Summary s, p Hybridization 
 
 sp  linear molecule 
 sp2  planar triangular molecule 
 sp3  tetrahedral molecule 
 
The geometries arise from maximum overlap along 
these directions (sp, sp2) and from the algebra of the 
hybridization for sp3  
(it also happens to be the maximum distance from each 
other in each case) 
 



 
 

 



 
 

 
 



Hybridization with s,p,d orbitals: 
     d orbitals become available after the second row 
 
For example 
 

 

 



 
 



What about trigonal bipyramidal versus square pyramidal. To be a little more 
specific, the d orbital which contributes to this hybrid determines the geometry. 
The dz2 orbital is concentrated in a single axial direction, so it will combine with 
the sp3 geometry to push out on that axis in both directions, and the remaining 3 
lobes are evenly distributed on the plane perpendicular to that axis. The dx2-y2 
orbital is concentrated in a plane, with lobes pointing directly in the x and y 
directions. When combined with the sp3 geometry, a single lobe from the 
tetrahedral sp3 hybrid is pointed up in the z direction, while the other 4 are 
localized in the same fashion as the dx2-y2 orbital, along the perpendicular x and 
y directions.  Which geometry is adopted depends upon a combination of steric 
and electronic factors, and isn't necessarily trivial to predict, though MO theory 
and crystal field theory can help understand which might be more favorable.



Five Main Types 
Geometries are: 
Six coordinate (octahedron) 
Five coordinate (trigonal bipyramidal tbp and square 
pyramid) 
Four coordinate (tetrahedral, square planar) 
 
 
(Note that the dx2-y2 and dz2 are chosen in particular 
cases because of standard coordinate labels – we assign 
the x and y axis to coincide with the ligands) 
 
1.  d2sp3   octahedral hybridization 
           dx2-y2, dz2, px, py, pz 
 
2.  dsp2  square planar hybridization 
           dx2-y2, s, px, py 
 
3.  sd3  tetrahedral hybridization 
           dxy, dxz, dyz, s 
 
4.  dsp3  trigonal bipyramidal hybridization 
           dz2, s, px, py, pz 
 
5.  dsp3  square pyramidal hybridization 
           



 
 dx2-y2, s, px, py, pz 
 
These hybridization schemes help to explain bonding 
and to correlate structures, albeit in a qualitative sense. 
(molecular orbital theory is used more commonly now, 
as it is possible to be quantitative) 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 



 
 
3. VSEPR Model 

Valence Shell Electron Pair Repulsion Theory 
 
Electron pairs will tend to stay as far apart as 
possible to minimize repulsions 
 
1.) Bonding Pairs B 
2.) Lone Pairs E 
3.) Central Atom A 
 
 
For A Bx

 Ey  which is the general notation 
 
X= # of B pairs  y = #of Lone Pairs 
 

4. Occupancy factor = x + y 
Total number of electron pairs 



Repulsions increase in the order: 
 
Bonding Pair – Bonding Pair 
Bonding Pair – Lone Pair 
Lone Pair – Lone Pair 
 

Q. Why? 
 
A. Bonding Pair electrons are diffused through 

orbitals of A-B 
 

ABxEy : 
 
x+y  Basic Geometry  Hybridization 
  2    Linear     sp 
  3    Triangular   sp2 
  4    Tetrahedral   sp3, sd3 
      Square planar   dsp2 
  5    Square pyramidal dsp3 
   Trigonal bypyramidal dsp3 
  6    octahedral   d2sp3 



 



 



For every basic geometry type, there are different 
ways to achieve the same occupancy factor x + y  

in the ABxEy formulae 
 

occupancy of 2: 
  
 AB2 
   x = 2 
   y = 0             linear 
  
   sp hybridized C 
      O-C-O = 180° 
 
    sp hybridized N 
        N-N-N = 180° 
 
   ABE           
      x = 1  
      y = 1            linear                                     
                                             sp C, O               
  
       sp C, N 



occupancy of 3: 
 
 AB3 
 x = 3 
 y = 0 sp2 hybridized C 
 trigonal   O-C-O = 120° 
 planar 
 
 
 AB2E 
 x = 2 
 y =1 sp2 hybridized N 
 bent    O-N-O = 115° 
 
 
occupancy of 4: 
 
 AB4 
 x = 4 
 y = 0 sp3 hybridized N 
 tetrahedral    C-N-C = 109° 



 AB3E 
 x = 3 
 y = 1    sp3 hybridized P 
 trigonal     C-P-C = 99° 
 pyramid 
 
 
 AB2E2 
 x = 2 
 y = 2 sp3 hybridized O 
 bent    H-O-H = 104° 
 
 
 ABE3 
 x = 1 presumably, sp3 

 y = 3 hybridized O, 
 linear although with lone pairs it 

is hard to know where 
they really are in space! 



occupancy of 5: 
 
 AB5 
 x = 5 
 y = 0 dsp3 hybridized P 
 trigonal    Cl-P-Cl = 120° 
 bipyramid in             plane 
 (tbp)* 
 
 
 AB4E 
 x = 4 
 y = 1 dsp3 hybridized S 
 saw-horse    F-S-F = 103° 
 
 
 AB3E2 
 x = 3 
 y = 2 dsp3 hybridized Cl 
 T-shaped 
 
 
*note that tbp is the most common AB5 basic geometry 
occupancy of 6: 

 



 
 AB6 
 x = 6 
 y = 0 d2sp3 hybridized S 
 octahedron 
 
 
 AB5E 
 x = 5 
 y = 1 d2sp3 
 square hybridized Br 
 pyramid 
 
 
 AB4E2 
 x = 4 
 y = 2 d2sp3 hybridized I 
 square 
 planar 



Summary of main types of Hybridization & 
shapes of orbitals 
 
1) sp – linear 
2) sp2 – trigonal planar 
3) sp3 

tetrahedral 
  
4) sd3 
5) dsp2 
6) dsp3 

a) dz2sp3  trigonal bipyramidal 
b) dx2-y2sp3  square pyramid 

 7)  d2sp3  octahedral 
 
Occupancies for: 
sp = 2 dsp2 = 4 
sp2 = 3 dsp3 = 5 
sp3 = 4 d2sp3 = 6 
sd3 = 4 
 

} 
Occupancy is 
how many 
orbitals you 
are using 



Main Point: 
Armed With: 

 
1) An understanding of how to draw Lewis 

structures 
 
2) How to determine occupancies of a 

molecule (bonding + lone pairs) 
 

We can use (1) and (2) to predict structures by 
both the Hybridization and the VSEPR methods 
& correlate them 
 
 
 
 
 
 
 
 
 
 
 
 



Process of applying Lewis structures  
VSEPR and Hybridization: 
 
(1) Determine the Lewis Structure Diagram 

 
(2) Determine occupancy factor x+y 

 
(3) Determine how many hybrid orbitals you 

will need (same as x+y) and choose type of 
hybridization. 
a) use only s, p orbitals for elements in 

rows 1,2 (elements below Ne which is 
#10) 

b) s,p and d orbitals are all available after 
row 2 

c) note that multiple bonds can be made 
from unhybridized orbitals 
 

(4) from the occupancy factor (x+y) determine a 
basic geometry type.  After arranging the 
Bonding Pairs and Lone Pairs, determine the 
actual geometry of the molecule. 



 
Example 1: 
 SF4 
 
(1) Lewis Structure 
A:    S       6 e- 6 e- 
B: F 7 e- x 4 = 28 e- 

    34 e- 
 
 
 
 
 
(2) AB4E 
  occupancy = 5 
 
(3) for an occupancy of 5, with d orbitals 

available we have dsp3 hybridization. 
 
 
 
 



(5) for an occupancy of 5, AB4E, one can either 
a trigonal bipyramid or square pyramidal 
 Tbp is, by far, the most common. 

 
 
so tbp is the Basic Geometry, but saw-horse 
is actual structure with the atoms 
 
 
 

angle is < 120° 
because of l.p.-b.p. 
repulsion being 
greater than b.p.-b.p. 
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