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1. OVERVIEW OF THE CHEMICAL BOND
- Factors determining the chemical behavior
of atoms

- Types of chemical bonding (covalent - ionic)

Electric forces and electric potential energy in
chemistry

At an atomic or molecular level, electrical forces (electrical interac-
tions) outweigh* gravitational forces.** Central to any description of
these electrical interactions is Coulomb's law. According to this law, a
force Fc is exerted between two point electric charges g; and gz. This
force is attractive when we have electric charges of opposite sign, but
repulsive when we have electrical charges of the same sign. The magni-
tude/measure of this force becomes larger (in absolute value) as the
charges increase, but smaller if the distance between them increas-
es.*** Fig. 1 shows the vectors for the Coulomb forces acting between
two same-sign and two opposite-sign electrical charges.

A similar relationship also applies to the (electric potential) energy
that corresponds to the Coulomb force, with potential energy being posi-
tive for repulsive forces, and negative for attractive forces. The magni-
tude and sign of the energy is very important as a criterion for determin-
ing the direction of changes in nature, with change always being sponta-
neous towards reducing energy (principle of minimum energy).

» Coulomb's law and the principle of minimum energy apply to both
macroscopic bodies and to submicroscopic particles, such as mole-
cules, atoms, atomic nuclei, and electrons.

q, g,

J

» The atomic model used here considers electrons to be "placed” in
(electron) shells around the nucleus (and constantly moving around
it). **** We distinguish these shells as either inner shells or the outer
shell. The latter plays a decisive role in the formation of chemical
bonds and the chemical properties of molecules and it is called the
valence shell. Furthermore, electrons in this shell are called valence
electrons.
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* The ratio of the electric
force to the gravitational
force between two electri-
cally charged atoms (ions)
is ~ 1000.

** The magnitude of the
gravitational force increas-
es as the masses of the
bodies increase, and as
the distance between them
decreases.

*** The magnitude of the
Coulomb force, | F¢l|, is
proportional to the product
of the interacting charges
g; and g, and inversely
proportional to the square
of the distance r between
them:

| Fe| = (klaraal)r®

where k is the proportional-
ity constant, the value of
which depends on the ma-
terial in which the charged
particles are embedded.

FIGURE 1. Coulomb force
between two electric
charges showing repulsive
forces (top) and attractive
forces (bottom)

=+ According to the mod-
ern guantum mechanical
picture of atoms and mole-
cules, instead of discrete
electrons that move in or-
bits/shells, we have an
electron cloud.



Factors that determine the chemical behavior of atoms

The chemical behavior of atoms is determined primarily by two parame-
ters. These are:

1. the valence electrons
2. the size of the atom (atomic radius)

Valence electrons

Table 1 shows the valence electrons for selected elements. Note that va-
lence electrons up to 4 are single (lone electrons), while for 5 and above
pairs begin to form: with 5 electrons, one electron pair is formed plus 3
unpaired/lone electrons; with 6 electrons, we find two pairs plus 2 un-
paired; with 7 electrons, we have three pairs plus one unpaired; and final-
ly, with eight electrons, we have four pairs. Based on this table we can
determine electronic formulas for compounds formed (see below).

TABLE 1: Valence electrons for elements belonging to main groups

(groups A) of the periodic table
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Atomic radius (the size of the atom)

The size of an atom is one of the most smoothly varying properties
throughout the periodic table.

» Across a period, the atomic radius decreases from left to right.

This is because as we go from left to the right, the atomic number in-
creases, thus increasing the positive charge on the nucleus, and thereby
reducing the radius, because of greater attraction of the electrons by the
nucleus. Also,

» Within a group, the atomic radius increases from top to bottom.
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As we go down a group, new shells are added and the distance of valence
electrons from the nucleus increases because the net attraction is reduced,
and, consequently, the atomic radius increases (see Fig. 2).

The size of an atom determines the force with which the electrons in
the outer shell are held by the nucleus, because forces of electrostatic na-
ture (Coulomb forces) are exerted between the positively charged nucleus
and the negatively charged electron. Therefore, the smaller the atom, the
more difficult it is to lose electrons, but the more readily the atom can
gain electrons (more strongly attracted by the nucleus). Conversely, the
larger an atom, the more easily it loses electrons but the harder it will be
to gain electrons (weaker attraction by the nucleus).

» An atom that tends to gain electrons is called electronegative, while
an atom that tends to lose electrons is called electropositive.

Electronegativity

The electronegativity of an atom is a property used to indicate the at-
om’s capacity to attract electrons. The electronegativity of an atom can-
not be measured directly but it is calculated from other atomic properties.

Various ways of calculating the electronegativity have been pro-
posed, with the Pauling scale being most widely used. Table 2 is a peri-
odic table of the (dimensionless) electronegativity values of atoms ac-
cording to the Pauling scale. The scale is relative and the values range
from 0.7 for francium (Fr) to 3.98 for fluorine (F). For hydrogen, the val-
ue is 2.20.

> Note that, strictly speaking, the electronegativity (based on the way
its value is calculated), is not a property of the atom, but rather a
property of the atom in a molecule.

> In general, electronegativity increases, from the left to right, across a
period in the periodic table (C <F), while within a group of the peri-
odic table it decreases from top to bottom (F>CI).

Following from this, it is apparent that cesium (Cs) will lose an elec-
tron more easily than sodium (Na). Similarly, a chlorine (CI) atom will
gain an electron more readily than will an iodine (1) atom (Fig. 2).

EXERCISE

Compare the atoms of lithium (Li) and sodium (Na) with regard to: (a)
their atomic number and (b) their radius. Use this information and Cou-
lomb’s law to predict which is the more electronegative of the two ele-
ments, lithium or sodium, and, correspondingly, which will be the more
electropositive element of the two. Use the Pauling electronegativity val-
ues to confirm your conclusion.

F{(72 pm)

Cl (99 pm)

Br (114 pm)

I1(133 pm)

FIGURE 2. The atomic radii
of halogens in picometers
(pm)

A pm= 10%m.
1 mm = 1 billion pm).

The values of Pauling electro-
negativity are: F = 3,98,
Cl =3,16, Br = 2,96, | = 2,66.



TABLE 2. Periodic table of electronegativity values of the atoms according to Pauling.*

Group (vertical) 1 2 3 4 5 6 7 8 g 10 1 12

Period (horizontal)
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Periodic table of electronegativity using the Pauling scale

* NOTE: In this periodic table, the modern IUPAC continuous numbering system is used
for the groups. For instance, group 1 stands for the group IA of the earlier system, while
17 stands for VIIA. (IUPAC: International Union of Pure and Applied Chemistry)
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What really makes atoms form chemical bonds? Generally speaking, we
can accept that in a molecule, nuclei of the atoms are held together (they
are linked with a chemical bond) because of nuclei-electrons attractions;
a simple application of Coulomb's law.* The stability of the molecule,
and thus the equilibrium distance between the nuclei (the length of the
chemical bonds), is directly linked to attaining minimum energy. All
chemical bonds (regardless of their type) can be explained on the basis of
the need for achieving stability, that is, minimum energy.

Covalent bonding between atoms of the same chemical el-
ement

We begin with the study of chemical bonding in diatomic molecules
composed of atoms of the same element (homonuclear molecules), such
as Hy, F, C|2, 0O, and No.

* This is an oversimplified
static model of a molecule:
according to quantum the-
ory, the explanation is
more complex.

Note that, apart from the
potential energy, the kinet-
ic energy of the electrons
also contributes to the en-
ergy of atoms and mole-
cules.


https://en.wikipedia.org/wiki/International_Union_of_Pure_and_Applied_Chemistry

NOTE: The formulas Hy, F;, Cl,, O,, and N, which show the type and
number of atoms that are present in a molecule, are called molecular
formulas.

For reasons that will become apparent below, the bond in such molecules
is named covalent and the molecules covalent molecules (and the corre-
sponding compounds are named covalent compounds).

Fig. 3 shows graphically the difference in energy between two sepa-
rate hydrogen atoms (H) (top) and the hydrogen molecule (Hz) (below).
We clearly observe that the hydrogen molecule has lower energy than the
total energy for the two isolated hydrogen atoms, thus the molecule is
more stable than the two separated atoms.
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FIGURE 3 The formation of a covalent bond results in the system acquiring a

lower energy, as shown schematically for the case of formation of a hydrogen

molecule from two isolated hydrogen atoms. On the other hand, energy will be
required to break the bond (bond energy). The stronger the bond, the greater

the energy that will be needed.

> In 1916 Lewis proposed his ingenious model of an electron pair
shared between the two bonded atoms of e.g. hydrogen, fluorine, etc.
The bonds are justified by the concept of an electron pair, because
of the contribution of electrons and the overlap of the valence elec-
tron clouds.

» The rule of eight electrons (octet rule) helps to predict: (a) the num-
ber of covalent bonds formed by any atom, and (b) the stoichiometry
of a molecule of the resulting compound.

EXAMPLE: Formation of a covalent bond in the molecule H,

Let us now consider how two hydrogen atoms might be combined to
form a hydrogen molecule. Each hydrogen atom can contribute its single
electron to produce a common shared electron pair, that is, a pair that
now belongs to both atoms. In this way each of two atoms will acquire
the electronic structure of the noble gas 'helium' (He):

H + H——> H:H

Fluorine gas: the first ele-
ment in the group of halo-
gens is the most electro-
negative of all chemical
elements.

—

The metal cesium (Cs), the
penultimate element of the
group of alkali metals is the
most electropositive of all
the naturally occurring
chemical elements.

(The element francium, Fr,
the heaviest of the alkali
metals is in fact more elec-
tropositive than Cs, but is
radioactive and unstable
and must be synthesized
artificially - artificial chemi-
cal element.)

The Octet Rule

Atoms tend to fill their va-
lence shell with eight elec-
trons to obtain a noble gas
structure - unless the outer
shell is the K shell, where
only two electrons are
needed to obtain such a
structure.



» The formula H : H showing all valence electrons of the atoms in-
volved in the chemical bond is called an electronic formula or Lewis
structure.

We can similarly account for the covalent bonding in the molecules F,
and Cl,. We observe that the molecules H,, F, and Cl;, all have a shared
electron pair and we say that we have a SINGLE BOND, which is denot-
ed by a single dash between the two atoms: H—H, F—F and C1—Cl.

NOTE: The formulas H—H, F—F, and Cl—Cl that show the chemical
bonds in a molecule (how the atoms of the molecule are linked by chemi-
cal bonds) are called structural formulas. For F, and Cl, the corre-
sponding electronic formulas (Lewis structures) are:

|:2 s Cl, ®-v
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Using similar reasoning we find that in O, we have a DOUBLE
BOND (two shared electron pairs) (structural formula: O=0), while in
N, we have a TRIPLE BOND (structural formula: N=N) (three shared
electron pairs). The corresponding electronic formulas are:

. - . AN Nitrogen Gas
‘9.+'Q‘ 'p"QO or \O_D/ 2 (Dln%rooen)

e B e pons 5() :
in the valence shell

Covalent bonding between atoms of different chemical elements

In the case of homonuclear diatomic molecules, the two bonded atoms
are identical, have the same electronegativity and therefore the same ca-
pacity to attract the common electron pair. We can now study the bond
that will be formed between atoms of different elements (a heteronuclear
bond), where the atoms can have different though not very different
electronegativities. In fact both elements will be nonmetals, e.g. HCI
(hydrogen chloride), H,O (water), and NH3 (ammonia).

EXAMPLE: Formation of a hydrogen chloride molecule (HCI) from
a 1H atom and a ;7CIl atom

Here both atoms contribute their single (unpaired) electron to form a co-
valent bond. In this way both atoms are able to acquire a noble gas struc-
ture. On the basis of the electronic formula, we observe that in the HCI
molecule we have three non-bonding electron pairs (that is, electrons not
participating in the formation of bonds) and one bonding pair, which
constitutes the covalent bond:



H +.Chi——H:Cl:  H-Cl

The above representations, showing the distribution of the valence
electrons in the molecule, and the formation of covalent bonds, are called
electronic formulas or Lewis structures. The covalent bond may be
represented with a dash (H—CI, structural formula).

» The nature of the chemical bond in this case is also covalent and is
indeed similar to that for the case of homonuclear molecules. The
basic difference is that the two atoms now have different, but not very
different, electronegativities. This results in bond polarization, which
we will study later.

It is evident from the above that the octet rule can help our under-
standing of: (a) the number of covalent bonds formed between two at-
oms, and (b) the stoichiometry of a molecule of the resulting compound
[e.g. (H)1(CD1, (H)2(O)1, (H)3(N)1]. But note that there are many covalent
compounds for which this rule does not apply (e.g., BF3).

EXERCISE: Confirm that in the case of the molecule BF3, the octet rule
does not apply.

3. IONIC BONDING

We begin now to study a second type of chemical bond, the ionic bond,
from the experimental observation that the melts of certain compounds
(e.g. NaOH, NaCl) (as well as the aqueous solutions of electrolytes -
ACIDS, BASES AND SALTS) are conductors of direct electric current
(while a pure liquid or liquefied covalent compound, e.g. Br, is not).
This leads to the conclusion that in the electrolytes [melts (see Fig. 4)
and aqueous solutions*] there exist mobile electric charges, which we
call ions. In contrast, in the solid state of these compounds there is no
mobility, so we do not have conduction of electricity.

» The overall system (melt or solution of the electrolyte) is electrically
neutral, leading to the assumption of the existence of positive and
negative ions, which overall in the electrolyte have equal but oppo-
site electric charges.

» These experiments suggest that for substances where the melts are
electrical conductors, ions must preexist in the crystal lattice.

» In the crystal lattice oppositely charged ions will attract each other,
while ions with charges of the same sign will repel each other,
through Coulombic interactions. These forces are exerted between
any two ions in a crystal lattice, but become stronger as the ions lie
closer to each other (see Fig. 5).

Chemical analysis is able to show the ratio of positive to negative
ions in an ionic compound, e.g. (Na)i(Cli, (Ca)(Cl),, (Fe)i(Cl),,
(Fe)1(Chs, (Na)2(0)1, (Ca)1(S)1, Moreover, experimental data can quanti-
fy the electric charge of any specific ion, Na*, CI~, Ca**, Fe**, Fe**, 0°,
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Strictly speaking the term
electrolyte specifically re-
fers to either a melt or an
aqueous solution; howev-
er, it is now usual also to
refer to certain pure sub-
stances ( ACIDS, BASES
and SALTS) as electrolytes

* Dissolution of NaCI(s) in
water results in dissocia-
tion of the crystal, so that
the ions are now able to
move freely (a conductor of
electricity).



S?. These charges then explain the ratio of positive and negative ions in
any ionic compound.
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FIGURE 4. Melting a crystal of NaCl breaks up the lattice so that the ions can
move freely (a conductor of electricity)

To explain the charges on these ions, we use the MODEL of electron
transfer from the atom of the more electropositive element to the atom of
the more electronegative element, resulting in a cation and an anion,
which obey the octet rule.

Formation of ionic compounds

An atom of any element of the alkali metal group (e.g. sodium, Na) con-
tains only a single electron in its outer shell. The sodium ion, Na®*, has
lost this valence electron and has thereby acquired a noble gas (Ne) struc-
ture. Furthermore, the atom of any element of the halogens group (e.g.
chlorine, CI) has seven electrons in its outer shell. The chlorine ion, CI~,
has gained an electron and thereby acquired a noble gas structure (Ar).

> In general, elements where the atoms have "few" electrons in their
outer shell have a tendency to lose electrons to form cations (electro-
positive elements). This usually happens with the elements from the
first three main groups (1A, 1A, I11A) of the periodic table.

» Conversely, elements where the atoms have "many" electrons in their
outer shell have a tendency to gain electrons to form anions (electro-
negative elements). This usually happens with the elements of the
last three groups (not counting the noble gases group) on the right-
hand side of the periodic table (groups VA, VIA and VII).

Let us now look at another example of ionic compound formation,
that of lithium fluoride, LiF, from the metallic element lithium (sLi) and
the nonmetallic element fluorine (oF). The electronic structure of the at-
oms are: sLi(2,1) and oF(2,7). Accordingly, in LiF we have: Li*(2) and
F(2,8).

FIGURE 5. Two-
dimensional representation
of the crystal structure (of
the crystal) of NaCl.

Octet rule

Atoms tend to fill their va-
lence shell with eight elec-
trons to obtain a noble gas
structure, except where the
outer shell is the K shell,
where the noble gas struc-
ture requires only two elec-
trons.



In an analogous manner, the ionic compound NaCl is formed from so-
dium (1;Na) and chlorine (17Cl). The electronic structure of the sodium
atom is: 11Na(2,8,1) and the electronic structure of the chlorine atom is:
17CI(2,8,7). Therefore, in NaCl we have: Na*(2,8) and CI7(2,8,8).

IMPORTANT NOTE 1: lonic compounds have a crystalline structure,
in which the ions are located so that, in NaCl for example, each cation is
surrounded by six anions and each anion is surrounded by six cations
(see Fig. 6). This arrangement ensures that minimum energy and hence
maximum stability is achieved. Moreover, it is apparent that in the crys-
tal of an ionic compound, such as NaCl, the Coulomb forces are exerted
in all directions, between each pair of Na* and CI.

IMPORTANT NOTE 2: In ionic compounds there is no concept of
molecules, but the chemical formulas simply show the simplest integer
ratio of positive and negative ions in the crystal.

IMPORTANT NOTE 3: Let us consider the formation of crystalline
NaCl(s) from the chemical reaction between elemental sodium metal,
Na(s) and elemental chlorine gas, Cl,(g). This is quite a complex pro-
cess, involving far more than the formation of individual Na*(g) ions and
CI(g) ions from individual atomic gaseous Na(g) and CI (g), with loss
and gain of an electron, respectively. In fact an isolated Na*(g) ion to-
gether with an isolated CI(g) ion are not energetically more stable than
an individual Na(g) atom together with an individual CI(g) atom. As
mentioned above (Important Note 1), the achieved crystalline state en-
sures minimum energy, that is maximum stability, for the system. We
conclude that it is NOT the octet rule that "imposes" the formation of an
ionic bond; however, the octet rule is able to explain the charges on the
ions and the stoichiometry of ionic compounds.

Fig. 5 shows a two-dimensional representation of the crystal structure
(of the crystal) of NaCl, in which each cation is surrounded by four ani-
ons, and each anion is surrounded by four cations. The fifth and the sixth
counter ions are found in the parallel ion layers above and below the
plane of the paper. (See also the three-dimensional representation of the
NaCl crystal structure in Fig. 6.)

» Therefore, in ionic compounds there is no concept of a molecule.
(Compare with the case of the covalent bond in the molecule H-H or
the case of water in Fig. 7). The chemical formula, for example NaCl,
merely shows the simplest integer ratio of cations and anions in the
crystal.

Electronic formulas of ionic compounds
As we did for covalent/molecular compounds, we can also write elec-

tronic formulas (Lewis structures), for ionic compounds, showing in
this case all valence electrons of the two ions.

Conclusion

In the formation of an ionic
compound between two
atoms, one atom loses 1-3
electrons, thus forming a
cation (positive ion) (e.g.
Na*, Ca®*, A*"). In con-
trast, the other atom gains
1-3 electrons, thus forming
an anion (negative ion).

FIGURE 6. Three-

dimensional representation
of the crystal structure (of
the crystal) of NaCl.
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FIGURE 7. Discrete water
molecules (example of co-
valent bond).



NOTE 1: In the electronic formulas for ionic compounds, the anion with
its valence electrons is placed within square brackets, with its electronic
charge as a right-hand superscript outside the brackets.

NOTE 2: As a metal atom loses all its valence electron(s) (these elec-
trons having been gained by the nonmetal atom), cations are shown with-
out electrons in the electronic formulas.

Features of ionic compounds

The key features of ionic compounds are:

1.

They are mostly metal oxides (e.g., Na,O, CaO), metal hydroxides
(e.g. NaOH, Ca(OH),), and salts (e.g., NaCl, CaCly). *

As a general rule (but with exceptions as we will see below) the bond
between a metallic atom (e.g. Li, Na, Ca) and the atom of a nonmetal-
lic element (e.g. O, F, Cl) is ionic; therefore, the bond is between ions
Li*, Na*, Ca?*, 0*~, F~, CI™ and not between neutral atoms.
Molecules do not exist in ionic compounds; rather a crystal is formed
in which the ions are the structural units.

They have high melting points because strong Coulomb forces hold
the ions in the crystal. For example, common salt (sodium chloride)
melts at about 800°C.

Their crystals are hard and brittle, not malleable and ductile, as is the
case with the crystals of metals.

Unlike the crystals of metals (metallic crystal lattices, see Fig. 8),
ionic compounds are poor conductors of electricity in the solid state.
However, their melts and aqueous solutions do conduct electricity.

Many ionic compounds are soluble in water.
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Tonic compounds: Lewis structures

Na(l - N +[:(51:]'

MgBn 9 Mg~ < 2B
ES 3 2K - [:é':f'

AO; 3 2AF -+ 3[:6:]3'

* The formulas of ionic com-
pounds may be written so
as to show clearly the ions:
(Na*),0*"
Ca2+02—
Na'(OH)~
Ca”(OH) "I,
Na‘'CI”
ca’(ch),



Melting points of ionic compounds

We noted previously that ionic compounds have high melting points. But

how do melting points vary? The first table in the right-hand column be- "0 9 e"g O’

low lists the melting points of ionic compounds (salts) with a constant

cation (Na") but different anions from the VIIA group of the periodic ta- G 9 @ é @ -

ble (halogens). We note a decrease in melting point from top to bottom. Q 0"3 ‘b @

This can be explained on the basis of the increasing size of the anions Sl ®

from top to bottom: the larger the anion, the larger the cation-anion dis- CGURE 8. R ation of
C . . . Representation o

tance, Fhus diminishing the attractive Coulomb forces between the cation the chemical bond in metals

and anion. (metallic bond).

Similarly the second table in the right-hand column below lists _
melting points for ionic compounds (salts), where the anion (CI7) has ~ ©OPServe that cations of the
N . . metal form a solid metallic
been kept constant but the cation is varied down the first group of the pe-  |attice. The electrons re-
riodic table (alkali metals, group IA). The decreasing melting points can  leased by the formation of

again be explained by the increasing size of the cations from top to bot- ~ Metal cations (each metal
tom atom has lost one electron)

do not belong to any specific
cation, but are free to move

throughout the lattice. The
4. COVALENT BOND (Part “) electrical conductivity of the
metal can be attributed to this
mobility of the electrons.
Features of covalent (or molecular) compounds
1. Covalent (or molecular) compounds are significantly different from
ionic ones; they occur as discrete clusters of atoms (molecules), rather
than as extensive aggregates (crystals). Moreover, the attractive forces

between molecules are weak, compared to those between the ions in mop.°C
the crystal lattice. Therefore, molecular compounds tend to occur as NaF(s) +993
soft solids with low melting points, liquids with low boiling points, or NaCl(s) +801
gaseous substances. Of course, there are cases in which the atoms are NaBr(s) +747
linked together by COVALENT BONDS to form macromolecules/ gi- Nal(s) +661
ant structures, such as in the case of diamond or graphite, two carbon
macromolecules (see. Fig. 9): diamond is characterized by extreme m.p. °C
hardness, while both have very high melting points. NaCl(s) +801
KClI(s) +770
2. Covalent compounds are mostly compounds between non-metals: H,O RbCI(s) +718
HCI, NH3, CH,4, CCl4. Oxides of non-metals (e.g., H.O, CO, CO,, CsCl(s) +645

S0,) is a broad category here.

3. They are poor conductors of electricity when pure, but the aqueous
solutions of some covalent compounds (e.g. acids) do conduct elec-
tricity

FIGURE 9. Graphite (left)
and diamond (right) are ex-
amples of crystalline solids
where atoms are linked by
covalent bonds (covalent
crystals).
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Boiling points of covalent compounds

As mentioned previously, covalent compounds usually occur as soft sol-
ids with low melting points, liquids with low boiling points, or as gases.
We will now consider how their boiling points vary. The adjacent table
gives the boiling points for covalent (molecular) compounds, containing
a constant nonmetallic element (H) and different atoms from the VIIA
group of the periodic table (halogens). With the exception of HF, which
has an anomalously high and positive b.p. (it is a gas only at temperatures
above about 19°C), we observe an increase in the boiling point as we
move to heavier halides. The complete explanation for both the HF
anomaly and the trend for the other compounds cannot be given on the
basis of our knowledge to date, but requires an understanding of the forc-
es between molecules (“intermolecular forces" or more correctly "inter-
molecular bonds™).

Variation of energy in a covalent bond

Fig. 10 shows the change in potential energy as the distance between the
two hydrogen atoms (Ry.y) in the hydrogen molecule (Hy) is varied. We
note that at a particular internuclear distance R, the energy reaches a min-
imum. This is the most stable arrangement and R, is referred to as the
length of the chemical bond.

=mT~gR~0 T
—

=M= R3m

—_—

Ro Rus

FIGURE 10. Change in the potential energy of a H, molecule as the H-H dis-
tance increases.

Nonpolar and polar covalent bonds

In the case of a diatomic homonuclear covalent molecule (such as H,),
the atoms forming the bond have the same capacity to attract electrons,
since they have the same electronegativity. The shared electron pair is
therefore equidistant from each of the two atoms. Such a bond is called
nonpolar. However, in the case of a diatomic heteronuclear covalent
molecule, the electron pair will be closer to the more electronegative of
the two bonded atoms. The molecule now has the characteristics of a di-
pole: the more electronegative atom being partially negatively charged
and the less electronegative atom being partially positively charged.
Such a covalent bond is called polar.
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b.p. °C
HF(g) +19.5
HCl(g) -85
HBr(g) -67
Hi(g) -35




Let us consider, as an example, molecules of the hydrogen halides, HF,
HCI, HBr and HI. The difference in electronegativity is 1.9 for HF, 0.9
for HCI, 0.7 for HBr and 0.4 for HI. Therefore, in HF we have a more
polar covalent bond, while in HI the covalent bond is less polar.

An analogy for the chemical bond: the chemical bond as a tug-of-war
game

Imagine two friends playing a game of tug-of-war. They hold a thick
rope at both ends and compete to see who can pull the rope stronger and
move the friend towards himself/herself. Imagine further that the weather
is cold, and that a source of heat (a heater) is fixed, in the middle of the
rope, so both the friends are trying to bring the heater closer so as to
warm themselves.

Usually the stronger player will be able to draw the rope and heater clos-
er to him or her, but will be forced to hold it at a certain distance so as
not to be burned. If it should happen that the two players are of exactly
equally strength, the heater will be maintained at an equal distance from
both. While, a player may momentarily displace the heater to his/her
side, the other will quickly bring it back to the “equilibrium position”.
Our conclusion is that both players will be held together by their efforts
to claim the heater for themselves, justifying the analogy with the chemi-
cal bond.

Provide mappings in the table below to illustrate the relationship between
the two players and the atoms (the two "players™) of the chemical bond:

Tug-of-war game Chemical bond

Players

The player’s strength

Heater

Players with same strength

TIT|T|T|T)e

Players with differing strengths

» Therefore, the ionic bond can be regarded as an extreme case of a po-
lar covalent bond, with bond polarity even larger for an ionic bond.

Shapes of molecules with polar covalent bonds*

6+)  (5) (25 )

H — CI /\

(6+)H H(5+)

(3-) (23+) (3-)
O=C=0
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IMPORTANT NOTE

It is evident that bond po-
larity also occurs in an ion-
ic bond. The difference
from a polar covalent bond
is that while in the ionic
bond we have separation
of integer electric charges
(multiples of the elemen-
tary electric charge) (1+,
2+, 3+,1—,2—,3—),ina
polar covalent bond we
have a fraction of the ele-
mentary charge 6+ and o -
where 0 is a positive num-
ber <1.

* The value of & varies,
depending on the differ-
ence in electronegativity of
the two atoms forming the
bond. The larger the differ-
ence, the more polar the
bond will be.



5. CHEMICAL BONDS - NOT TWO EXTREME CASES,
BUT ACONTINUOUS GRADATION

As noted above, the difference in electronegativity between the two at-
oms involved in forming a chemical bond can vary significantly, giving
rise to a variety of polarity of bonds. The difference in electronegativity
between the two atoms participating in the bond and the resulting polarity
of the bond allows us to assign a percentage ionic character and a per-
centage covalent character to the bond.

> In principle, a purely ionic bond does not really exist, and each ionic
bond has to a greater or lesser extent some degree of covalent charac-
ter. The larger the electronegativity difference between two atoms,
the more ionic the bond will be. Thus, while the bond in Si-O is ~
50% ionic and ~50% covalent, the bonds in Na-Cl and Mg-O have a
smaller proportion of covalent character.

» According to Pauling, a difference of 1.7 in electronegativity between
the bonded atoms (on the Pauling scale) corresponds to 50% ionic
character, so a difference of more than 1.7 corresponds to a bond
that is primarily ionic.

The continuum between ionic and covalent bonding is illustrated by
the variety of values observed for the melting points of different halogen
compounds (see table below). Identify the compounds that are solids at
room temperature and those that are liquids. Note, also, which of the hal-
ogen compounds are composed of a metal and a nonmetal and which are
composed of two nonmetallic atoms. The first five compounds have more
ionic character, the last three have more covalent character, while AICl3
(although a compound between a metal and a nonmetal) has a larger co-
valent than ionic character.

Melting points of various halogen compounds

m/p. MgCla(s) [ AICIs(s) | SiCl.(l) | SClx(l) | PCls(l)
°C
NaF(s) | +902 +714 +190 —70 —78 | —112 | m.p.°C |

NaCl(s) +801

NaBr(s) +755

Nal(s) +651

EXERCISE 1. Compare the electronegativity differences between the
atoms forming the compounds in the above table.

EXERCISE 2. Compare the electronegativity differences between oxy-
gen and the other atom in the following compounds (oxides) Na,O,
MgO, SiO,.and H,0.

EXERCISE 3. Compare the electronegativity differences for the atoms
making up the hydrogen halides, HF, HCI, HBr and HI.
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For the molecules HF, HCI, HBr and HI, the percentage ionic charac-

ter, calculated using an accurate method, was found to be 41, 18, 12 and
6% respectively, in agreement with the electronegativity differences. The
case of HF, where the electronegativity difference of 1.9 would be ex-
pected to result in a mainly ionic bond, is interesting: HF is a gas at tem-
peratures above 19°C, so it appears that here the covalent character must
dominate.

>

In conclusion, the electronegativity difference is not the only criterion
for the prediction of the type of bond formed. Indeed, there are cases
of bonds between atoms with large electronegativity difference (such
as HF), which experimentally demonstrate a covalent nature.

EXERCISE 4. The following table gives the percentage ionic character

in several common covalent bonds. Compare these values with the
corresponding differences in electronegativity.

\ Bond H lonic character (%) \
| O-H | 33 |
| N-H | 27 |
| CH | 8 |
| CF | 23 |
| cCl | 18 |
| c-0 | 13 |
| CN | 7 |

Conclusions

>

We consider a chemical bond to be ionic when the ionic character is
greater than the covalent character. The larger the electronegativity
difference between the two bonded atoms, the more ionic the bond is
likely to be.

Chemical bonds between atoms of different elements are polar, with a
partially ionic and a partially covalent character. If the covalent char-
acter is dominant, we have a polar covalent bond, if the ionic charac-
ter dominates, we have ionic bonding.

In the general case, a chemical bond (covalent or ionic) shows a par-
tial covalent and a partial ionic character, and thus we are not re-
stricted to the extreme types of bonds (covalent at one end and ionic
at the other), but a continuous variation between these two extremes.
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Examples

In silica (SiOy), a compound between a semi-metallic element, silicon,
- i 04 i i
and a non metal, oxygen we have approxmgtely 50% ionic character and & 110 estimated percent-
approximately 50% covalent character. In ionic compounds such as so-  age ionic character for
dium chloride (NaCl) and magnesium oxide (MgO) we have a smaller ~~ NaCl, using an accurate
* o approach is 68%, so even

percentage of covalent character,* while in covalent compounds such as ;

. s . ) for NaCl we have approxi-
hydrogen bromide (HBr) and hydrogen iodide (HI) we have a higher per-  mately 1/3 covalent char-

centage of covalent character (88 and 94% respectively). acter.

Exercises and Problems
Chemical bonds
From the school textbook, pp. 74-77. (See end of APPENDIX 1)

NOTES

1. Part of the present text has been taken from the official Greek
chemistry textbook:

Liodakis S., Gakis D., Theodoropoulos D., Theodoropoulos P., & Kallis
A., Chemistry for the 10™-grade general education, Student’s Book (pp.
52-61).

PUBLISHER: Greek Ministry of Education and Religious Affairs / Insti-
tute of Educational Policy / Diophantos, Institute of Technology, Com-
puters, and Publications.

Accessible openly at:

http://ebooks.edu.gr/modules/ebook/show.php/DSGL111/476/3148,1265
4/

2. A number of the illustrations (Table 1 and some figures, see Ap-
pendix 1) have been taken from the above textbook, while many
others have been taken from the Internet.
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