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12.4: Electronegativity and Dipole Moment

Within a group of the periodic table, bond lengths tend to increase with increasing atomic number Z. Consider the Group 17
elements:

F, d=141.7pm
Cl, d=199.1pm
Bry d=228.6pm
I, d=266.9pm

which corresponds to an increased valence shell size, hence increased electron-electron repulsion. An important result from
experiment, which has been corroborated by theory, is that bond lengths tend not to vary much from molecule to molecule. Thus, a
C H bond will have roughly the same value in methane, C' Hy as it will in aspirin, Cg HgOy.

Bond dissociation energies. AE,; measured in kJ/mol, measure the energy required to break a mole of a particular kind of bond.
A similar periodic trend exists for bond dissociation energies. Consider the hydrogen halides:

HF AE;=565kJ/mol d=0.926 pm
HCl AE;=429kJ/mol d=128.4 pm
HBr AE;=363kJ/mol d=142.4 pm
HI AE;=295kJ/mol d=162.0 pm

Thus, as bond lengths increase with increasing Z, there is a corresponding decrease in the bond dissociation energy.

CC bonds are an exception to the the rule of constancy of bond lengths across different molecules. Because C'C bonds can be
single, double, or triple bonds, some differences can occur. For example, consider the C'C bond in the molecules ethane (C2Hg),
ethylene (CyHy) and acetylene (CyHa):

CoHs (single) d—1.536 A AE, — 345 kJ/mol
C>2H,; (double) d=133.7pm AE;=612kJ/mol
CyH, (triple) d=126.4pm AE;=2809kJ/mol

The greater the bond order, i.e., number of shared electron pairs, the greater the dissociation energy. The same will be true for any
kind of bond that can come in such different **flavors", e.g., NN bonds, OO bonds, N O bonds, CO bonds, etc.

(@) (b)
&+
Nonpolar covalent bond Polar covalent bond lonic bond
Bonding electrons shared Bonding electrons shared Complete transfer of one or more
equally between two atoms. unequally between two atoms. valence electrons.
No charges on atoms. Partial charges on atoms. Full charges on resulting ions.

Figure 12.4.1 : 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.

The two idealized extremes of chemical bonding;:

1. Tonic bonding—in which one or more electrons are transferred completely from one atom to another, and the resulting ions are
held together by purely electrostatic forces—and
2. Covalent bonding, in which electrons are shared equally between two atoms.

Most compounds, however, have polar covalent bonds, which means that electrons are shared unequally between the bonded
atoms. Figure 12.4.1 compares the electron distribution in a polar covalent bond with those in an ideally covalent and an ideally
ionic bond. Recall that a lowercase Greek delta () is used to indicate that a bonded atom possesses a partial positive charge,
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indicated by 6, or a partial negative charge, indicated by 6, and a bond between two atoms that possess partial charges is a polar
bond.

Most real chemical bonds in nature are neither truly covalent nor truly ionic. Only homonuclear bonds are truly covalent, and
nearly perfect ionic bonds can form between group I and group VII elements, for example, KF. Generally, however, bonds are
partially covalent and partially ionic, meaning that there is partial transfer of electrons between atoms and partial sharing of
electrons. To quantify how much ionic character (and how much covalent character) a bond possesses, electronegativity differences
between the atoms in the bond can be used. In 1936, Linus Pauling came up a method for estimating atomic electronegativities
forms the basis of our understanding of electronegativity today.

Only homonuclear bonds are truly covalent, or as covalent as a bond can get. As discussed in Section 12.2, a quantum-
mechanical treatment has shown that the two ionic structures (e.g., H"H~ and H H™" for H,) also contribute via a
resonance with the covalent structure H — H . However, this is often to a small extent, for example in Hs, each ionic structure
contributes only ~2% to the bonding of the molecule.

Pauling Electronegativity

Linus Pauling described electronegativity as “the power of an atom in a molecule to attract electrons to itself.” Basically, the
electronegativity of an atom is a relative value of that atom's ability to attract election density toward itself when it bonds to another
atom. The higher the electronegative of an element, the more that atom will attempt to pull electrons towards itself and away from
any atom it bonds to. The main properties of an atom dictate it's electronegativity are it's atomic number as well as its atomic
radius. The trend for electronegativity is to increase as you move from left to right and bottom to top across the periodic table. This
means that the most electronegative atom is Fluorine and the least electronegative is Francium.

Recall the Mulliken's method was based on the arithmetic average of the first ionization energy I FE; and the electron affinity EA.
Both of these energies are properties of individual atoms, hence this method is appealing in its simplicity. However, there is no
information about bonding in the Mulliken method. Pauling's method includes such information, and hence is a more effective
approach.

To see how the Pauling method works, consider a diatomic A B, which is polar covalent. Let AE 44 and AEpp be the dissociation
energies of the diatomics Ay and By, respectively. Since As and B; are purely covalent bonds, these two dissociation energies can
be used to estimate the pure covalent contribution to the bond AB. Pauling proposed the geometric mean of AE44 and AEpg,
this being more sensitive to large differences between these energies than the arithmetic average:

pure covalent contribution = \/AE 4 AEpg (12.4.1)

If AE 4p is the true bond dissociation energy, then the difference

AE 5 —/AEs4AEps (12.4.2)

is a measure of the ionic contribution. Let us define this difference to be A:

A=AFE g —+/AE 4AEBg (12.4.3)

Then Pauling defined the electronegativity difference x4, — xp between atoms A and B to be

x4 —xB = 0.102vA (12.4.4)

where A is measured in kJ/mol, and the constant 0.102 has units mol'/2/kJ'/2, so that the electronegativity difference is
dimensionless. Thus, with some extra input information, he was able to generate a table of atomic electronegativities that are still
used today and is Tablated in Table A2 (Figure 12.4.2).
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Figure 12.4.2: Pauling Electronegativity Values of the s-, p-, d-, and f-Block Elements. Values for most of the actinides are
approximate. Elements for which no data are available are shown in gray. Source: Data from L. Pauling, The Nature of the
Chemical Bond, 3rd ed. (1960).

To use the electronegativities to estimate degree of ionic character, simply compute the absolute value of the difference for the two
atoms in the bond. As an example, consider again the hydrogen halides:

HF |xr—xu|=1.78
HCU |xoi — x| =0.96
HBr |xpr—xu|=0.76
HI |XI_XH| =0.46

As the electronegativity difference decreases, so does the ionic character of the bond. Hence its covalent character increases. It is
possible to predict whether a given bond will be non-polar, polar covalent, or ionic based on the electronegativity difference, since
the greater the difference, the more polar the bond (Figure 12.4.3)

Electronegativity difference, AyP Bond
Ax<0.4 covalent
04<Ax<17 polar covalent
Ay > 1.7 ionic
0 1 7|2 J3
AX
& 5

- L
Figure 12.4.3: Range of Bonds Polarity based on difference of Electronegativites
As the electronegativity difference decreases, so does the ionic character of the bond.
Hence its covalent character increases.

Dipole moment
In a nearly perfect ionic bond, such as K'F', where electron transfer is almost complete, representing the molecule as
K'F~ (12.4.5)

is a very good approximation, since the charge on the potassium will be approximately le and the charge on the fluorine will be
approximately —1le. For a polar covalent bond, such as HF, in which only partial charge transfer occurs, a more accurate
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representation would be
HTFp~? (12.4.6)

where 6, expressed in units of \(e\), is known as a partial charge. It suggests that a fraction of an electron is transferred, although
the reality is that there is simply a little more electron density on the more electronegative atom and a little less on the
electropositive atom.

How much charge is actually transferred can be quantified by studying the electric dipole moment of the bond, which is a quantity
that can be measured experimentally. The electric dipole moment for a diatomic with charges Q1 = Q = de and Q2 = —Q = —de
on atoms 1 and 2, respectively, is

p=Q1ir1 +Qaro

=Qr1 —Qrs
=Q(r1—r2)
Hence, the magnitude of the dipole moment is
p=lpl=Qlri—r2| =QR (12.4.7)

where R is the bond length. As an example, consider H F', which has a partial charge on H of 0.41 e, which means § = 0.41, and
a bond length of 0.926 ;1 Thus, the magnitude of the dipole moment is
|| = 0.41(1.602 x 107°C)(0.926 x 10 %m) = 6.08 x 107°°C - m (12.4.8)

Thus, the units of the dipole moment are Coulomb-meters. However, as this example makes clear, this is a very large unit and
awkward to work with for molecules. A more convenient unit is the Debye (D), defined to be

1 D=3.336 x 10*° Coulomb - meters (12.4.9)

Historically, the Debye was defined in terms of the dipole moment resulting from two equal charges of opposite sign and
separated by 1 Angstrom (1071° m) as 4.801 D from Equation 12.4.7. This value arises from

(1.602 x 10719)(1 x 10710)
3.336 x 1030

where
D =3.336x107"%0 Cm
or

1Cm=2.9979 x10*° D

Thus, for a diatomic with partial charges +¢§ and —J, the dipole moment in D is given by

o

0xR(A
w(D) = % (12.4.10)
0.2082 A D1
and the percent ionic character is defined in terms of the partial charge d by
percent ionic character = 100% * § (12.4.11)

Typical dipole moments for simple diatomic molecules are in the range of 0 to 11 D (Table 12.4.1). Equation 12.4.11 can be
expressed differently in terms of the expected dipole assuming a full charge separation (t;oni.) compared to the experimental
dipole moment (ftezp )

Hexp

percent ionic character = 100% (12.4.12)

Mionic
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Calculate a theoretical dipole moment for the KBr molecule, assuming opposite charges of one fundamental unit located at
each nucleus, and hence the percentage ionic character of KBr.

Solution

From Table 12.4.1, the observed dipole moment of KBr is given as 10.41 D, (3.473 x 10"%° Coulomb-meters), which being
close to the upper level of 11 indicates that it is a highly polar molecule. The interatomic distance between K and Br is 282
pm. From this it is possible to calculate a theoretical dipole moment for the KBr molecule, assuming opposite charges of one
fundamental unit located at each nucleus, and hence the percentage ionic character of KBr.

Dipole moment
i =g X e xd (in Coulomb-meters) (12.4.13)

e =1 for complete separation of unit charge
e e=1.602x1019C
e d=2.82x10"m for KBr (282 pm)

Hence calculated ionic dipole moment is
B, = (1)(1.602 x 10719)(2.82 x 1071%) =4.518 x 107** Cm =13.54 D
The observed dipole moment is
Lxp, =3.473x107%° Cm =10.41 D
the % ionic character from Equation 12.4.12is

3.473 x 10729 10.41 D
= — 1 = —
"= asEx10® %= 3D

and the % covalent character is therefore about 23% (100% - 77%).

% 100% = 76.87%

Given the observed dipole moment is 10.41 D (3.473 x 1029) it is possible to estimate the charge distribution from the same
equation by now solving for q.

Dipole moment p = q * e * d Coulomb metre, but since q is no longer 1 we can substitute in values for p and d to obtain an
estimate for it.

q=p/(e*d)=3.473x102%/(1.602 x 1071° * 2.82 x 10710
thus q = 3.473 x 10 / (4.518 x 102%) = 0.77 and the 8- and 6+ are -0.8 and +0.8 respectively.

v/ Example 12.4.2: NaCl

In the gas phase, NaCl has a dipole moment of 9.001 D and an Na—Cl distance of 236.1 pm. Calculate the percent ionic
character in NaCL

Given: chemical species, dipole moment, and internuclear distance

Asked for: percent ionic character

Strategy:

A Compute the charge on each atom using the information given and Equation 8.4.2.

B Find the percent ionic character from the ratio of the actual charge to the charge of a single electron.
Solution:

A The charge on each atom is given by

3.3356 x 107 C- 1
Q=% -9.001 p “ Z ! ) Z1272x10719 0 (12.4.14)
r 1 D 236.1 pp- 107
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Thus NaCl behaves as if it had charges of 1.272 x 107 C on each atom separated by 236.1 pm.

B The percent ionic character is given by the ratio of the actual charge to the charge of a single electron (the charge expected
for the complete transfer of one electron):

1.272x10°" ¢
1.6022 x 1071 ¢

% ionic character = ( ) (100) =79.39% ~ 79% (12.4.15)

? Exercise 12.4.2: AgCl

In the gas phase, silver chloride (AgCl) has a dipole moment of 6.08 D and an Ag—Cl distance of 228.1 pm. What is the percent
ionic character in silver chloride?

Answer
55.5%
Table 12.4.1: Bond characteristics of select diatomics
diatomic Ax %ionic bond dist (pm) Hegp (D) ionic (D)
Cl, 0.0 0.0 200 0.00 9.60
IBr 0.3 5.9 247 0.70 11.86
HI 0.4 5.7 161 0.44 7.73
IC1 0.5 5.4 232 0.60 11.14
HBr 0.7 12.1 141 0.82 6.77
HCI 0.9 17.7 127 1.08 6.10
CIF 1.0 11.2 163 0.88 7.83
BrF 1.2 15.1 178 1.29 8.55
LiI 1.5 65.0 238 7.43 11.43
HF 1.9 41.2 92 1.82 4.42
LiBr 1.8 69.8 217 7.27 10.42
KI 1.7 73.7 305 10.80 14.65
LiCl 2.0 73.5 202 7.13 9.70
KBr 2.0 76.9 282 10.41 13.54
NaCl 2.1 79.4 236 9.00 11.33
Kcl 2.2 80.1 267 10.27 12.82
CsCl 2.3 74.6 291 10.42 13.97
LiF 3.0 86.7 152 6.33 7.30
KF 3.2 82.5 217 8.60 10.42
CsF 3.3 64.4 255 7.88 12.25

Pauling proposed an empirical relationship (instead of the defintion in Equation 12.4.12) which relates the percent ionic character
in a bond to the electronegativity difference.

percent ionic character = 100% (1 — e(AX/Z)Z) (12.4.16)
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This is shown as the curve in Figure 12.4.4 and is compared to the values for some diatomic molecules calculated from observed
and calculated dipole moments.

% ionic character versus Electronegativity difference
100

% ionic character

Ay

Figure 12.4.4: A Plot of the Percent Ionic Character of a Bond as Determined from Measured Dipole Moments versus the
Difference in Electronegativity of the Bonded Atoms.In the gas phase, even CsF, which has the largest possible difference in
electronegativity between atoms, is not 100% ionic. Solid CsF, however, is best viewed as 100% ionic because of the additional
electrostatic interactions in the lattice.

As an example, consider HF' again, for which § = 0.41. The bond length is R =0.926 A. Thus, its dipole moment will be

| 0.4140.926 4

(D) =1.82D (12.4.17)

0.2082 A D!

and its percent ionic character is 41%.

v/ Example 12.4.3: Bond Polarity

Without consulting the table of electronegativities (use the periodic table), arrange the following bonds in order of decreasing
polarity:

B—Cl, Ba—Cl, Be—Cl, Br—Cl, CI—CI.
Solution

We first need to arrange the elements in order of increasing electronegativity. Since the electronegativity increases in going up
a column of the periodic table, we have the following relationships:

Ba <Be and Br < Cl
Also since the electronegativity increases across the periodic table, we have
Be<B
Since B is a group III element on the borderline between metals and non-metals, we easily guess that
B <Br
which gives us the complete order
Ba<Be<B<Br<(Cl

Among the bonds listed, therefore, the Ba—CIl bond corresponds to the largest difference in electronegativity, i.e., to the most
nearly ionic bond. The order of bond polarity is thus
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Ba—Cl > Br—Cl > B—CI > Br—Cl > CI—Cl

where the final bond, CI—Cl,is, of course, purely covalent.

Contributors

¢ Mark Tuckerman (New York University)

o Ed Vitz (Kutztown University), John W. Moore (UW-Madison), Justin Shorb (Hope College), Xavier Prat-Resina (University of
Minnesota Rochester), Tim Wendorff, and Adam Hahn.

e Prof. Robert J. Lancashire (The Department of Chemistry, University of the West Indies)

12.4: Electronegativity and Dipole Moment is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by
LibreTexts.

https://chem.libretexts.org/@go/page/41382


https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/41382?pdf
http://chemistry.fas.nyu.edu/object/marketuckerman.html
http://chemistry.fas.nyu.edu/page/home
http://www.chem.wisc.edu/users/jwmoore
http://www.hope.edu/academic/chemistry/faculty/shorb/index.html
http://sites.google.com/a/r.umn.edu/prat-resina/
http://wwwchem.uwimona.edu.jm/chrl.html
https://chem.libretexts.org/Bookshelves/Physical_and_Theoretical_Chemistry_Textbook_Maps/Map%3A_Physical_Chemistry_for_the_Biosciences_(Chang)/12%3A_The_Chemical_Bond/12.04%3A_Electronegativity_and_Dipole_Moment
https://creativecommons.org/licenses/by-nc-sa/4.0

