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 CHAPTER 9: BONDING 
 

Having seen how the arrangement of electrons in atoms can account for many properties 
of pure elements, our next challenge is to see how those same electron arrangements can 
account for the ways in which atoms combine to form compounds.  
 

As with all spontaneous processes, the force driving the bonding together of atoms to 
form compounds is the increasing disorder (entropy) of the universe. This may seem odd, 
because two separate things have more possible arrangements, and are therefore more 
disordered, than are two things which are bound together. So how can bonding increase 

disorder? The key is that the order caused by bonding things together can sometimes be 

more than compensated for by the disorder created as energy is released by the bonding 

process to warm up (and therefore disorder) the surroundings. This is why most people 
tend to think that 'processes that release energy' are spontaneous. While such a “giving off 
energy” criterion often leads to correct conclusions, it is not the 'real' reason why things happen 
– the real reason is the increase in disorder produced by such a release of energy! 

 
It’s probably worth repeating: Energy is released when bonds form. It requires 

energy to break bonds. You should repeat this out loud - maybe several times. You should 
think about it. You should tell your friends. You should tell your parents. You should tell your 
dog. You should keep repeating it until it becomes silly to think otherwise. WARNING: many, 
many people get this backwards. Maybe because: 

 
•Things like logs seem to release energy as they are broken down into smaller things 

(like ash + gases).  
•But the energy actually comes because the bonds that form to oxygen are 

stronger than those that break within the fuel.) 
 
•Biologists are often taught that “energy is released when ATP breaks into ADP + P”  

•But the energy actually comes because the bonds that form between the pieces 

(ADP + P) and the surrounding waters and ions are stronger than the bond that 
used to hold the P onto the ADP. 

 
•It seems to take energy to “bond” things (like lumber) together to make things (like 

houses).  
•But “nailing two boards together” is not at all the same thing as two atoms 

bonding together. 
 

Remember: IT REQUIRES ENERGY TO BREAK BONDS.  

THINK OF BONDS AS HANDCUFFS - IT TAKES ENERGY TO BREAK THEM. 
   

 

ACTIVITY 9.1: 
 

Does the energy that’s released when a match burns come from:  
 
  a) bonds being broken  or  b) bonds being formed? 



Chapter 7: Bonding: pg 2 

 7.1) AN OVERVIEW OF TYPES OF BONDS  
 

Years of experience have suggested that it is productive to divide compounds into three 
types depending on the metallic and nonmetallic character of their constituent elements: 
 

If a compound contains: 

•only metallic elements, it is considered an alloy 

•only nonmetallic elements, it is considered a covalent compound (H is usually 

considered to be a non-metallic element despite being on the metal side of 
the periodic table ) 

•both metallic and nonmetallic elements, it is considered an ionic compound  

 

Activity 9.2 
Identify each of the following compounds as an ionic compound, a covalent compound or an 
alloy: 
 CO2 _______ CaS _____  MgCr _____  CCl4 _____ 
 Cr(NO3)3 ______ NaOH _____  FeCr3 _____  C6H12O6 _____ 

 
Compounds within each type share some characteristic properties which are 

summarized here and will soon be discussed in more detail. 
 

 
 

 
ALLOYS (M+M) 

 
COVALENTS (NM+NM) 

 
IONICS (M+NM) 

 
melting & boiling 
points 

 
generally high, although 
some (e.g. solders, are 
low); most are solids at 

room temperature 

 
quite variable; depends on 
strength of intermolecular 

forces 

 
generally high; solids at 
room temperature; mp & 

bp increase with ionic 
charge 

 
Color 

 
metallic gray 

 
usually colorless unless large, 

and then only if contain 
conjugated double bonds 

 
white unless contain 

transition metals 

 
solubility in water 

 
generally insoluble 

 
variable; solubility increases 

with polarity 

 
variable; solubility 

increases as ionic charge 
decreases 

 
microscopic 
structure 

 
regular crystal structure 
with mix of 2 or more 

metals 

 
atoms tightly bound into 

discrete molecules which are 
weakly attracted to their 
neighboring molecules 

 
small, positively charged 

metal atoms (cations) 
surrounded by larger, 

negatively charged 
nonmetal atoms (anions) 

(no molecules) 
 
nature of bonding 

 
+ nuclei held in position by 

a delocalized sea of 
electrons 

 
+ nuclei held together by 1 or 

more pairs of 
e-'s; energy drop reflects 

greater room for e-'s 

 
held together by +/- 

attractions of charged 
atoms (ions) 
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9.2 IONIC COMPOUNDS = metal + nonmetal (e.g. the NaCl song) 
 

A) WHY IONIC BONDS FORM 

 

In forming an ionic compound, a metal atom loses one or more electrons (requiring 

energy equal to its ionization energies) and a nonmetal atom gains one or more electrons 

(releasing energy equal to its electron affinities). The oppositely charged ions then attract 

each other to form a crystalline lattice, releasing their "lattice energy."  
 
For example, here’s the way that chemists look at the reaction of solid lithium with fluorine gas: 
Li + ½ F2  LiF. Overall, the reaction releases 617 kJ per mole and can be thought of as 
occurring in 5 steps: 
 
1) Vaporize the 1 

mole of lithium. 
This requires 
161kJ (= lithium’s 
heat of 
vaporization)  

 
2) Dissociate the ½ 

mole of F2 to 
make 1 mole of F 
atoms. This 
requires 79.5kJ (= 
1/2 of F2’s bond 
energy) 

 
3) Ionize the 1 mole 

of lithium to make 
1 mole of Li+ 
ions. This 
requires 502 kJ (= Li’s ionization energy) 

 
4) Add an e- to the 1 mole of gaseous F atoms to make 1 mole of F- ions. This releases 328kJ 

(= F’s electron affinity) 
 
5) Allow the 1 mole of gaseous Li+ ions and the 1 mole of gaseous F- ions to come together to 

form 1 mole of solid LiF. This releases 1050kJ (= LiF’s “lattice energy).  
 

Adding up all these energies gives 161 + 79.5 + 520 = 760.5kJ absorbed and 328 + 1050 = 
1378kJ released, for a net release of 1378 – 760.5 = 617.5kJ. (This series of steps is called a 
“Born Haber cycle.”)   
 
 The 617.5kJ = 617,500J of energy released in this reaction will disorder the 
surroundings by an amount equal to 617,500/T J/K. If T = 300K, this = 2058J/K.  
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To see what happens to the universe, you also have to look at the disorder of the 
chemicals. At standard conditions, you can look up the entropies of the chemicals: 
 

Chemical 1 mole Solid Li ½ mole Gaseous F2 1 mole solid LiF 

Entropy 
J/molK 

29.10 101.35 35.66 

 
The entropy change of the chemicals is thus 35.66 – (29.10 + 101.35) = -94.79 J/molK. The 
negative sign indicates that entropy (disorder) decreases - the chemicals get less disordered – 
mostly because a gas (F2) is turning into a solid (LiF).  
 

Overall, the entropy change of the universe is +2058  - 94.79 = +1963 J/K. This is a net 
disordering of the universe, so the reaction should be spontaneous (at standard conditions) 
 

ACTIVITY 9.3 
 
a) Assuming that the entropies of the chemicals don’t vary much with temperature, how will the 
entropy change of the universe when the reaction that forms LiF happens at T>300K compare 
to its value at 298K?  
 
b) Is there some temperature above which this reaction will NOT be spontaneous?  
 
c) The example above was worked out at standard conditions – including the pressure of the 
fluorine gas being 1 atmosphere. But what if you started with F2 gas at a pressure of 5 
atmospheres?  Would this be more or less ordered than F2 gas at 1 atm?  Would allowing the 
reaction to occur with the pressure of fluorine = 5 atm make the universe become more or less 
disordered than using fluorine at 1atm?  
 

 

In forming ionic compounds, atoms usually lose or gain electrons to achieve filled 

shells or subshells. For example, fluorine’s electron configuration is 1s22s22p5 and when it 
gains one electron, it fills its second shell. And lithium’s electron configuration is 1s22s1 and 

when it loses 1 electron it’s left with a full first shell.   However, these facts are NOT because 

“filled shells are happy.” It’s actually because: 
 

a) It takes a lot more energy to remove an e- from a filled shell than from a higher partly 
filled one because i) the electrons in the filled shell are closer to the nucleus & thus 
held more tightly and ii) there are fewer interior electrons shielding the outermost 
electrons from the nucleus, so there’s a greater + charge attracting the e-  
 

b) Atoms release less energy when picking up an e- outside of a filled shell than within a 
partly filled one because i) e- outside a filled shell are further from the nucleus and 
thus held less tightly and ii) there’s a smaller effective nuclear charge  

 



Chapter 7: Bonding: pg 5 

Below are some energies for the steps corresponding to those above which show that 
 

a) K + Cl2 will  KCl but will not  KCl2 (mostly because it requires so much more energy 
(832) to remove the 2nd electron from K) 
 

b) Ca + Cl2  CaCl2 but not will not  CaCl (mostly because it needs the high lattice 
energy of the +2 ion (1734) to overcome the energy needed to produce even a Ca+1)  

 
(These energies are in kcal/mole):  

 

Step  KCl KCl2 CaCl CaCl2 

 ions that make up 
compound: 

K+   Cl- K+2 + 2 Cl- Ca +2 + Cl-  Ca +2 + 2 Cl-  

 Energy inputs 

1 E to melt, warm & 
vaporize M(s)M(g) 

.557+ ? +18.9 
=19.45+? 

.557+ ? +18.9 
=19.45+? 

.240+2.2+38.6 
=41.04 

.240+2.2+38.6 
=41.04 

2 E to break X-X  
2X  

57.9/2 = 
28.45 

57.9 57.9/2 = 28.45 57.9 

3 E to ionize MM+n 99.8 832 590 1734 

 Energy outputs 

4 E to attach e- to 
nonmetal 

-86.5 2 x -86.5 -86.5 2 x -86.5 

5 E of forming lattice -165.4 -330.8 
(guessed) 

-549 (guessed) -2197 

 TOTALS (+ = energy needed, - = energy released) 

 Total -103 +405+? +245 -537 

 Actual heat of 
formation 

-104.2 Not observed Not observed -795 

 
To fill in the above table, I had to guess what the lattice energies of KCl2 and CaCl would 

be if they actually formed. To do this, I used the fact that lattice energies depend on both the 
charges of the ions forming the lattice and on the structure of the lattice. Lattice energies can be 
calculated from:  

 
 
 

Where  
M= the crystal's "Madelung constant" which is related to the crystal's lattice shape 
Q1 and Q2 are the charges on ions 1 and 2 (in electrostatic units or esu's)  

 R = the ion-ion distance in cm 
n = a number related to the crystal's compressibility (usually n is approx = 10) 

o = the “permittivity of free space” 
 

 
Here follows how I used this formula to estimate the lattice energies I needed above… 

n

1n
x

R4

QMQ
energy  lattice

o

21 
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THE EFFECT OF ION SIZE ON LATTICE ENERGIES: 
 
Comparing the lattice 

energies of compounds made of 
+1 and -1 ions confirms that the 

lattice energies decrease as 

either ion gets larger: 
 

This is most obvious in the 
increase in melting points as ion 
sizes decrease: 
 
 R = Radius of + ion 

+ radius of – ion  
Mp 

CsBr 167+196=363 636 

NaI 102+220=322 661 

NaCl 102+181=283 801 

KF 138+133=271 858 

 
 
 
 
 

THE EFFECT OF IONIC CHARGE ON LATTICE ENERGIES 
 

Lattice energies (and melting points) increase as charges on ions (Q1 and Q2 in the above 

formula) increase: 
 

 R= R+ + R- Q+ and Q- Melting point (C) 

NaCl 102+181=283 +1, -1 801 

MgO 72+140=212 +2, -2 2852 

CaO 100+140=240 +2, -2 2572 

HfC 78+260=338 +4, -4 3890 

 
The following graph confirms 
that melting points generally 
increase with increasing 
Q1Q2/R2: 
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Here are some more lattice energies (in kJ/mole). 
You can see that they are higher for  

a) +2 ions (left column) vs +1 ions (right) 
b) Smaller ions (top) vs larger ions 

 

ACTIVITY 9.4 
 
Rationalize the facts that the lattice energy of 
  

a) BeF2 is greater than that of BeCl2 
 
b) BeF2 is greater than that of NaF  

      
c) NaCl is greater than KI 
  

 
 
 
 
 

THE EFFECT OF THE MADELUNG CONSTANT ON LATTICE ENERGIES  
 

The “Madelung constant” expresses to effect of all the attractions between the + and -  
ions in a lattice and the repulsions between the + and + as well as the – and - ions. Both of 

these are expressed by Coulomb’s law: E = q1q2e2/4or. To 
calculate lattice energy, you need to add up the above 
terms for all of the ions in a crystal. For example, in NaCl, if 
you let  r = the closest distance between Na+ and Cl- ions, 
then a  little Pythagorean theorem  the neighbors of any 
Na+ ion are:  

6 Cl- ions at a distance r,  
12 Na+ ions at a distance 2½r,  
8 Cl- at 3½r,  
6 Na+ at 4½r,  
24 Cl- at 5½r, and so on.  

 
So the total  
 
 
 
This is commonly written as where M = the sum in the parentheses above 
= the “Madelung” constant 
 
 
Such infinite sums can be evaluated (each term approaches zero, so they DO approach a limit). 
For NaCl, it’s 1.76267.  
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Madelung constants 
reflect how many ions 
are at different 
distances from a 
particular ion. Here 
are values for some 
other structures:   

 
 
 
 
 
 
 
 
 
 
 
 
 
 

PUTTING ALL THIS TOGETHER TO ESTIMATE LATTICE ENERGIES: 
 
In guessing the lattice energy of the non-existent KCl2 I assumed 

a) that the size of K+2 wouldn’t be that different from K+1 (138pm) – because they 
both have electrons in the 3p shell 

b) that doubling the charge would approximately double KCl’s lattice energy.   
c) that the Madelung constant wouldn’t change 

Overall, these assumptions mean that KCl2’s lattice energy should be ~2x that of KCl 
 

In guessing the lattice energy of the non-existent CaCl I assumed that   
a) that Ca+1 should be about the same size as Ca (197pm) – because they both 

have at least 1 e- in their 4s shell). This is ~2x the radius of Ca+2 (100pm), so 
the lattice energy should drop by ½.   

b) that cutting the Ca’s charge in half (from +2 to +1) should halve the lattice 
energy 

c) that the Madelung constant wouldn’t change 
Overall, these assumptions predict that CaCl’s lattice energy should be ½ x ½ = ¼  that of 
CaCl2.  

 
These figures show that while the formation of KCl and CaCl2 both release energy which 

can disorder the surroundings, making up for the ordering of forming the crystal, the formation 
of KCl2 or CaCl would require energy, which would cool the surroundings, and therefore 
decrease the entropy of the universe - so these do not happen spontaneously. 
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B) WHY DO IONIC COMPOUNDS HAVE THE STRUCTURES THAT THEY HAVE? 
 

As illustrated by the figures above where we discussed Madelung constants, the structures 
of ionic materials are diverse and can be quite complicated.  
 

The most stable crystal structures of an ionic compound is (sort of) determined by the 
sizes of its ions. Generally, oppositely charged ions try to get as close together as possible. In 2 
dimensions, a little trigonometry can show how such packing depends on the relative sizes of 
the ions being packed: 

 
 
If the radius of one ion is <0.15 x the radius of another ion, 3 of the larger ion can fit around the 
smaller ion. If the radius of the smaller ion is 0.155 to 0.83 x the radius of the larger ion, 4 of the 
larger can fit around the smaller. And if the radius of the smaller ion is from 0.83 to 1 x the 
radius of the larger ion, 6 of the larger fit around the smaller.  
 
The same sort of argument holds in 3 dimensions: 

 
r+/r-: 0-----------------.225--------------------.414-------------------------.732---------- 
coord #:        2                           4                              6                                   8 

    shape:       linear                tetrahedral               octahedral                        cubic 
           e.g.                                   BeI = 59/206        Al2O3=68/126                      KCl=152/167 
 
 
 
 
 
 
 
 
 
 

 
 
 
 
 
             CaS = .99/1.84=.54      CsCl = 1.69/1.81=.93 
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Of course, such predictions aren’t 
perfect. The chart to the right indicates 
when such predictions lead to the actual 
crystal structure (green Y’s) and when 
such predictions fail (red N’s):   
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

C) WHY ARE MOST IONIC COMPOUNDS WHITE? 
 

Since ionic compounds usually contain quite stable atoms (having gained or lost 

e- to empty or fill their shells), it usually takes more energy than that in photons of visible 

light to excite the ions' e-, so most ionic compounds absorb no visible light and appear 

white.  
 
Many compounds of transition metals are exceptions. A number of these are brightly 

colored. For example, the oxides of the 4th row of the periodic table have the following colors: 
 
K Ca Sc Ti V Cr Mn Fe Co Ni Cu Zn  
white white white white yellow green brown red green green red white 
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These colors reflect the partly filled d orbitals of the transition metals. For example, 
consider the brilliant deep blue color of Cu+2 ions when they are surrounded by 6 water 
molecules (as in solution or in "hexa-hydrated" compounds such as CuSO4*6H2O.) A Cu atom's 
electron configuration is 1s22s22p63s23p64s23d9 . In a Cu+2 ion, the 2 4s e- have been lost, so 
the e- configuration is 1s22s22p63s23p63d9. The key to Cu+2's blue color is to notice how the 
Cu's five partly filled d orbitals are influenced by the 6 water molecules which surround the ion 
in water. As we shall soon see, the oxygen atoms in the water molecules are slightly negative, 
so they are attracted to the positive Cu+2 ion.  These approaching negative charges repel the 
electrons in the Cu+2 ion, increasing their energies. However, not all of the Cu ion's e- are 

affected equally. Assume that the waters approach the Cu along the 6 ends of the axes 

drawn below: 

 
Notice that the first three of these orbitals would point between the approaching waters, while 
the last two orbitals would point directly at the approaching waters. This means that the 
energies of the last two orbitals increase more than do the energies of the first three orbitals. 
This makes the Cu's d orbitals go from all having the same energies to having two different 
energies: 
 
 Isolated Cu+2 ion         Cu+2 ion surrounded by 6 H2O’s  

        xx        x    d(x2-y2) and d(z2) 
   xx   xx   xx    xx   x         

 xx     xx   xx   d(xy), d(yz), d(xz) 
 
It turns out that the energy gap between these d orbitals is exactly equal to that of orange 
photons, so Cu+2 ions surrounded by waters absorb orange light, and the solution looks blue 
(the complementary color of orange). If chloride ions are added to the solution, they are 
attracted to the positive copper ions, their full negative charge splits the copper's d orbitals even 
more, requiring violet light to excite an electron from a lower energy d to the partly empty higher 
energy one, and the solution looks yellow (or green as the yellow combines with the blue).  

 

ACTIVITY 9.5 
a) Why do you think KCl tends to absorb less moisture than NaCl during humid summer 
months?    
b) The melting points of fluorides are generally > the melting points of chlorides which 
are generally > the melting points of bromides. Why might this be?  
c) The melting points of the group 2 oxides vary as: BaO < SrO < CaO < MgO. Why might 
this be?   

y

x

z

d(yz)
d(x2-y2)d(xz) d(z2)d(xy)
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 9.3) COVALENT COMPOUNDS = NONMETALS COMBINED WITH NONMETALS  

 
Compounds such as ammonia (NH3), carbon dioxide (CO2), sulfur dioxide (SO2), and 

carbon tetrachloride (CCl4), are all composed of just nonmetallic elements. Many "polyatomic" 
ions such as nitrate (NO3

-) or sulfate (SO4
-2) also only contain nonmetallic elements.  

 
NOTE: Although hydrogen appears on the “metallic” side of the periodic table, it usually behaves as 
a nonmetallic element. It does show metallic properties below its freezing point (-259oC), but its 
ionization energy is so great that it is more useful to group it with the nonmetals when discussing 
bonding. (Its ionization energy is so great because once its single electron is removed it is just a 
bare proton.) This means that compounds such as methane (CH4), methylene chloride (CH2Cl2), 
hydrochloric acid (HCl), glucose (C6H12O6), fats, the amino acids of proteins and the nucleic acids 
that make up DNA and RNA.       
 

 Nonmetals cannot combine with other nonmetals by the ionic mechanism 

described above because the ionization energies of all of these nonmetallic elements are 

too great to be compensated for by the energy released by another nonmetal picking up 

an electron and by the combination of the resultant + and - ions to form an ionic crystal.  
 

For example, you might think that carbon monoxide (CO) was ionic, being made of C+1 
and O-1. If so, we should be able to use a Born –Haber cycle to explain its formation: C + 
½ O2  CO: 

1) vaporize C:   absorbs    718 kJ 
2) ionize C C+1  absorbs 1083 kJ 
3) break ½ O2 O  absorbs    249 kJ 
4) O + e-  O-1  releases    142 kJ 
5) C+1 + O-1  CO   releases     ??? 

There’s no data on the lattice energy of CO, so we’ll have to estimate it. 
Lets say that an O-1 ion has a radius ~130pm and a C+1 ion has a radius of ~65pm so the 
C-O distance = 195pm. These values are about the same as F- (133pm) and Li (76pm) 
with a Li--F distance of 209pm. The C-O distance is .93 of the Li-F distance, so maybe 
we can estimate the lattice energy to go up by 1/.93 = 1.07. Since the Li-F lattice energy 
is 1029kJ, lets estimate the C-O lattice energy as 1.07 x 1029 =1103kJ:  
 5) C+1 + O-1  CO   releases  1103 kJ 

  TOTAL:  absorbs     805 kJ/mole 
 
This absorption of energy will order the surroundings by 805,000/T J/K– but the reaction 
might still happen if it generates enough disorder to make up for it. To check this out, you 
need to look up the entropies of the chemicals: 
 

Substance C ½ O2 CO 

Entropy (J/K) 5.69 ½ x 205 = 102.5 197.5 

 

So S for the chemicals = 197.5 – (5.69 + 102.5) = +89.3 J/K and S for the universe  
= -805,000/T + 89.3. This means that, unless T > 9014K, this reaction will not be 
spontaneous.  (Things get worse if you consider CO as C+2 and O-2, mostly because the 
energy to remove a 2nd electron from C is a whopping 2346kJ/mole.)  
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How nonmetallic atoms can bond together was first explained in 1916 
by Gilbert N. Lewis. Lewis was a cigar-smoking radical with a BA and PhD 
from Harvard but who moved west to become the soul of the UC Berkeley 
chemistry department. (He actually later refused an honorary degree from 
Harvard!) His insight was that nonmetallic elements (which he knew gained 
electrons when forming ionic compounds) could perhaps stick together by 
SHARING electrons between them. In this way, neither would need to lose 
any electrons, and both could (sort of) gain the electrons they need to “fill 
their outer shells.”  

 
For example, he knew that an atom’s 2nd shell could hold 8 

electrons (which he pictured as being at the corners of a cube). 
So a fluorine atom (with 7 electrons in the 2nd shell) could be 
represented by a structure like one of the cubes to the right:   
One such F would be “happy” if it paired up with 1 other F (the 
cube with the other colored dots) – so F2 could exist: 

 
Of course today we know that e- aren’t at corners of cubes – and that shells don’t “like” 

to be filled (it’s just that it’s a lot harder to get more than a filled shell of e- around an atom 
because the extra e- must go into higher energy shells, which takes so much energy to get 
them there that the surroundings cool so much that the universe orders so much that it’s not 
likely to happen.)  
 

Today we know that there are two factors that drive the formation of such “shared” 
bonds: 

 
1) As two atoms approach each other, the electrons become attracted to 2 nuclei 

rather than just one. This lowers their (electrical) potential energy. This 
attraction may be greater than the +/+ repulsions between the two atoms' nuclei 
and the -/- repulsions between their electrons, so energy is released to the 
surroundings - which disorders them. 
  

2) As two atoms approach each other, their electrons are able to expand into a 
larger “box” (2 atoms vs 1) – this lowers their kinetic energy (allowing energy to 
be released which disorders the universe). Some feel that this is the major 
factor. For example, see J Chem Ed 74 (12) 1494 1997: "the accumulated 
charge in the bonding region is so small that any increased attraction 
between the nuclei and electrons cannot overcome nuclear repulsion. 
...The stabilization of a molecule is mainly due to the delocalization of the 
electron motion over two or more atoms joined by chemical bonds."  
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As two nonmetallic atoms 
approach each other, their energies 
decrease due to both of these factors 
– but only up to a point – if atoms get 
too close, the repulsions becomes 
stronger than the attractions, and 
their electron “boxes” start to get 
smaller (raising their kinetic energy). 
At this point, their approach ceases. 
The point at which their energy is a 
minimum is their "covalent bond 
length."  

 
 
 
 
 
 
Here are some covalent bond lengths (in picometers = 10-12m): 

 
 

H-C 
 

H-N 
 

H-O 
 

H-F 
 

110 
 

98 
 

94 
 

92 
 

H-Si 
 

H-P 
 

H-S 
 

H-Cl 
 

145 
 

138 
 

132 
 

127 

 

ACTIVITY 9.6: Do the bond lengths in the above table vary as you’d expect?  

 

How do atomic radii vary as you move left to right on the periodic table?  

How do covalent bond lengths vary as you move left to right on the periodic table? 

 

 How do atomic radii vary as you move top to bottom on the periodic table? 

How do covalent bond lengths vary as you move from top to bottom on the 

      periodic table? 
 

 
In contrast to ionic compounds, in which each ion is equally attracted to all of the 

oppositely charged ions which surround it, covalent compounds form groups of atoms which are 
tightly bonded together into "molecules" which are then much more weakly attracted to 
neighboring "molecules." This explains why covalent compounds generally have much lower 
melting and boiling points than ionic compounds. For example, the covalent HCl boils at a much 
lower temperature (bp = -85C) than the ionic NaCl (bp = 1413). 
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Lewis's earliest ideas have evolved into the tradition of using "Lewis dot structures" to 

describe covalent compounds. These Lewis dot structures are important because, while 

they are only approximations of reality, they are a convenient gateway to understanding 

the 3D structures of covalent molecules - which in turn leads to an understanding of 

many properties of such molecules.  
 
The general idea is to represent the outermost 

("valence") electrons of an atom by dots such as those 
shown to the right. (Nobel gases form very few 
compounds and so are omitted.)  

 
 
 
 
 
 
 
 
 
 
Next, you arrange the atoms and their dots in a compound so that each atom has a 'filled 

shell' of 8 dots around it – such as illustrated here for CF2Cl2: 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

(It recently occurred to me that I wasn’t clear why a bond always 

contained two electrons. For example, why couldn’t water look more 
like:  
 
Here the O has it’s 6 electrons, and the H’s are stuck to the O by their 
single electrons. We’ll see in chapter _____ that the reason why there are two e- in each 
bond is that each bond is formed by a low energy “molecular orbital.” Lots of electrons 
would like to be in that low energy place (energy could be lost to the surroundings, 
disordering them), but no more than 2 e- can be in any such orbital. There is no rule that 
“electrons like to be in pairs.” The rule is “the universe likes to be disordered” and that 
happens most if the maximum number of electrons have the lowest energy possible. And 
only 2 electrons can be in any low-energy bonding orbital.) 
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Here follow the detailed steps for drawing Lewis structures, illustrated for water: 
 

1) Figure out which atoms are most likely to be on the edges of the molecule and which 

are most likely to be toward the interior 
 

a) Remember that H's, F's, Cl’s, Br’s and I’s only need to gain 1 e- to fill their outer shells, 
  so they form only one bond and are always found on the outside of molecules 
b) Atoms with lower electron affinities (those further from fluorine) will be more willing to 

share electrons with others because it they are less 'greedy' – these are more 
likely to be found in the middle. For example, H-O-Cl is better than H-Cl-O.   

For water, you’d draw H O H 
 

2) Determine the total number of valence (outer shell) electrons of all the atoms in your 

molecule. These will be the "dots" in your structure.  

  For water, each H has 1 outer shell e- and the O has 6, for a total of 8 valence e->s.  

 

3) Put a pair of dots between each pair of bonded atoms (e-'s form bonds in pairs) 
 

For water: H : O : H 
 

4) Distribute any remaining dots (8 – 4 = 4 for water) in such a way as to fill each atom's 

outer shell. (Here, H is filling the first shell so it "wants" 2 

dots, while O is filling the second shell so it 'wants' 8 dots.)  

 

For water:  
 

5) Check to see if all atoms are happy. If so, you have a 
correct dot structure. At this point, each pair of electrons between two atoms is sometimes 
replaced by a line indicating a bond. 
 

For water:  
 

 
Note:  1) The "non-bonding" valence electrons on the oxygen may or may not be shown. 

2) This is not what water really looks like. All that Lewis dot pictures do is 
    suggest a reasonable picture of which atoms are bonded to which, and 

where non-bonded electrons may be found. We will soon discuss how to 

use Lewis structures to predict the real 3D shapes of molecules  

 

ACTIVITY 9.7 

Draw dot structures for  

 

 a) SeCl2 b) COF2 (C in the center)  c) NO2F (N in the center)  

 

 

H O H
 

H O H
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9.4 Some complications in dot pictures 
 
a) Sometimes, more than one structure may work. For example, there are two equally "OK" 
 structures for C2H6O 

 
 
 
 
 
 
 

     dimethyl ether    ethanol 
 

Such compounds, with the same formula but different structures, are called 

isomers. There are many different kinds of isomers, and, until you can visualize 
molecules in 3 dimensions, it can be hard to tell when molecules are the same and when 
they are different. For example, the following two molecules may appear to be different: 

 
  
 
 
 
 

 
 

But in 3 dimensions, it is 
obvious that one can be 
turned into he other by 
rotating one end around 
the C-C bond: 

 
 

Such "rotational isomers" ("conformers" or "different conformations" of a 

molecule) usually rapidly inter-convert even at room temperature and cannot be 

separated from each other. 
 

Some isomers can be shown to be more likely to exist than others by using the 

notion of "formal charge." An atom=s formal charge is the charge that the atom in 

a molecule would have if any electrons that it shares were divided evenly between 

itself and the atom it shares them with. The rule is: Try to minimize formal charges 

as much as possible, and get (-) formal charges to be on elements that like being 

negative (O more so than N).   

C
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H

C O H
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H
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H
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Cl

H

H

H

Cl  

C C

H

Cl

H

H
H

Cl
 

C C

H
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For example, which of the following is more likely to represent the structure of C2H5Cl? 
 
 
 
 
 
 
 
 
 
 
If you divide up the shared electrons and compare each atom to what it looked like before 
bonding, you’ll see that the C and the Cl in the left-hand drawing have non-zero formal charges, 
while all atoms in the right-hand drawing have zero formal charges:  

 
 
 
 
 
 
 
 
 
 
 

This means the right-hand picture is a better guess as to what the molecule actually looks like. 
 

Activity 9.8 
 
Decide which of the Lewis structures in each of the following pairs is better by calculating the 
formal charges on all atoms in each:  
 
 
 
 
 
 
 
 
 
 
 
 
 

 
 
 
 



Chapter 7: Bonding: pg 19 

b) Sometimes, the only way that atoms can fill their outer shells is 

by sharing more than one pair of e-'s to form "multiple 

bonds." For example, if you try to draw a dot picture of CO, you 
might get: 

 
But neither the C nor the O has 8 dots, and you've used up the 4+6 = 10 dots that you 
can use. The answer is to allow the atoms to share more dots. 
Move some of the unshared dots in between the C and the O so 
that both atoms can use them to get their total of 8: 

 
This makes a "triple bond" (3 pairs of e-) between the C and the 
O. Double bonds, with 4 e- between atoms are even more common than triple bonds. 
 
Some common molecules containing double bonds are shown on the next page.  

  
 

C O
 

C O
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 SOME MOLECULES WITH DOUBLE BONDS 
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Quadruple bonds, with 8 electrons between atoms are thought to not exist. 
 

Multiple bonds are shorter and stronger than single bonds. (For example, the 

tendency of their N=s to form the very strong NN triple bond is one reason that many 

explosives such as TNT (trinitrotoluene) and nitroglycerin contain N.) While bond lengths 
differ somewhat from molecule to molecule, some 'typical' values are given here:  

 
C-C C=C C=C N-N N=N N=N C-O C=O C=O C-N C=N C=N 

length (pm) 154 134 121 140  130? 143 122 113 147 127 115 
 
strength 347 611 837 159 418 946 351 800 1075 293 615 891 
(kJ/mile) 
 

While multiple bonds are very a strong, their high 'electron density' makes them 

easy targets for other materials that are looking for electrons and so they are often 

very reactive. (This should seem a bit of a contradiction: multiple bonds are strong 

but also very reactive.) For example, oxygen (wants e- to become O-2) typically attacks 
the double bonds in unsaturated fats causing them to go rancid. The reaction of oxygen 
with the linoleic acid in linseed oil connects together adjacent molecules forming a water-
resistant coating on wooden furniture. However, the same reaction  on rags soaked with 
linseed oil releases enough heat that if the rag is not well ventilated, it can burst into 
flames. 

 

Multiple bonds often lead to isomers because unlike single bonds, multiple bonds 

don't rotate. This means  that molecules like   
 

H          H  H          Cl 
  >C=C<       and    >C=C< 
Cl          Cl  Cl          H 

 

are actually different. This is evident by comparing their properties: 
 
     mp:      -80C  -50C 

bp:      60C  47C 
 

The form on the left is called the "cis" form and the form on the right is called the "trans" 
isomer. (“Trans” indicates that the similar groups (H's or Cl's) are on opposite sides from 
each other.) Naturally occurring unsaturated acids such as linoleic acid are found in the 
cis- form. When such unsaturated acids have hydrogen added to their double bonds (in  
the "hydrogenation" used to turn liquid oils into solid margarines), some of the double 

bonds isomerize to for "trans fatty acids" which may pose some health risks. 
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c) RESONANCE FORMS 

 
Another example of apparent isomers is found 
in molecules like 2-fluorochlorobenzene: 

 
 

 
One of these structures has a single bond between the carbons with the chlorine and the 
fluorine, while the other has a double bond. But this means that the only difference 

between these two drawings is where the electrons are. – and whenever two forms 

only differ in where electrons are, the do NOT really represent different molecules. 
Instead, they represent forms which are extreme cases of what actually exists, which is 
an average of all such "resonance forms." (For example, in 2-fluorochlorobenzene, all C-
C bonds are the same length, and about the average of typical C-C and C=C bond 
lengths.) Resonance forms are very important for explaining how some reactions happen 
and some properties of materials such as strengths of acids.  

 

Not all resonance forms of a molecule need 

be equally likely. For example, consider the 
following two possible resonance structures of 
CO2:  

 
While both have 8 dots around each atom, and each may contribute somewhat to the 
structure of CO2, the one of the left has lower energy and makes a more important 
contribution. You can see this by calculating the formal charge on each atom in each 
structure: 

O=C=O  O-C=O 
0   0   0  -1 0  +1 

The closer to zero the formal charges are, the more substantial the contribution that that 
resonance structure should make to the actual structure. (The structure on the right is 
also dis-favored by the presence of a +1 formal charge on oxygen - which prefers to be 
negative).   
 

ACTIVITY 9.9 
 
Decide which of the resonance forms in 
each of the following pairs is better by 
calculating the formal charges on all 
atoms in each: 
 
 
 
 
 
 
 

C OOC OO



Chapter 7: Bonding: pg 23 

d) There are some exceptions to the 'fill the outer shell rule' 
 

i) FREE RADICALS: Some molecules exist with an odd number of electrons which 

cannot get 2 or 8 electrons around every atom. These uncharged molecules end up with 

unpaired electrons and are known as "free radicals." Some important examples include: 
 
 
 
 
 

hydroxyl   nitric oxide       nitrogen dioxide 
 

Such “free radicals” tend to be very reactive, and so are short-lived and never present at 
very high concentrations. But because they are so reactive, they can also be very 
important. For example, hydroxyl radicals are the "vacuum cleaners of the earth's 
atmosphere." Hydroxyls are mostly formed by the reaction of water with excited O atoms 

(from the dissociation of ozone O3  O* + O2): 
 
 O* + H2O = 2 •OH  

 
These •OH's attack most of the gaseous compounds that the planet emits, and turning 

them into more water soluble forms which are then rained out of the atmosphere. Many 
reactions which are normally written without hydroxyl radicals actually involve them in 
nature. For example, the oxidation to CO2 and H2O of the methane (CH4) emitted to the 
atmosphere by anaerobic bacteria in rice paddies and cattle rumens is usually written as: 

 
 CH4 + O2 = CO2 + H2O 
 

But methane’s actual oxidation is more complex, involving •OH and •NO radicals: 

 
1) CH4 + •OH   H2O + •CH3   

  2) •CH3 + O2    CH3O2• 
  3) CH3O2• + •NO   CH3O• + •NO2   
  4) CH3O• +O2    CH2O  + HO2• 
  5) CH2O + •OH   HCO• + H2O 
  6) HCO• +  •OH   CO + H2O 
  7) CO + •OH    CO2 + •H 
  8) •H + O2 + M   HO2• + M* 
  9) 2HO2• + 2•NO   2•OH + 2•NO2 
 
 net:  CH4 + 2•OH + 3•NO + 3O2  + M  CO2 + 3H2O + 3•NO2 + M*   

 
Nitric oxide (•NO) is another important free radical has been known for years as a 
product of heating air to high temperatures (such as wood stoves or car engines) and is 
an important component of the mechanism that produces urban smog. It has gained 
even more importance recently (it was Science magazine's 'Molecule of the Year in 
1992) since it has been discovered to be an important neurotransmitter important in 
regulating blood pressure and associated phenomena such as male erections - leading 

O H N O N OO
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to development of new medications such as Viagra and its associated late-night talk 
show humor. 

 
Many people believe that free radicals play important roles in phenomena such as 
cancer and the aging process. The popularity of various dietary antioxidants is an 
attempt to control their effects. 

 
Finally, the generation of free radicals by the attack of free radicals on non-free radicals 
is responsible for the self-propagating nature of fires, and many fire-fighting agents are 
designed to flood burning materials with so many free radicals that they bond to the free 
radicals generated in the fire and stop its propagation.  

 

ii) ATOMS IN DOT STRUCTURES SOMETIMES HAVE > 8 dots 

 
While the elements in the first and second rows (H through Ne) fairly religiously follow 
the 'get 2 or 8 dots' rule, elements further along in the periodic table often have more 
than 8 dots around them. This reflects the fact that once you enter the 3rd row of the 
periodic table, you're dealing with atoms with an outer shell that has a "d" sub-shell in 
addition to its "s" and "p" sub-shells. This means that the outer shell can actually hold 
more than 8 electrons. This explains how molecules such as PCl5 (with 10 e- around the 
P) or SF6 (with 12 e- around the S) can exist:  

  
 
 

 
 
 
 
 

 
iii) ATOMS SOMETIMES HAVE LESS THAN 8 DOTS 

 
There are some examples (besides H which has two dots) such as BF3 where an atom 
 has fewer than 8 dots around it. 

 
e) The same sort of dot pictures can be used to describe the bonding in polyatomic ions.  
 

Ionic compounds often form between one or more metal(s) and more than one  
 nonmetal. For example:  

 
KOH   NaNO3 CaSO4 FePO4 

 
In all of these, the nonmetals are covalently joined to form a negatively charged   

 polyatomic ion which then sticks ionicly to the positively charged metal: 
 

K+  OH- Na+ NO3
- Ca+2 SO4

-2  Fe+3 PO4
-3 

 
The structures of such polyatomic ions are described as are simple covalent molecules. 

F

S

F

F
F

F

F

 

F

P

F F

FF  



Chapter 7: Bonding: pg 25 

The only difference is to add a number of additional electron dots to represent whatever 
net charge the ion carries.  

 

 
     NITRATE    SULFATE  PHOSPHATE 
6e- from each O   6e- from each O   6e- from each O  
+ 5e- from N   + 6 from S   + 5 from P 
+ 1 for -1 charge   + 2 from -2 charge  + 3 from -3 charge  
= 24 dots    = 32 dots   = 32 dots 

 
 

Note that such structures explain, for example, why nitrate carries a +1 rather than a +2 
 charge.   
 

Ammonium (NH4
+) is the only common positive polyatomic ion.  

 
To summarize, Lewis dot structures allow you to understand:  

 
Why HCl exists but H2Cl does not and why polyatomic ions carry the charges that they  

  do. 
 

Where molecules possess "nonbonding" or "lone" pairs of electrons. 
 

 

9.5 Beware of chemists’ dislike of excess ink 
 
 In order to save ink, chemists often omit but carbon and hydrogen atoms from their 
pictures of molecules. Their convention is that  
 
 a) unless a symbol appears at the end of a line, it’s a C 
 

c) if a C doesn’t have 4 bonds going to it, there are enough unwritten H’s attached to it 
to make it have 4 bonds 

 
For example, consider erythronolide B (the biological precursor of the antibiotic erythromycin). 
The common “short-hand” version of this molecule is drawn below to the left – and the more 
elaborate one to the right. (See how messy it is to include all those C’s and H’s?) 
 

N

O

O O
 

O

P-O O-

O-
 

O

S-O O-

O
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If you look at the placed labeled with the letters in the left-hand structure and their 
corresponding structures in the right picture, you’ll see that: 
 
-“A” is the end of a line with no symbol, so it’s a carbon. But it only has a single bond going to it, 
so there must be three unwritten H’s. That is, “A” is a –CH3 group. There are 6 more –CH3 
groups in this molecule. (These are called “methyl” groups.) 
 
-“B” has no symbol, so it’s a C. It has 3 lines going to it, so there must be a hidden H. “B” is a C-
H group. 
 
-“C” has no symbol, so it’s a carbon. It has 4 bonds going to it so there are no hidden H’s on it.  
 
-“D” has no symbol so it’s a carbon, and it has 4 bonds to it so there are no hidden H’s 
 
-“E” has no symbol, so it’s a carbon. It has only 2 bonds going to it, so there must be two hidden 
H’s. (E is a –CH2- group.) 

 

ACTIVITY 9.10 
 
Write the formulas of each of the following molecules:  
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9.6 A WORD OF WARNING: 
Today's supercomputers can actually solve Schrodinger's equation for molecules to any desired 
degree of accuracy and obtain the wavefunctions, Ψ, that represent electrons in relatively 
complex molecules. Such results indicate that the actual distribution of electrons is usually the 
sum of several "simple" pictures - and sometimes the most important simple approximations are 
not those one would expect (J Chem Ed 72(7) 583-587 1995). For example, consider again the 
sulfate ion (SO4

-2). The two "best guesses" for its dot structures are A and B: 
 
 
 
 
 
 
 

 
 
A (12 res. forms)   B     C (12 res forms) 
 

“A” would be preferred because all its atoms have formal charge = 0. B would be 
preferred because all of its atoms have 8 dots around them. Actual solving of the 
Schrodinger equation gives an electron configuration consisting of  

 
66.2% B + 1.9% of each of the 12 resonance forms C (which is actually an  

  SO3 molecule paired with a O-2 ion!) 
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9.7 DOT STRUCTURES LEAD TO APPROXIMATE REACTION ENERGIES 
 

Dot structures also allow you to begin to understand the energetics of chemical reactions 
because they allow you to visualize what sorts of bonds are broken and what sorts are formed 
in reactions. For example, burning methane (CH4) with oxygen (O2) to make carbon dioxide 
(CO2) and water (H2O) releases 808 kJ/mole: 

 

    CH4 +2O2  CO2 +2H2O +808 kJ/mole 
 
Where does this energy come from? It must reflect the formation of bonds that are stronger 
than any bonds that are broken. In dot-speak, this reaction looks like: 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

From this you can see that the reaction needs to break 4 C-H bonds and 2 O=O bonds and 
then form 2 C=O bonds and 4 O-H bonds. But you can look up these bond energies: 
 

Breaking 4 C-H needs 4 * 414kJ/mole = 1656kJ, and 
breaking 2 O=O bonds needs 2 * 498 kJ/mole = 998kJ, 
for a total need of 1656+998 = 2654kJ. 

 
But forming 2 C=O bonds releases 2*803 kJ= 1606kJ 
and forming 4 O-H bonds releases 4*464kJ = 1856kJ, 
for a total recouping of 1606+1856 = 3462kJ 

 
So the total energy change is an input of 2654kJ and an output of 3462 kJ or a net output of 

808kJ/mole. This is a good estimate for the the heat of combustion of methane. (It is only an 
estimate because the bond strengths found in tables are averages of those in many molecules, 
and any specific case may differ somewhat from the value given in the table.)  
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ACTIVITY 9.11 
 

Use the following values of bond energies to estimate the energy absorbed (or released) when 
producing ammonia (NH3) from hydrogen + nitrogen: 3H2 + N2  2 NH3 
 
 
 
 
 
 
 
 
 

Bond   H-H  N N  N-H 
Energy (kJ/mole) 432  945  391 
Moles   3  1  6 
Total energy (kJ) 3x432=1296 1x945=945 6x391=2346 

 
 
 
 

9.8 METAL-METAL BONDS 

 
When a metal atom bonds to another metal atom, it's sort of the opposite of a nonmetal 

boning to a nonmetal. Instead of both atoms wanting to fill their shells, both atoms want to 
empty their shells. A satisfying description of this sort of bonding will have to wait until we 
introduce the idea of molecular orbitals. 
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9.9 A FINAL CAUTION 

 
While it's often useful to think of metal-nonmetal bonds as being ionic and nonmetal-

nonmetal bonds as being covalent, there is actually a gradual gradation among bond types.  
 
Only in symmetrical molecules (like N2 or Cl2) is the bonding truly covalent. When 

different atoms are bonded together, the electrons are probably NOT shared equally, and the 
electrons spend more time at one end of the bond, (making it a bit negative) and less time at 
the other end of the bond (leaving it a bit positive).  

 
For example, consider carbon monoxide. Its dot picture is:  
 
But the two ends of this are not the same. Carbon has a +6 

nucleus and oxygen has a +8 nucleus. Both have 2 e- in their 1s shells to hide some of the 
nuclear charge, but still, the O’s nucleus will exert a greater pull on the shared electrons than 
the C’s nucleus. (The bond is sort of a “box with bottom sloping toward O.) This means that the 

shared e-‘s are pulled more toward the O than the C, making the O a little bt negative (-) and 

leaving the C a little bit positive (+): the bond is “polar.” (It has a + pole and a negative pole.) 
This means it is sort of “a bit ionic.” It’s not a true ionic bond, because no whole e- have been 
transferred from the C to the O, but it’s a bit ionic. 

 
If you’re looking at this in color, the picture to the right 

(drawn with “PC Spartan” software) indicates how the O is 
more negative (redder) than the C:     

 
This polarity of bonds is important because it determines 

what parts of molecules are + and – and it’s attractions 
between such regions in adjacent molecules that determines 
forces between molecules – which are very important. (See 
chapter ______) 

 
To help quantify the polarity of bonds, Linus Pauling developed the “electronegativity” 

scale – basically a measure of how strongly atoms attract shared electrons:  
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The greater an element’s electronegativity, the more strongly it attracts shared electrons toward 
it. So if element A is bonded o element B, the end with the greater electronegativity will be a bit 
negative and the other end will be a bit positive. The greater the different in electronegativity 
between two atoms the greater the charges will be.  
 

As the difference in 
electronegativity of two 
bonded atoms increases, the 
bond goes from pure 

covalent (when EN = 0) to 
ionic (when the difference in 
electronegativity is large. 
Some people like to separate 
bonding with pictures such 
as: 
 
 
 

 
 
If you also look at the average electronegativity of the bonded atoms, you can distinguish 

metallic bonding (between elements with low EN) from other types:    


