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1.9: ELECTRONEGATIVITY AND BOND POLARITY (REVIEW)

Learning Objective

o Identify polar bonds and compounds

Electronegativity is a measure of the tendency of an atom to attract a bonding pair of electrons. The Pauling scale is the most commonly
used. Fluorine (the most electronegative element) is assigned a value of 4.0, and values range down to cesium and francium which are the
least electronegative at 0.7.

PATTERNS OF ELECTRONEGATIVITY IN THE PERIODIC TABLE

Electronegativity is defined as the ability of an atom in a_particular molecule to attract
electrons to itself. The greater the value, the greater the attractiveness for electrons.
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TRENDS IN ELECTRONEGATIVITY ACROSS A PERIOD

The positively charged protons in the nucleus attract the negatively charged electrons. As the number of protons in the nucleus increases, the
electronegativity or attraction will increase. Therefore electronegativity increases from left to right in a row in the periodic table. This
effect only holds true for a row in the periodic table because the attraction between charges falls off rapidly with distance. The chart shows
electronegativities from sodium to chlorine (ignoring argon since it does not does not form bonds).

Pericd 3
3

2
1

Ma Mg Al Si P 5 Cl

TRENDS IN ELECTRONEGATIVITY DOWN A GROUP

As you go down a group, electronegativity decreases. (If it increases up to fluorine, it must decrease as you go down.) The chart shows the
patterns of electronegativity in Groups 1 and 7.
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EXPLAINING THE PATTERNS IN ELECTRONEGATIVITY
The attraction that a bonding pair of electrons feels for a particular nucleus depends on:

o the number of protons in the nucleus;
o the distance from the nucleus;
o the amount of screening by inner electrons.

WHY DOES ELECTRONEGATIVITY INCREASE ACROSS A PERIOD?
Consider sodium at the beginning of period 3 and chlorine at the end (ignoring the noble gas, argon). Think of sodium chloride as if it were
covalently bonded.
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Na—+—¢l Na Cl
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right over to chloring

Both sodium and chlorine have their bonding electrons in the 3-level. The electron pair is screened from both nuclei by the 1s, 2s and 2p
electrons, but the chlorine nucleus has 6 more protons in it. It is no wonder the electron pair gets dragged so far towards the chlorine that
ions are formed. Electronegativity increases across a period because the number of charges on the nucleus increases. That attracts the
bonding pair of electrons more strongly.

WHY DOES ELECTRONEGATIVITY FALL AS YOU GO DOWN A GROUP?

As you go down a group, electronegativity decreases because the bonding pair of electrons is increasingly distant from the attraction of the
nucleus. Consider the hydrogen fluoride and hydrogen chloride molecules:

H : H —cl
9 prckons shielded 17 prokors shielded
by 2 elechrons b 10 electrons

The bonding pair is shielded from the fluorine's nucleus only by the 1s? electrons. In the chlorine case it is shielded by all the 1522522p6
electrons. In each case there is a net pull from the center of the fluorine or chlorine of +7. But fluorine has the bonding pair in the 2-level
rather than the 3-level as it is in chlorine. If it is closer to the nucleus, the attraction is greater.

Dipole moments occur when there is a separation of charge. They can occur between two ions in an ionic bond or between atoms in a
covalent bond; dipole moments arise from differences in electronegativity. The larger the difference in electronegativity, the larger the
dipole moment. The distance between the charge separation is also a deciding factor into the size of the dipole moment. The dipole moment
is a measure of the polarity of the molecule.

BOND POLARITY & DIPOLE MOMENT

Atoms with differences in electronegativity will share electrons unequally. The shared electrons of the covalent bond are held more tightly
at the more electronegative element creating a partial negative charge, while the less electronegative element has a partial positive charge, .
The larger the difference in electronegativity between the two atoms, the more polar the bond. To be considered a polar bond, the difference
in electronegativity must >0.4 on the Pauling scale. Since the two electrical partial charges have opposite sign and equal magnitude and are
separated by a distance, a dipole is established. Dipole moment is measured in debye units, which is equal to the distance between the
charges multiplied by the charge (1 debye equals 3.34 x 103 coulomb-meters).
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Nonpolar covalent bond

Bonding electrons shared
equally between two atoms.
No charges on atoms.

Polar covalent bond lonic bond

Bonding electrons shared Complete transfer of ane or more
unequally between two atoms. valence electrons.

Partial charges on atoms. Full charges on resulting ions.

Figure 1.9.4: The Electron Distribution in a Nonpolar Covalent Bond, a Polar Covalent Bond, and an Ionic Bond Using Lewis Electron
Structures. In a purely covalent bond (a), the bonding electrons are shared equally between the atoms. In a purely ionic bond (c), an electron
has been transferred completely from one atom to the other. A polar covalent bond (b) is intermediate between the two extremes: the
bonding electrons are shared unequally between the two atoms, and the electron distribution is asymmetrical with the electron density being
greater around the more electronegative atom. Electron-rich (negatively charged) regions are shown in blue; electron-poor (positively
charged) regions are shown in red.

POLARITY AND STRUCTURE OF MOLECULES

The shape of a molecule AND the polarity of its bonds. A molecule that contains polar bonds, might not have any
overall polarity, depending upon its shape. The simple definition of whether a complex molecule is polar
or not depends upon whether its overall centers of positive and negative charges overlap. If these centers
lie at the same point in space, then the molecule has no overall polarity (and is non polar).

Bond Bond
dipole\ dipole Bond Bond
dipole dipole
Molecular
dipole
(a) No net dipole moment (b) Net dipole moment

Figure 3: Charge distrubtions
If a molecule is completely symmetric, then the dipole moment vectors on each molecule will cancel each other out, making the molecule
nonpolar. A molecule can only be polar if the structure of that molecule is not symmetric.

A good example of a nonpolar molecule that contains polar bonds is carbon dioxide. This is a linear molecule and the C=0 bonds are, in
fact, polar. The central carbon will have a net positive charge, and the two outer oxygens a net negative charge. However, since the molecule
is linear, these two bond dipoles cancel each other out (i.e. vector addition of the dipoles equals zero). And the overall molecule has no
dipole (

Althouélh:a%olar bond is a prerequisite for a molecule to have a dipole, not all molecules with polar bonds exhibit dipoles

GEOMETRIC CONSIDERATIONS

Example 1: Polar Bonds vs. Polar Molecules

In a simple diatomic molecule like HCI, if the bond is polar, then the whole molecule is polar. What about more complicated
molecules?
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Figure: (left) CCly (right) CHCl3

Consider CCly, (left panel in figure above), which as a molecule is not polar - in the sense that it doesn't have an end (or a side) which
is slightly negative and one which is slightly positive. The whole of the outside of the molecule is somewhat negative, but there is no
overall separation of charge from top to bottom, or from left to right.
In contrast, CHCl3 is a polar molecule (right panel in figure above). The hydrogen at the top of the molecule is less electronegative than
carbon and so is slightly positive. This means that the molecule now has a slightly positive "top" and a slightly negative "bottom", and
so is overall a polar molecule.
A polar molecule will need to be "lop-sided" in some way.

Example 2:

Although the C-Cl bonds are rather polar, the individual bond dip%s cancel one another in this symmetrical structure, and
CI,C=CCl, does not have a net dipole moment.
Cl=" >l

Example 3:
C-Cl, the key polar bond, is 178 pm. Measurement reveals 1.87 D. From this data, % jontcdharacter can be computed. If this bond were 100% ionic (based on proton
& electron),

1 2q@.80D) = 8.54D

H

Hi,
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H

Example 4:

3 HCI
Since measurement 1.87 D,

% ionic = (1.7/8.54)x100 = 22%
u=1.03 D (measured) H-Cl bonggngth 127 pm
If 100% ionic,

11 =£0@.80D) = 6.09D
ionic = (1.03/6.09)x100 = 17%

A "SPECTRUM" OF BONDS

The implication of all this is that there is no clear-cut division between covalent and ionic bonds. In a pure covalent bond, the electrons
are held on average exactly half way between the atoms. In a polar bond, the electrons have been dragged slightly towards one end.
How far does this dragging have to go before the bond counts as ionic? There is no real answer to that. Sodium chloride is typically
considered an ionic solid, but even here the sodium has not completely lost control of its electron. Because of the properties of sodium
chloride, however, we tend to count it as if it were purely ionic. Lithium iodide, on the other hand, would be described as being "ionic
with some covalent character". In this case, the pair of electrons has not moved entirely over to the iodine end of the bond. Lithium
iodide, for example, dissolves in organic solvents like ethanol - not something which ionic substances normally do.
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e No electronegativity difference between two atoms leads to a pure non-polar covalent bond.
e A small electronegativity difference leads to a polar covalent bond.
e A large electronegativity difference leads to an ionic bond.

Example 1: Polar Bonds vs. Polar Molecules

In a simple diatomic molecule like HCI, if the bond is polar, then the whole molecule is polar. What about more complicated

molecules?
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Figure: (left) CCly (right) CHCl3
Consider CCly, (left panel in figure above), which as a molecule is not polar - in the sense that it doesn't have an end (or a side)
which is slightly negative and one which is slightly positive. The whole of the outside of the molecule is somewhat negative, but
there is no overall separation of charge from top to bottom, or from left to right.
In contrast, CHClj; is a polar molecule (right panel in figure above). The hydrogen at the top of the molecule is less electronegative
than carbon and so is slightly positive. This means that the molecule now has a slightly positive "top" and a slightly negative
"bottom", and so is overall a polar molecule.

A polar molecule will need to be "lop-sided" in some way.

EXERCISES

For the following compounds,

a) add lone pairs of electrons to complete octets

b) add dipole moment arrows or partial +/- signs to indicate polar bonds

c) predict the molecular polarity (Remember to visualize each compound in three dimensions.)
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