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2 Chemical Bonding (BOND)

The properties of elements can  generally be explained in terms of electron occupancy
at the highest energy level in the atom. These electrons are usually called valence
electrons. Elements whose atoms have relatively few valence electrons are typically
metals, while those with relatively large numbers of valence electrons are typically
nonmetals. This is particularly true for the representative elements (main group
elements). For example, alkali metal and alkaline earth elements are typically
metals whereas oxygen family elements and halogens are typically nonmetals.

Atoms form molecules and gain stability (lowered potential energy) through covalent
bonding by sharing one or more electron pairs. Electron pair sharing is typical of
nonmetals and is best illustrated for the hydrogen molecule, a case of “equal
sharing.” Two isolated hydrogen atoms have only one electron each. As the atoms
approach each other, the electron of one atom is attracted by the nucleus of the other
atom, and vice versa. This mutual attraction by two nuclei for an electron pair gives
rise to the covalent bond, with an excess of attractive forces overcoming repulsive
forces. Only “like” atoms (e.g., same electronegativity) form such equal-sharing,
nonpolar bonds. Most covalent bonds are not “equal sharing” since there is frequently
a difference in electronegativity. In these cases the bond is called a polar covalent
bond. This means that the bond has a positively charged and negatively charged end.
However, the charges are not nearly as large as the charges on ions in ionic solids. It is
common practice to show the bonding in molecules in terms of Lewis-dot formulas,
named in honor of G. N. Lewis. In these formulas, the elemental symbols represent
the nucleus and all the electrons except valence electrons. The valence electrons are
represented as dots—one dot means one electron, two dots two electrons, and so on.
The structures are consistent in most simple cases with the octet rule.

Now consider the opposite extreme. When a metal and nonmetal form a compound,
often the nonmetal attracts electrons more strongly than the metal (i.e., it has a larger
electronegativity). In such a case the electron pair is “taken over” by the more
electronegative atom to form a negatively charged ion. The metal atom, by virtue of
losing an electron, acquires a positive charge to form a positively charged ion. This
is essentially what happens between an alkaline earth metal and a halogen. If two
electrons are “transferred” as between an alkaline earth element and an oxygen family
element, then 2+ and 2– ions are formed. In such cases the bonding is called ionic
bonding and the stability (lowered potential energy) is due to the mutual attraction
between oppositely charged ions in the solid crystals these compounds form.

The bonding categories considered thus far—covalent and ionic—explain the structure
and properties of many substances. But metals, covalent network solids, and
molecular solids are somewhat unique and require additional attention.

Bonding in metals, called metallic bonding, involves valence electrons. These electrons
are loosely held by any one atom and collectively form a “sea of valence electrons” that
can be used to explain many metallic properties, e.g., metallic luster, malleability,
electrical conductivity, etc. The electrons are loosely held since each atom has several
unoccupied valence orbitals; it is relatively easy for the electrons to move about. In
this manner the electrons allow atoms to slide past each other and be “worked”
(hammered) into shapes and drawn into wires (evidence of malleability and ductility).
The mobile electrons in appropriate circumstances move and conduct electricity and
heat. The metallic bond is the third and last of the generally recognized types of
chemical bonds (see Materials Science module).

CONTENT IN A
NUTSHELL

Topic Overview
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All atoms in covalent network solids are covalently bonded. The high melting points,
hardness, and other properties are explained by covalently bonded atoms forming
three, two, and one dimensional networks, e.g., quartz, mica, and asbestos (see
Materials Science module).

Many properties of molecular solids and liquids are due to van der Waals forces. These
forces are relatively weak forces between neighboring molecules either due to
momentary dipoles or due to electrostatic interactions among polar molecules. Van
der Waals forces are commonly classified as either London forces (between molecules
of hydrogen and carbon dioxide for example) or dipole-dipole interactions (between
molecules of hydrogen chloride and chloroform for example). Hydrogen bonding, a
special case of dipole-dipole interaction, occurs between hydrogen atoms bonded to
nitrogen, oxygen, or fluorine atoms in one molecule and a nonbonding electron pair
on the nitrogen, oxygen, or fluorine atom in an adjacent molecule (as in water and
ammonia, for example). In some cases hydrogen bonds can form within the same
molecule, depending on its geometry and composition.

Bonding logically follows development of a detailed atomic model of matter including
electron configurations and a consideration of chemical periodicity. The topic of
bonding may be treated as a whole or may be partitioned into several segments.
Personal preference or the organization of the adopted textbook may dictate order of
coverage. In any case, ionic and covalent bonding should be treated, while covalent
networks, van der Waals forces, and metallic bonding may be deferred until
condensed phases are taught.

1. The electrons in the highest occupied energy level in a ground-state atom
determine the atom’s chemical properties and are called valence electrons.

2. Atoms may form molecules or aggregates and gain stability by sharing an
electron pair, giving rise to an electrostatic attraction, thus forming a
covalent bond.

3. Metals and nonmetals may form a stable structure by transferring electrons
from the metal atom to the nonmetal atom. This transfer forms oppositely
charged particles called ions; the resulting structure is held together by ionic
bonds.

4. Valence electrons are arranged around the kernels (the nucleus and electrons
other than the valence electrons) of atoms, forming molecules. Valence
electrons can be represented as dots, yielding structures (Lewis-dot structures)
consistent with the octet rule.

5. Carbon, nitrogen, oxygen, and sulfur atoms frequently share two or three
electron pairs, forming double or triple covalent bonds consistent with the
octet rule.

6. Like atoms (i.e., same electronegativity) form “equal-sharing” covalent bonds,
called nonpolar bonds. Atoms with different electronegativities do not
equally share electron pairs; they form polar covalent bonds.

7. When two isolated atoms capable of bonding approach each other, the potential
energy of the system decreases due to attraction and is a minimum at some
equilibrium distance (called the bond distance) separating the atoms. If the
atoms attempt to approach more closely, the attraction changes to repulsion
rapidly; hence the potential energy of the system also rises rapidly.

Topic Overview

CENTRAL
CONCEPTS

PLACE IN THE
CURRICULUM



4 Chemical Bonding (BOND)

8. Positively charged atomic kernels in metals are held in closely packed crystal
structures by mobile valence electrons.

9. Covalent network solids involve atoms covalently bonded in three, two, or
one dimensional networks. The primary covalent bonds give these substances
many of their properties.

10. Intermolecular (as opposed to intramolecular) attractions are responsible
for aggregates of molecules that become solids or liquids. The weakest
attractions are collectively called van der Waals forces. London forces, the
weakest of these forces, are caused by momentary fluctuations of electron
distribution symmetry in the atoms. The strength of theses forces depends
on polarizability of the electron distributions and surface area of the
molecules. Although London forces are the weakest of the van der Waals
forces, they may be considered the most important, because they occur
between every atom or molecule regardless of whether or not any other forces
are present. Dipole-dipole interactions occur when polar molecules are
attracted to each other. The strongest dipole-dipole interactions occur when
a hydrogen atom, covalently bonded to nitrogen, oxygen, or fluorine, is
attracted to an unshared electron pair of a similar highly electronegative
atom in the same or adjacent molecule. This is called hydrogen bonding (see
Condensed States module).

1. The Rutherford (nuclear) model of the atom and the quantum mechanical
model of the atom in terms of electron configurations form the conceptual
basis for chemical bonding.

2. There are four known kinds of forces: gravitational, electromagnetic, weak
nuclear, and strong nuclear forces. Of these, bonding is determined only by
electromagnetic forces.

3. Gravitational and electromagnetic forces obey an inverse square
law. Coulomb’s law, of interest in bonding, illustrates this:

In this expression, F is the coulombic force, q is the magnitude and sign of
the two charges, d is the distance separating them, and k is the proportionality
constant.

4. There is a general tendency for all matter to change to the lowest potential
energy possible during chemical changes. A general knowledge of this
tendency, energy units, and how energy changes are measured are helpful
in understanding chemical bonding.

5. Concepts of atomic structure should be developed before considering bonding.

6. Concepts of periodicity should be developed prior to considering this topic.

1. Write electron configurations for common elements.

2. Decide, on the basis of electronegativity differences, bond polarity and bond
type (i.e., ionic or covalent).

3. Use and draw vectors to represent polar covalent bonds.

RELATED
CONCEPTS

RELATED
SKILLS

F = 
q1q2
d2
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After completing their study of chemical bonding, students should be able to:

1. determine the number of valence electrons in an atom from its position in the
Periodic Table.

2. draw Lewis-dot structures of the representative elements.

3. state and apply the octet (duet) rule.

4. describe the role of noble gas electron configurations in ion formation.

5. describe the formation of cations and anions using orbital diagrams, Lewis-
dot formulas, and standard ion formulas.

6. state the characteristics of an ionic bond and recognize compounds having
ionic bonds.

7. relate the properties of ionic substances to ionic bonding.

8. explain the electrical conductivity of melted and of aqueous solutions of ionic
compounds.

9. describe the metallic bond in terms of vacant valence orbitals and loosely
bound valence electrons. Relate some properties of metals to the type of
bonding present.

10. describe the formation of a covalent bond between two nonmetallic elements.

11. draw Lewis-dot formulas for simple covalent molecules containing single,
double, and triple covalent bonds.

12. define polar covalence and use electronegativity values to determine whether
a bond is nonpolar covalent, polar covalent, or ionic.

13. describe van der Waals forces (London forces and dipole-dipole forces) and
hydrogen bonds.

14. explain why molecules are more stable than separated atoms.

15. predict how many bonds may be formed by atoms of representative elements.

16. predict simple physical properties (e.g., melting point) based on the kind of
van der Waals forces present.

17. predict simple properties of covalent network solids on the basis of covalent
bonding in elements, e.g., diamond and graphite, and in other examples of
network solids, e.g., silicates.

Topic Overview

PERFORMANCE
OBJECTIVES
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Activity 1: Physical Properties and
Chemical Bonding in Solids

Introduction
In this activity you will investigate selected properties of four types of solids—ionic
solids, molecular solids, covalent network solids, and metals. The properties studied
will allow you to distinguish among the four types of solids. These properties will also
allow you to determine the type of bonding in an unknown solid.

Recall that ionic solids have ions located at regular, repeating crystal lattice sites
with bonding among ions being primarily electrostatic. This type of bonding is
essentially nondirectional; ions arrange themselves in sites to form a crystal
structure that maximizes attractions and minimizes repulsions. The electrostatic
forces are strong, giving rise to large lattice energies—it takes a large quantity of
energy to disrupt the crystal.

By contrast, covalent molecular solids have molecules held in place in a crystal lattice
either by weak dispersion forces or dipole-dipole forces. These forces allow the crystal
to be disrupted with a much smaller energy input than is the case for ionic solids.

Covalent network solids contain only covalent bonds, but the bonding is quite
different between adjacent atoms in the crystal. These bonds consist of primary
covalent bonds—strong chemical bonds. This kind of bonding in one, two or three
dimensions gives rise to strong structures as in quartz, mica, and asbestos. It takes a
very large energy input to disrupt the crystal lattice, leading to very high melting points.

Bonding in metals is quite different from that of other classes. Metallic bonding is
electrostatic as in ionic solids, but the attraction is between valence electrons and the
positively charged metal atom kernels. This creates nondirectional bonding; electrons
are not strongly associated with any one particular atomic kernel. Thus the electrons
are rather mobile, accounting for the properties of metals.

Since substances used in the activity are fairly typical of their classes, it is possible
to generalize and correlate the structures and properties of the substances with the
bonding involved.

Purpose
To investigate some physical properties of solids containing ionic bonds, covalent
bonds, van der Waals forces, and metallic bonds to learn how to discriminate among
them on the basis of properties correlated with their bonding forces.

Safety
1. Wear protective goggles throughout the laboratory activity.

2. Lauric acid is generally regarded as safe; however, as with all substances,
exercise care while handling it.

3. Cyclohexane is highly flammable and is toxic by ingestion, inhalation, and
absorption through the skin. Cyclohexane should be kept at least three
meters from any open flame.

LABORATORY
ACTIVITY:
STUDENT
VERSION

Concept/Skills Development
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4. The electrical conductivity apparatus is a potential source of electric shock.

5. Volatile substances should be used in a fume hood.

6. Place the used cyclohexane in the container provided. Place the used lauric
acid and other solids in the designated container(s).

Procedure
1. Place 1-g samples of sodium chloride, NaCl; lauric acid, CH3(CH2)10COOH;

silicon dioxide, SiO2 (sand); and iron filings in separate evaporating dishes.
Test hardness by rubbing each solid with the bottom of a plastic pen or
stirring rod.

2. Cautiously smell each substance by fanning any vapors with your hand to
your nose. An odor implies some volatility.

3. Place pea-sized samples of NaCl, lauric acid, silicon dioxide, and iron filings
in separate small test-tubes. Test the melting point of each in a boiling water
bath. Then place any of the substances that did not melt in a clean, small
evaporating dish. In turn, place each evaporating dish on a wire gauze or
wire triangle and heat directly with a burner flame. As soon as the solid
melts, remove the flame. Do not heat any substance longer than five min.
Remember that the heated substances require time to cool before disposal.
Handle hot evaporating dishes with tongs and place on a ceramic pad to cool.

4. Arrange a test-tube rack with four pairs of test-tubes. Add 0.5 g NaCl to each
test-tube in the first pair. Do likewise with the other solids in the remaining
three pairs of test-tubes. Add 5-mL distilled water to the first of each pair of
test-tubes. Add 5-mL cyclohexane to the second of each pair of test-tubes.
Stopper and shake the test-tubes noting any evidence of dissolving of the solid.

NOTE: Steps 5 and 6, at the option of your teacher, can be done as a demonstration.

5. Test the conductivity of solid NaCl, lauric acid, SiO2, and iron by placing a
sample in an evaporating dish and touching the solid to the wires of a low-
voltage conductivity tester.

6. Test the conductivity of distilled water and cyclohexane, distilled water
solutions, cyclohexane solutions, and any solvent/solid mixtures of the four
substances. Place the solutions and/or mixtures in a 50-mL beaker and
immerse the electrodes. Rinse the electrodes with the solvent before and
after each test.

7. Obtain an unknown solid and attempt to identify its bond type by repeating
the tests suggested above.

8. Dispose of materials as earlier directed in the “general safety considerations”
and/or as directed by your teacher. Thoroughly wash your hands and clean
all equipment prior to leaving the laboratory.

Data Analysis and Concept Development
The properties of the four classes of substances studied showed marked differences.
These differences are explained in terms of the bonding that holds the substances
together in the solid state. Study the data table and list typical properties expected
for the four kinds of substances, e.g., order of melting, hardness, solubility. Remember
that water is a polar solvent while cyclohexane is a nonpolar solvent. Identify the
unknown as being either ionic, covalent molecular, covalent network solid, or metal.
Then answer the Implications and Applications questions that follow.

Concept/Skills Development
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Data Analysis Summary

Ionic solids:

Covalent molecular solids:

Covalent network solids:

Metals:

Classification of unknown:

Implications and Applications
1. Explain the odor data in terms of bond types. Do you think that a substance

can be relatively volatile and not have an odor? Give an example. How could
the sensitivity of one’s nose affect the observations made?

2. Explain differences in melting points in terms of types of bonding in the four
substances.

3. Does a comparison of melting points give any information about the relative
strengths of ionic and covalent bonds? Explain.

4. Are intermolecular or intramolecular forces greater for lauric acid? Explain
your answer.

5. How can the results of the solubility tests be explained? What is the major
difference in the nature of water and cyclohexane as solvents?

6. Explain the classification of the unknown as ionic solid, covalent molecular
solid, covalent network solid, or metal.

Activity 1 was adapted from Experiment B22 in the following source:
Brooks, D. W. (Producer). (1989). Doing chemistry [Videodiscs, computer program, and

supporting written materials]. Washington, DC: American Chemical Society.
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Activity 1: Physical Properties and
Chemical Bonding in Solids

Major Chemical Concept
To a large extent, the physical properties of a solid substance are determined by the type
of bonding that holds molecules, atoms, or ions together. Solids may be classified as
ionic, molecular, metallic, or covalent network solids. The type of bonding affects
physical properties of a solid and may be determined by studying its physical properties.

Level
This activity is suitable for basic, general, and honors students. Only the part involving
sodium chloride and lauric acid is recommended for basic students, although doing the
remainder as a guided teacher demonstration might be useful for these students.

Expected Student Background
Students should have some background in ionic and covalent bonding. Previous
instruction in van der Waals forces, bonding in covalent network solids, and metallic
bonding is not important, since this laboratory activity provides a natural lead into
a discussion of these types of bonding.

Time
Teacher preparation requires about 40 min. Students should be able to complete the
activity in about 50 min.

Safety
Usual safety precautions include safety goggles, gloves, aprons, and availability of
a fume hood. Students must be monitored during the conduct of the activity,
especially if they do the conductivity testing. It is recommended that you perform the
conductivity testing for students if a device powered by 120 V is used. If low-voltage
battery-powered testers are available, then students can complete this. Monitor
students to insure that no open flames are present while cyclohexane is being used.
Have a suitable fire extinguisher available.

Materials (For 24 students working in pairs)

Nonconsumables Consumables
60 Evaporating dishes Sodium chloride, NaCl, 48 g
96 Test-tubes, 18- x 150-mm, Silicon dioxide, SiO2 (silica gel
  rubber or cork stoppers to fit   or pure sand), 48 g
12 Test-tube racks Lauric acid, 48 g
12 Ringstands, iron rings, Iron filings, 48 g
  triangles, wire gauzes, burners Cyclohexane (or charcoal lighter
12 Crucible tongs   fluid), 360 mL
12 Low-voltage conductivity testers Distilled water
12 Beakers, 50-mL (100-mL beakers
  may be used)
12 Graduated cylinders, 10-mL
12 Spatulas
12 Plastic pens or other devices
  for crushing solids
12 Beakers, 250-mL
Safety goggles (one per student)
Fume hood

Concept/Skills Development

LABORATORY
ACTIVITY:
TEACHER
NOTES
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Advance Preparation
1. It is best to have the solids and liquids available for dispensing in numerous

small containers convenient to students. Dispense cyclohexane in a fume hood.

2. If you have not performed this activity before, plan to do so prior to having
students do it.

3. Make waste containers available and be prepared to give specific disposal
directions to students prior to the activity.

4. Check the working order of the fire extinguisher, fire blanket, safety shower,
and eye wash.

5. Safety goggles must be available.

Pre-Laboratory Discussion
Review safe laboratory procedures and general safety rules. Demonstrate the safe
handling of supplies and equipment used. Give students specific directions about
disposal of lauric acid and cyclohexane. Tell students to stop heating a substance
once it has melted. Also tell students that if they experience difficulty in melting
NaCl in an evaporating dish, to try placing a small amount in a test-tube and heating
the test-tube directly over the hottest part of the burner flame. Caution students not
to use flames near cyclohexane.

Help students organize a suitable data table, possibly as shown here.

Sample Data Table
Observations

Anticipated Student Results
The following table presents sample data for this activity. Student groups will produce
some variations, but data should resemble the sample data.

NaCl Lauric acid SiO2 Fe
Property  (Ionic)  (Molecular) (Covalent) (Metallic)

Hardness

Volatility/odor  

Melting

Water solubility

Cyclohexane solubility

Conductivity/solid

Conductivity/water
solution
Conductivity/
cyclohexane solution
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Concept/Skills Development

Sample Data Table
Observations

With comparable data, students should have little difficulty recognizing basic
differences in behavior among different classes of solids. For example, NaCl has a
characteristically high melting point, is hard but brittle, is water soluble, and its
water solution conducts electricity. By contrast, lauric acid has almost diametrically
opposite behavior. It is thus fairly simple to relate properties to the type of bonding
during the post-laboratory discussion.

Answers to Implications and Applications
1. Molecules held together by weak van der Waals forces, as in lauric acid, can

easily escape from the solid. This is why this substance has an easily detected
odor, and also why it deforms easily. The weak intermolecular bonding force
explains the low melting point. Some highly volatile substances such as
hydrogen and oxygen gas are odorless. The smaller the amount of substance
that can be detected by the human nose, the smaller the amount that needs
to be present to be detected.

2. Molecules of lauric acid are held in the solid state by weak van der Waals
forces, hence it has a low melting point (< 100 °C). The other three substances
have strong ionic or covalent bonding forces as solids. NaCl is an ionic solid
(m.p. about 800 °C), SiO2 a covalent network solid (m.p. > 2000 °C), and Fe
a metal (m.p. > 2000 °C).

3. No, not really. With lauric acid, weak intermolecular forces are overcome easily
without affecting the intramolecular covalent bonds. On the other hand, when
NaCl melts, strong ionic interactions must be overcome to separate the ions.

4. The intramolecular forces are strongest in lauric acid. These consist of
covalent bonds holding the carbon, hydrogen, and oxygen together in
molecules. The intermolecular forces are moderately weak van der Waals
forces; consequently the molecules are rather loosely held within the crystal
and the crystal lattice is easily disrupted.

NaCl Lauric acid SiO2 Fe
Property  (Ionic)  (Molecular) (Covalent) (Metallic)

Hardness Brittle Soft Hard Hard

Volatility/odor  None Fatty None None

Melting Barely Easily No No  

Water solubility Soluble No No No

Cyclohexane solubility No Soluble No No

Conductivity/solid No No No Yes

Conductivity/water
solution

Yes No No No

Conductivity/
cyclohexane solution

No No No No



12 Chemical Bonding (BOND)

5. NaCl dissolves in water but not in cyclohexane, while lauric acid dissolves in
cyclohexane but not in water. Neither silica nor iron dissolve. Water consists of
polar molecules; their polar nature allows them to overcome the attractive forces
in NaCl (and many other polar solutes) sufficiently for the substance to dissolve.
Since lauric acid is nonpolar, it does not interact with water strongly enough to
dissolve. Cyclohexane is a nonpolar solvent and can dissolve lauric acid. The
very strong attractive forces within the other two solids prevent their solution.

6. Student answers will vary depending upon the identity of the unknown. In
any case, their answers should be based on the data collected for the unknown
and should justify the classification as one of the four classes of substances.

Post-Laboratory Discussion
A systematic discussion on the types of bonding in various solids should take place
after students have collected their data. Some generalizations can be drawn:

To a large degree, the physical properties of solids are determined by the type of
bonding holding the atoms, molecules or ions in solid form. The bonding gives rise
to ionic solids, molecular solids, metals, and covalent network solids; each with its
set of characteristic physical properties. Thus, the type of solid can frequently be
determined by studying its physical properties.

Ionic solids consist of oppositely charged ions arranged in a crystal lattice in a way
that allows each ion to be surrounded by either two, four, six, or eight oppositely
charged ions. This causes very strong attraction, giving typically hard solids with
high melting points. Ionic solids are frequently soluble in water but insoluble in
nonpolar, organic solvents. As solids, they do not conduct electricity, but do so both
when fused (melted) or in water solution. However, not all ionic compounds are water
soluble, e.g, calcium carbonate. In these cases attractions among ions in the lattice
are too strong to be overcome by the attraction of polar water molecules.

Molecular solids are composed of molecules held together by relatively weak forces.
Thus, these solids tend to be soft, easily melted, and more or less volatile. Molecular
solids are likely to be insoluble in water but soluble in organic solvents. Neither the
solids nor their melted states conduct electricity, nor do any of their solutions. A few
molecular solids such as common table sugar (sucrose), however, are water soluble,
and thus must consist of polar molecules.

Covalent network solids are bonded by strong covalent forces into a 3-, 2-, or 1-dimensional
network where every atom is linked to every other atom. The “molecules” are macro-
sized so whatever size sample is being studied can be considered to be a molecule.
Actually, the term molecule has little meaning in this regard. The strong multidimensional
bonding produces solids with very high melting points that are generally hard,
nonvolatile, and insoluble in all solvents. Covalent network solids are nonconductors
of electricity with the exception of graphite, a 2-dimensional network solid.

Metal atoms are bonded by metallic bonds. These bonds are usually strong (notable
exceptions are mercury, a liquid at room temperature, and gallium, which can melt
in a person’s hand) but not highly directional (as with covalent bonds). The
nondirectional nature of the metallic bond is due to relatively mobile valence
electrons and accounts for the malleability of metals. Most metals have 6, 8, or 12
nearest neighbors, but few valence electrons. Although the few valence electrons are
free to move about, the atoms are not, since most metals are solids at room
temperature and have definite shapes. So we deduce that metal atoms behave as if
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they are spherical and packed in regular arrays. There are almost flat planes (glide
planes) between atom layers. Thus motion along the planes is easy. These
characteristics give rise to the good electrical and heat conductivity of many metals
as well as their malleability, nonvolatility, and shiny metallic luster. Although
metals do not dissolve in water or organic solvents, they do form solid solutions in the
form of alloys and amalgams with mercury.

Assessing Laboratory Learning
Student response to identifying an unknown is a good way to assess how much they
learned in this activity. Demonstration of important manipulative techniques can
also give a clue to students’ experimental progress.

It is important that students “see” the relationships among bonding, structure, and
properties. This activity reinforces such learning and stimulates numerous questions
that can measure student comprehension. For example, it is possible to provide
“experimental data” similar to that developed in the laboratory for a particular
substance and challenge students to classify the substance as ionic solid, covalent
network solid, molecular solid, or metal.

Concept/Skills Development
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Activity 2: Metal and Ionic Crystals

Introduction
In this investigation, plastic spheres are used to study the regular geometric shapes
of metal and ionic crystals. The regular geometric shapes of crystals reflect the
orderly arrangement of the atoms, ions, or molecules that make up the crystal lattice.

Three types of packing in crystals will be investigated—hexagonal close packing,
face-centered close packing, and body-centered packing—using equivalent spheres.
From the models it will be possible to determine the coordination number of the
particles of each structure.

The relative sizes of cations and anions that make up ionic crystals are a determining
factor for the coordination number. The effect of size as indicated by ionic radius on
coordination number will be examined by building models of rock salt (NaCl) and
Wurtzite lattices (ZnS).

Purpose
To gain familiarity with the geometry of metallic and ionic crystal structures.

Safety
Wear protective goggles throughout the laboratory activity.

Procedure
Secure the following per group of two students: 36 two-inch, 13 one-inch, and 13
three-quarter-inch expanded polystyrene spheres. Toothpicks or short lengths of
pipestem cleaners can be used as connectors for the spheres.

Part I
1. Use connectors to build these

three structures in Figure 1.
2. Place one three-sphere layer on

the table or desk so that one apex of the triangle faces you. Then place the
seven-sphere layer on top of the three-sphere layer so that the center sphere fits
into the depression at the center of the first layer. Now place the second three-
sphere layer over the center sphere so the top layer is directly above the bottom
layer. This resulting structure represents hexagonal close packing (hcp).

3. Count the number of spheres closest to the central sphere in the structure.
This is called the number of nearest neighbors or the coordination number.
Zinc, magnesium, and many other metals pack in this manner. Retain this
model for Step 5. Answer Implications and Applications Question 1 now.

Part II
4. Build these layers in figure 2.

Place one five-sphere layer on
the table or desk. Then place
the four-sphere layer over the
first so that the four spheres rest in the spaces between the corner spheres in
the bottom layer. Now place the last five-sphere layer on top so that it is situated
directly over the bottom layer. Study the structure carefully and decide why it
is called face-centered cubic (fcc). Copper, silver, aluminum, and many other
metals pack in this manner in crystals. Determine the coordination number.
Answer Implications and Applications Question 2.

LABORATORY
ACTIVITY:
STUDENT
VERSION
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5. Return to the model of hexagonal close packing built in Part I. Rearrange the
layers so that the top three-sphere layer is rotated through 60° and is no
longer directly over the bottom layer. The rearrangement changed the type
of packing from hexagonal to face-centered cubic. To confirm this, rotate the
structure until four spheres forming a square face outward. When this
orientation is obtained, remove the top five-sphere layer of the second model
(face centered-cubic) and place it over the four spheres facing outward. Note
that this results in a fcc packing tilted at an angle to the desk top. Answer
Implications and Applications Questions 3 and 4.

Part III

6. Use two-inch spheres to build
the layers shown in figure 3.
The space between spheres in
each four-sphere layer should
be about 5 mm.

Place the single sphere in the center of one layer and then place the second
layer directly over the bottom layer. Study the model carefully to decide
about the appropriateness of the name body centered-cubic (bcc). Sodium,
potassium and a few other metals pack in this manner. Answer Implications
and Applications Question 5.

Part IV

7. To construct the sodium chloride lattice, you’ll need the structure of Part II
(fcc) and 13 one-inch spheres. The two-inch spheres represent the face
centered arrangement of chloride ions. Insert the 13 one-inch spheres
(representing sodium ions) into the holes between the chloride ions in each
layer. Note that there is also a face-centered arrangement of the one-inch
(sodium) spheres.

8. Determine the coordination number of each size sphere. The sodium ion has
a diameter of 0.19 nanometers; the chloride ion’s diameter is 0.36 nm. This
gives a ratio of about 1/2, so one-inch and two-inch spheres give a good
approximation of the NaCl lattice. Answer Implications and Applications
Questions 6 and 7.

Part V

9. Zinc ions have a diameter of 0.15 nm while sulfide ions have a diameter of
0.37 nm. Use two-inch spheres to represent sulfide ions and three-quarter-
inch spheres to represent zinc ions. Use the Part I structure (hcp) to
represent sulfide ions. Using connectors, secure a three-fourth-inch sphere
above each of the two-inch spheres in each of the three hcp structure layers.
Then place the largest layer on the table and fit one of the smaller layers on
top so the smaller spheres fit into alternate depressions. Invert these two
layers and fit the other small layer, small spheres pointing upward, above
the larger layer so the top-layer spheres are directly above the spheres on the
bottom layer. Study the structure carefully. Answer Implications and Applications
Question 8.

10. Return the spheres and connectors after dismantling the models.

11. Thoroughly wash your hands before leaving the laboratory.

Concept/Skills Development
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Implications and Applications
1. What is the coordination number for the center atom in the hexagonal close

packing model?

2. Why is the name face-centered cubic appropriate for this structure? Explain.

3. Is the coordination number for the two types of close-packing of equivalent
spheres different?

4. How would the density of hexagonal close packing and face-centered cubic
compare if both were constructed with spheres of the same size and mass?

5. Metallic iron crystallizes in a body-centered cubic form below 906 °C. It is
called alpha-ferrite. Above this temperature, iron forms face-centered cubic
crystals, called gamma-ferrite. When iron cools to 140 °C, it changes back to
body-centered cubic called delta-ferrite. What is the coordination number of
each form of iron?

6. Which ions most closely surround each Cl– ion? Which ions most closely
surround each Na+ ion?

7. What is the coordination number of the spheres representing Na+ ions? What
is the coordination number of the spheres representing Cl– ions?

8. What is the coordination number of the spheres representing both the Zn2+

and the S2– ions?

Activity 2 was adapted from Experiment 27, pp. 72-74, in the following source:

Malm, L. E. (Ed.). (1963). Chemistry: An experimental science. Laboratory manual.
San Francisco, CA: W. H. Freeman and Company.
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Activity 2: Metal and Ionic Crystals

Major Chemical Concept
This laboratory activity gives students an opportunity to view the basic structural
forms of most metals. Students learn the meaning of coordination number, crystal
lattice, and packing. Later, students will be able to correlate properties with
structure.

Two common ionic crystal lattices—rock salt and wurtzite—and their coordination
numbers give students some insight into why ionic solids are brittle with relatively
high melting points, and why different-sized ions form different types of crystal
lattices. Each ion is surrounded by oppositely charged ions, producing strong
attractions, holding the ions in place.

Level
This activity is appropriate for all levels of students. Basic students probably should
not complete the extensions.

Expected Student Background
Students with no previous knowledge of crystals can perform the activity. There are
no prerequisite concepts other than those listed for this topic. The activity could also
be used to support the topic of condensed states of matter.

Time
Students should be able to complete the activity in one 50-min period.

Safety
No special precautions are necessary. If students work in the chemistry laboratory,
they should wear protective goggles since there may be hazardous materials nearby.
Advise students to follow regular laboratory safety procedures.

Materials (For 24 students working in pairs)

432 Polystyrene spheres (available from hobby shops), 2-inch
156 Polystyrene spheres, 1-inch
156 Polystyrene spheres, 3/4-inch
Pipestem cleaner lengths, 2-cm, or toothpicks

Advance Preparation
Have sufficient spheres available and placed either in boxes for each two-student
group or readily obtainable by students. Consider preparing a set of layers for the
models glued together to show students what the layers should look like.

Pre-Laboratory Discussion
Minimal pre-laboratory discussion is required. If glued-together layers are available,
they could be shown to students. Directions for connecting spheres should be given
and also demonstrated.

Concept/Skills Development
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Teacher-Student Interaction
Students will probably need help in determining coordination number, particularly
with the wurtzite structure. If a set of layers that students construct are permanently
glued together prior to the activity, the task of helping students with coordination
number, layer orientation, etc., is greatly simplified.

Visit with students about the meaning of metallic and ionic bonding, and regarding
the question on the density of two models of close packing of equivalent spheres.
Considerable individual teaching can take place through such interactions. Students
may also need help answering some of the other questions. Encourage students to
record observations and answer questions as they perform the activity.

Anticipated Student Results
It is not necessary to have data tables. Students may record observations directly on
their laboratory sheets and answer the questions immediately. Most students can do
the model building without difficulty. Some may have difficulty with coordination
number until they have the concept demonstrated for them.

Answers to Implications and Applications
1. The coordination number is 12; the central atom has 12 nearest neighbors.

2. Face-centered cubic packing has a sphere in the center of each cube face,
hence the name.

3. No. The two types of close packing both have a coordination number of 12.

4. The density would be the same since both use the same volume with the same
efficiency.

5. Alpha-ferrite is body centered cubic with a coordination number of 8.
Gamma-ferrite is face centered cubic with a coordination number of 12.
Delta-ferrite is body centered cubic with a coordination number of 8.

6. Each sodium ion is most closely surrounded by chloride ions and each
chloride ion is most closely surrounded by sodium ions.

7. The coordination number of each sodium ion is 6, which is also the coordination
number of each chloride ion.

8. The coordination number of sulfide ion is 4; it is also the coordination number
of zinc ion in the Wurtzite lattice.

Post-Laboratory Activities
Discuss student answers to the questions. Have models available to show students
any points they might have missed. Use the laboratory results in class discussion
concerning metallic bonding and ionic bonding.

Extensions
1. Build models from two-inch spheres with tetrahedral (four spheres) and

octahedral (six spheres) structures. Determine which size spheres—three-
fourth-inch or one-inch—will fit the “holes” in these structures.

2. Calculate the ratios of smaller-to-larger spheres in each case (0.75/2 and 1/2).
Calculate the diameter ratios of Zn2+/S2– and Na+/Cl– (Zn2+ diameter = 0.15 nm,
S2– diameter = 0.37 nm, Na+ diameter = 0.19 nm, Cl– diameter = 0.36 nm).
Are the two-inch, one-inch, and three-fourth-inch spheres good models for
these ions?
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Assessing Laboratory Learning
A good way to assess student learning in this activity is to check student laboratory
reports. A good time to check for understanding is while students are performing the
activity. If they can answer the questions asked, count nearest neighbors, and build
the models, then they have demonstrated good understanding of the material. Here
are two possible student questions:

1. Explain how face-centered, hexagonal close packed, and body-centered cubic
crystals are different.

2. The chemically similar alkali metal chlorides NaCl and CsCl have different
crystal structures (fcc and bcc) while the chemically different NaCl and MnS
have the same crystal structures (fcc). Why?

Demonstration 1: Electrical Conductivity of Solutions
Purpose

This demonstration provides experimental evidence on the nature of ionic
and molecular substances in solution and as a fused (molten) ionic solid. The
major purpose is to show that ionic solids conduct the electric current both
in solution and when fused, whereas molecular solids do not.

Materials
Electrical conductivity apparatus (commercial or home-made)
6-8 Beakers, 50-mL, or 2-oz. wide-mouth bottles
Solid sodium chloride, NaCl, and sucrose, C12H22O11 (common table sugar)
Solid silver nitrate, AgNO3
2 or 3 Small crucibles
Ringstand, ring, triangle
0.1 M Solutions of NaCl and sucrose (5.6 g NaCl/100 mL solution and 3.4 g

sucrose/100 mL solution)

Safety
If the conductivity tester used is powered by a 120-V source, then use caution
to prevent electric shock and DO NOT ALLOW STUDENTS TO USE THE
APPARATUS. The substances used are innocuous and do not require special
handling except for the silver nitrate. This material is both toxic and caustic.
Handle it with care, particularly when it is fused since it is also an oxidizer.
Solutions may be safely disposed of by flushing down the drain with water.
The solid NaCl and sugar may be used for all demonstrations and then
disposed of in the trash. Keep the crucible with silver nitrate in a dark bottle
for later use or for next year.

Procedure
Half fill a 50-mL beaker with solid NaCl and a second 50-mL beaker with
solid sucrose. Test the electrical conductivity of the solid NaCl with the tester
(light bulb remains dark). Clean the electrodes and then test solid sucrose
(light bulb remains dark). Have students tell what is observed in each case.

Half fill two 50-mL beakers with the two solutions and a third with distilled
water. First test the electrical conductivity of the distilled water (light bulb
remains dark). Then test the electrical conductivity of each of the two
solutions in turn (NaCl causes light bulb to glow, while bulb remains dark
in the sucrose solution). Have students report what is observed in each case.

Concept/Skills Development
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Half fill a small crucible with silver nitrate. Place the crucible on a triangle
supported on an iron ring mounted on a ring stand. Heat the crucible with
a laboratory burner until the silver nitrate is melted. Carefully test the
electrical conductivity of the melted silver nitrate (light bulb glows brightly).
Have students report what they observe. NOTE: Sodium chloride is used in
solution because all students are familiar with it. However, silver nitrate is
used as a melt because it melts at a considerably lower temperature than does
sodium chloride.

Remarks
Approximately 30 min are needed to prepare the demonstration and to “dry run”
it. From 10 to 20 min (depending on teacher input and student interaction)
are needed to perform the demonstration.

The demonstration may be used either in the pre-laboratory discussion of
either of the laboratory activities, during the post-laboratory discussion, or
it may be used to illustrate properties of ionic solids and molecular solids. In
any case it illustrates an important property of ionic solids—electrical
conductivity—and is worth doing. An expanded form of this demonstration
may also be used in the Condensed States module.

A suitable home-made electrical conductivity tester can be simple or fancy*.
A simple one consists of two porcelain light bulb receptacles mounted base-to-
base on a ping pong paddle. These are wired in series with an electrical cord
fitted with an on-off switch. Place the base with intact heavy wires of a 150-W
light bulb that has the glass envelope removed in one receptacle and a 25-W
clear glass light bulb in the other. The two wires in the 150-W base act as the
test electrodes. To avoid electrical shock, always turn off the switch or pull the
plug while cleaning or rinsing the electrodes or changing the solutions.

Materials may be safely disposed of by flushing solutions down the drain
with water, and, after using the solids for all classes, they may be placed with
solid waste. Due to the expense involved, keep the crucible with silver nitrate
in a dark bottle for use later or next year.

Discussion
The results can be conveniently used to define an electrolyte and a
nonelectrolyte (the former exists as ions in water solution while the latter
does not). The solids do not conduct since the ions in sodium chloride are not
mobile and cannot move toward the electrodes and act as charge carriers.
Sucrose is a molecular solid and does not have ions present in either the solid
or solution. The melted silver nitrate conducts because the ions are able to
move to the electrodes and act as charge carriers. This emphasizes that an
ionic solid consists of ions and not molecules.

Do not get involved in a discussion of electrical conductivity now, since the
students’ backgrounds are probably insufficient for understanding. The point
is to distinguish between electrolytes and nonelectrolytes and to show that ionic
solids exist as ions in the solid state. If students ask about the lack of
conductivity of distilled water, you can test the conductivity of tap water. Tap
water conducts because there are ions present in it but not in the distilled water.

Based in part on the demonstration “Electrical Conductivity” in:
McClellan, A. L. (Ed.). (1963). Teacher’s guide for chemistry: An experimental science

(pp. 157-158). San Francisco, CA: W. H. Freeman and Company.
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*References for making a low-cost, safe apparatus for conductivity testing may be
found in the Acids and Bases module in the Instrumentation section.

Demonstration 2: Displaying Structures in Two Dimensions
Purpose

To reinforce the usual pencil-paper (or chalkboard) presentation of Lewis-dot
formulas

Materials
Homemade or commercial flannel board (about 2 x 3-feet)
30-40 Circles, 1-in diameter, of tag board or light cardboard with a felt backing
10-20 Circles, 3-in diameter, of tag board or light cardboard with a felt backing
Overhead projector and screen
30 Circles, about 1-in diameter, cut from colored transparency film
30 Circles, about 1/4-in diameter, cut from colored transparency film
(These are easily produced from colored transparency film and an ordinary

paper hole punch.)
Transparency grid with 1 cm x 1 cm rulings

Procedure
Demonstrate the Lewis-dot formulas for several atoms, molecules and
ions—for example, C, O, N, Ne, H, Al3+, K+, CH4, H2O, NH3, Cl2O, H2S, etc.
Limit examples to binary (two-element) molecules if possible. Write the
same structures on the chalkboard while demonstrating to reinforce the
concept and to show students how to use paper and pencil to do this.

After your demonstration, consider asking a student to come to the flannel
board or overhead projector to try to illustrate the bonding and nonbonding
pairs for a particular molecule. If time permits, have other students do the same.

Hand out the duplicated construction paper to students and encourage them to
practice at home. Provide a list of elements, molecules, and ions for them to use.

Remarks
This demonstration may be used to introduce the concept of Lewis-dot
structures along with a chalkboard presentation. It requires about 90 min to
prepare the flannel board and cutouts. Presentation time may vary from 5
to 50 min depending upon how much is presented and how much discussion
is generated.

Use small circles to represent electrons and large circles to represent atoms
or ions. If colored transparency stock is available along with an overhead
projector, then it is probably easier and simpler to use this method. This will
also cut down on storage requirements.

Students can be furnished with circles of two diameters (1-in and 1/4-in are
good) duplicated on colored construction paper to take home and cut out for
practice with Lewis-dot formulas.

While showing students the Lewis-dot structures, point out steps involved in
writing Lewis-dot formulas. State and apply the octet rule as the demonstration
progresses. If students are called on, have them show that the octet rule is followed.

This is a good time to introduce the use of double and triple bonds to show
the octet rule and common patterns when C, N, O, and S are involved. For
example, CO2 and CO illustrate this nicely.
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The use of physical models such as these to represent atoms, and, especially
bonds, is only an approximation of what chemists think is “real.” [Based on
Demonstration B23, Displaying structures in two dimensions. (1988). Doing
Chemistry. Washington, DC: American Chemical Society.]

Demonstration 3: Magnetic Analogy for Bonding Forces
Purpose

To demonstrate the electrostatic attraction and repulsion between like and
unlike charges using a magnetic analog.

Materials
4 Ceramic ring or disk magnets
Overhead projector and screen

Procedure
Begin the demonstration by showing on the overhead projector that like
poles repel and unlike poles attract. Draw an analogy to attraction and
repulsion between electric charges.

Set up two pairs of magnets so that each pair is attractive. This will illustrate
the attraction between the nucleus and an electron. Move one pair into the
center of view. Then approach with the other pair in so that one “nucleus”
approaches the other “nucleus.” No attraction is observed. Move this pair so that
the “electrons” are between the two “nuclei.” This leads to a stable arrangement.

With the stable arrangement in the center, show that if either “electrons” or
“nuclei” are forced closer together, they repel. Thus an “equilibrium distance”
between particles with like charges is created.

Remarks
This demonstration takes 15 min or less to prepare and present, depending
upon availability of disk or circular magnets. The demonstration should be
presented when covalent bonding is introduced.

Practice with the magnets prior to doing the demonstration. It requires
patience to move the magnets carefully to show formation of a “bond”. Either
ring or disk magnets may be used, but they should be face-magnetized, that
is, faces should be the poles. It is possible to use ring magnets to represent
the nuclei and disk magnets to represent the electrons. In either case, use
larger-diameter magnets for nuclei and smaller-diameter for electrons.

The materials may be saved and used many times. Ceramic magnets are
somewhat fragile and should not be dropped. Edmund Scientific, Radio
Shack, and similar sources can supply these magnets. Disk magnets are also
frequently available at hobby shops and craft shops.

Point out that this is an analogy to the electrostatic forces that cause a
covalent bond to form. Both magnetic and electrostatic forces behave the
same way; like charges or poles repel and unlike ones attract. Point out that
a “nucleus-electron” pair is stable because there is only one attractive force
and no repulsive forces. When two pairs approach, new attractive forces
arise between the “nucleus” of one pair and the “electron” of the other pair,
and vice versa. New repulsions also are present between the two “nuclei” and
the two “electrons.” The result is four attractions but only two repulsions,
hence the two pairs form a stable arrangement.
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Demonstration 4: Force at a Distance
The following demonstration shows that forces can exist
even though objects actually are not in direct contact.

A paper clip can be suspended about two
millimeters from the magnet. The thread is
attached to the base of the ring stand with
adhesive tape. A piece of paper may be passed
between the paper clip and the magnet without
disturbing the setup. A long hair may be
substituted for the thread.

Figure 4. Force between a magnet and a
paper clip.

Counterintuitive Examples, Discrepant Events
No Compound is 100%
Ionic: A Group Activity

Several different equations
can be used to estimate the
degree to which a chemical
bond between two atoms is
ionic or covalent. The electro-
negativity difference between
the atoms, (xA – xB) is a central
key.  xA is the electronegativity
of the more electronegative
element. One of these
equations was developed by
the famous chemist, Linus
Pauling. When this equation
is plotted, it has the shape of
a stretched-out S. Such a
graph is shown in Figure 5
where fractional ionicity
represents the fractional
ionic character (a value of 1
indicates 100% ionic).

Figure 5. Pauling Frac-
tional Ionic Character.
(See Appendix)

Concept/Skills Developmentaaaa
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Procedure

1. Obtain a graph of fractional ionicity versus electronegativity difference.

2. Look up electronegativities for the atoms in these six compounds: KBr, H2S,
H2O, HI, RbF, and NaCl. Calculate six values for xA – xB.

3. Locate the positions of these compounds on the graph. Mark each compound
on the graph.

4. Estimate from the curve the value for fractional ionicity when xA – xB = 4.

5. Estimate from the curve the value for fractional ionicity when xA – xB = 0.5,
1.0, 1.5, 2.0, 2.5, 3.0, and 3.5.

(Teacher’s Note: Many textbooks refer to xA – xB = 1.7 [50% ionicity] as an
arbitrary demarcation between covalent and ionic bonds. Reference to the
graph shows the futility of trying to find a “boundary” between the two types.
For example, according to this arbitrary rule, HF would be ionic; however,
experiment shows this compound is polar covalent. Other examples underscore
the fact that there is really no way to classify most compounds as being either
ionic or covalent. There is a gradual increase in ionicity when electronegativity
difference increases, as shown by the graph. Thus, it is reasonable to state
that when ionicity is greater than 50%, there is considerable ionic character
to the bond. Typical ionic properties are usually encountered at greater
values of ionicity. However, there is only one kind of “pure” bond, the
homonuclear covalent bond.

What does all of this show?

1. An electron is never completely transferred from one atom to another to form
an ionic compound.

2. An electron pair is always shared to some degree between two atoms.

3. The more equal the sharing, the higher the covalent nature of that compound.

4. Rule of Thumb: If a compound has an ionicity greater than 50%, (some
authorities use an electronegativity difference of 2.0 representing about 63%
ionicity) the compound is defined as “ionic.” So, to simplify life, an arbitrary
classification “ionic” is used.

At this point, it might be well to define ionic solid operationally as one whose water solution
is a good conductor of electric current. If a compound is insoluble in water, and if in a fused
(melted) form conducts electric current, then the compound may be classified as ionic.

Analogies and Metaphors
Resonance

The actual form of a molecule having resonance structures is like a central party in
politics, a moderate denomination in religion, the liquid state of matter, or mixing
red and blue liquids.

1. The extremes define and “bracket” an intermediate concept, theory, or idea.
Frequently, something is described by saying what it is not like, e.g., “Dan, I’m
glad I’m not that narrow-minded.” The terms liberal Republican, conservative
Democrat, and orthodox Jew, for example, are used to convey deviation from,
or strict adherence to, an idea or concept. The British Social Democratic
Party was founded to offer a centrist alternative to more extreme positions
of the ruling Conservatives on the right and the Labour Party on the left.
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Likewise, the liquid state lies between the solid state and the gaseous state
in the sense that it is less dense than the solid state and more dense than the
gaseous state. Solids and gases are extremes. Solids are usually very ordered
in the arrangement of their atoms and molecules, whereas gases show no
ordered arrangement of their atoms and molecules. Liquids have a “short-
range order,” but no “long-range order.” So the liquid state has been defined
by what it is not like.

2. Orthodox (or fundamental) religion, and right and left wing extremism in
politics are common terms. Orthodoxy and fundamentalism imply strict
adherence to an idea or a concept. A specific chemical “resonance structure”
is “orthodox”—it is exactly that structure and nothing else! A different
resonance structure of the same molecule is that extreme as written and
nothing else. However, the concept to be conveyed by the idea of resonance
is that the actual molecule for which resonance is possible is none and yet all
of the extreme or orthodox forms. It is an intermediate among resonance
forms that we are able to define and draw.

3. When blue and red colors are mixed (e.g., dye solutions) the resulting color is
neither blue nor red, but something intermediate. In other words, a “resonance
hybrid” of the two individual colors. This might be illustrated as follows:

Blue + Red → Purple

4. The picture of “extreme religions” or political parties as developed in the
context of the chemical concept of resonance furnishes a good lead into a
discussion of resonance. Remember, the “resonance” concept implies the
existence of many facets, faces, and forms, but the real picture is none of
those extremes entirely!

Covalent Bonding

The covalent bond illustrated by the two friends sharing an ice cream cone is like a
single covalent bond, sometimes called a sigma (σ) bond. If, while sharing the cone,
they also share the burden of carrying a canoe overhead, this would be like a double
covalent bond, sometimes called a pi (π) bond.

“Bonding” Contexts

Bonding is a term commonly used in contexts other than in chemistry. Discuss the
following statements as common examples of the use of the term bonding.

1. “I’m really bonded to the Rocky Mountains because I was born in Colorado
Springs.”

2. “I’m really bonded to the Texas Hill country because my grandmother’s
house was only fifty miles from Austin.”

3. The accused house burglar had to post a $5000 bond to appear in court.

4. “My uncle gave me a $50 U.S. Savings Bond when I was 10 years old.”

Polarity of Molecules

Teflon-coated stirring bar magnets on an overhead projector can be used to illustrate
an analogy between magnet behavior and polar molecule behavior. If the stirrers are
spaced away from each other with a random orientation, then when a magnet passes
near them on the overhead light stage, the magnetic stirrers will torque to align
themselves parallel to the magnet’s magnetic field. Polar covalent molecules behave
similarly in an electric field.

Concept/Skills Development
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F
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1s 2s   2p   3s

1s 2s   2p

Key Questions
1. What are valence electrons? [Electrons in the highest occupied energy level

of an atom are known as valence electrons. These electrons determine what
kind of chemical bonds, if any, the atom can form.]

2. How can the total valence electrons for an element be determined? Explain.
[Electron configurations may be used to determine the number of valence
electrons for an element. For example, hydrogen has only one electron—its
valence electron. The configuration is 1s1. For representative elements, the
number of valence electrons equals the total electron population at the highest
principal energy level (n), as indicated by electron configurations.]

3. How many valence electrons does each type of atom have: sodium, silicon,
beryllium, and oxygen? [sodium = 1; silicon = 4; beryllium = 2; oxygen = 6]

4. What is the relation between the number of valence electrons in atoms of an
element and the element’s placement in the periodic table? Give examples.
[The number of valence electrons determines the group placement of an element.
For example, hydrogen has one valence electron; it is in the alkali metal family.
All other elements in this family, Li, Na, K, Rb, and Cs, also have only one valence
electron. On the other hand, fluorine has seven valence electrons, as shown by its
configuration 1s22s22p5. This places it in the halogen family. (NOTE: This is
probably more than the average student will give as an answer.)]

5. Draw orbital diagrams for atoms of sodium
and fluorine. Use the diagrams to write
Lewis-dot formulas for these elements.

6. Discuss how the Periodic Table helps to
determine the number of valence electrons
for an element. Include examples and
state the trend in valence electrons within
a group of the Periodic Table. [An alkali
metal group element has one valence
electron, alkaline earth elements have two,
boron group has 3, and so forth. Valence
electrons determine chemical properties
that, in turn, determine element placements in the table. For example, fluorine
has seven valence electrons; all other halogens—Cl, Br, and I—likewise have
seven valence electrons. (Actual student answers may vary considerably.)]

7. Why are molecules more stable than separated atoms, particularly among
representative elements? [Student responses will vary from simple to complex.
The following answer is more sophisticated than that expected of an average
student: The origin of chemical bond stability depends upon the attractive and
repulsive electrostatic forces present. Electron-nucleus interaction always
furnishes attractive forces while nucleus-nucleus and electron-electron
interactions furnish repulsive forces. A simple way to show the origin of this
stability is in terms of possible attraction for one or more electrons simultaneously
by two nuclei close to each other. Whether two given atoms can form a bond
depends upon the filling of orbitals in the separate atoms. Figure 6 illustrates
this concept. The hydrogen molecule is used to show that when two hydrogen
atoms are close together, there is a possibility of more attractive forces than
repulsive forces. On the other hand, when two helium atoms approach, a net
attractive force does not occur, although there are four new attractive forces. This
can be explained—at least in terms of this simple analysis—by the equal number
of new repulsive forces also formed, as shown in Figure 6.]
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F     +     H                   F       H
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H
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2p 3s 3p

Figure 6. Bonding of the hydrogen molecule.

8. How many bonds may be formed by atoms of representative elements?
Explain, including all groups of representative elements. [Most students will
probably give the number of bonds for each periodic group they have memorized,
correlating the number of bonds with the number of valence electrons. The
answer given here is more detailed than what typically good students would
provide: The number of bonds that an atom of a representative element can
form depends upon the orbital occupancy of valence electrons in the atom.
Beginning with the halogen family, the valence electron shell has seven
electrons, three pairs and one unpaired electron in s- and p-orbitals—
3s23px

23py
23pz

1 in chlorine, for example. This gives any halogen elements
the possibility of forming a single covalent bond by forming one electron pair
with an unpaired valence
electron from another atom.
This is shown by the formation
of HF, illustrated in Figure 7.

Figure 7. The bonding of  HF.

Concept/Skills Development
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In the case of oxygen family elements (also called
chalcogens), each element’s atom has six valence
electrons; two of these are unpaired—2s22px

22py
12pz

1

in oxygen, for example. Two single covalent bonds, as for
oxygen in water, may be formed under these
circumstances, as illustrated in Figure 8.

Figure 8. The bonding of H2O.

A similar analysis for nitrogen family elements gives three unpaired valence
electrons, one in each valence shell p-orbital, providing the possibility of three
covalent bonds, as in the formation of NH3 illustrated in Figure 9.

Figure 9. The bonding of NH3 and NF3.

With carbon, the situation is somewhat different. Carbon has the valence
configuration 2s22px

12py
12pz

0 indicating that it can form two covalent
bonds. However, almost all carbon compounds form four, not two, covalent
bonds. Two new ideas come into play here. First, the empty valence orbital,
if CH2 formed, would give it chemical activity (reactivity) due to its close
proximity to the nucleus. Second, the four equivalent bonds formed by many
carbon compounds—CH4 for example—can be explained by imagining that
one 2s electron is moved to the empty 2p orbital. This process, called promotion,
requires energy input in a hypothetical intermediate step that is not needed
in any previous cases. The energy difference between the 2s and the 2p orbitals
is small, however, and does not prevent formation of four equivalent bonds.
Methane, CH4, illustrates this (see Figure 10).

Figure 10. The bonding of CH4 and CF4.
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Na   +

Cl– Cl

Na+ [       ]

[       ] – 3s23p6

2s22p6

2s 2p

3s 3p

A more rigorous consideration views promotion as a step in the hybridization of
atomic orbitals to form equivalent bonding orbitals. Thus, in CH4, carbon’s
s-orbital and three p-orbitals are combined mathematically to form four
equivalent hybrid orbitals that are used when carbon bonds with four hydrogen
atoms. These four hybrid orbitals contain both s and p-orbital characteristics
and achieve maximum separation by pointing toward the vertices of a regular
tetrahedron at angles of 109° 29'. This is designated as sp3 (s-p-three) hybridization
since one s- and three p-orbitals in carbon are involved in forming four
equivalent hybrid orbitals. Each hybrid orbital, like each original atomic
orbital, has a two-electron capacity. NOTE: Similar hybrid orbital arguments
can be used to explain the geometries of the two previous examples. NH3 is a
triagonal pyramid; H2O is a bent molecule (see Molecular Geometry module).

All ideas needed to explain the bonding of remaining molecule-forming
representative elements have now been described. In the case of boron, valence
configuration 2s22px

12py
02pz

0, promoting one of the 2s electrons allows
formation of three equivalent bonds as in BCl3. Orbital diagrams and Lewis-
dot formulas similar to those in Figures 7-10 can be drawn. In terms of hybrid
bonding, three equivalent bonding orbitals designated sp2 (s-p-two)are formed.

Beryllium reacts with hydrogen to form BeH2. Using similar reasoning to
that used above, this bonding can be regarded as involving of two equivalent
hybrid bonding orbitals designated as sp hybridization.

Finally, lithium reacts with hydrogen to form LiH.]

9. What is the octet rule? [When atoms react, they often change electron
populations to acquire the stable electron configuration of a noble gas—eight
electrons in the outer energy level. For hydrogen, of course, this would be a
“duet” rule with two hydrogen atoms sharing two electrons. (This is not a hard
rule since there are many exceptions. It is useful in predicting the bonding
expected when many atoms form compounds. If the term “octet rule” is
objectionable, an alternative is to point out that atoms tend to seek noble gas
electron configurations either by electron sharing (covalent bonding) or
transferring (ionic bonding) when forming compounds.]

10. In chemical reactions, do metals and nonmetals behave the same or differently
with respect to sharing or transferring electrons? [Metals generally have lower
electronegativities than do nonmetals. Thus, metal atoms attract electrons less
strongly and tend to lose electrons to acquire an octet (noble gas electron
configuration). This gives the metal atom a net positive charge, resulting in a cation.
Nonmetals, on the other hand, behave in the opposite manner, having higher
electronegativities than metals. Nonmetal atoms tend to gain electrons to acquire
a noble gas electron configuration, giving them a net negative electric charge.
Nonmetals tend to gain electrons and form negatively charged ions (anions). These
generalities hold reasonably well for many reactions involving representative
elements, particularly if higher members of the carbon family are excluded.]

11. Draw orbital diagrams for the sodium ion, Na+, and the
chloride ion, Cl–, showing the outermost energy level
only. Then write the Lewis-dot formulas and electron
configurations for these species.

(TEACHER’S NOTE: Any simple monatomic ion will
work with this question, e.g., Li+, F–, Mg2+, S2–, etc.
Lewis-dot formulas of single ions are usually enclosed
in brackets and the ionic charge indicated.)

Concept/Skills Development
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12. Draw Lewis-dot structures for NH3, H2O, Cl2O, C2H4, and SiO2. Many
compounds may be used for this question. Avoid “problem” molecules such as
those with an odd number of valence electrons that cannot follow the octet rule
(such as NO), at least initially. When teaching students how to draw Lewis-dot
structures, a useful technique is to develop a helpful set of rules, such as these:

a. Count the total number of valence electrons in the structure.
b. For ions, add one electron for each negative charge and subtract one

electron for each positive charge.
c. Draw the skeleton using dashes to represent electron pairs joining two

atoms together until the skeleton is complete.
d. Add dot-pairs until all valence electrons are accounted for and each atom

has an octet of electrons (duet for hydrogen).
e. If Step d is impossible when N, C, O, or S are involved, try double or triple

bonds (two pairs or three pairs of dots) to form octets.

A simple, quick method for drawing Lewis-dot structures is presented in Tips for
the Teacher under problem solving. It offers as an alternative to the rules given
above or for when students have developed some facility drawing these structures.

13. Compare the covalent bonds formed between elements of similar
electronegativity such as carbon and hydrogen and covalent bonds formed
between elements with significant difference in electronegativity, such as
hydrogen and chlorine. [Student answers will probably vary considerably. At
minimum, some reference to equal or unequal electron sharing should be made.
Students should note that unequal sharing produces a charge separation. In any
case, students should point out that polar covalent bonds, depending on
molecular geometry, often give a molecule properties that affect its behavior.]

14. Describe the bonding trend expected when fluorine bonds with each element
in the second row of the Periodic Table, including itself—F2, OF2, NF3, CF4,
BF3, BeF2, and LiF. [Student answers will vary. At minimum, students should
recognize that a variation in bond type from homonuclear covalent to essentially
ionic takes place. In their answers, students may note the arbitrary nature of
deciding at which point polar covalent bonds are better regarded as ionic.]

15. What happens to the system’s total
potential energy when two isolated
atoms capable of bonding come into
close proximity? [As atoms approach,
atomic nuclei are attracted to
valence electrons. If both atoms have
half-filled or empty valence orbitals,
then bonding may occur, lowering
the potential energy of the system
due to attractive forces reducing the
separation between atoms. See
Figure 11.]

Internuclear Distance

P
ot

en
ti

al
 E

ne
rg

y

Bond
Energy Do

+

0

–

Figure 11. Potential Energy Diagram.



 Chemical Bonding (BOND) 31

16. Metals have characteristic properties that can be explained in terms of
bonding. Briefly describe the bonding in metals that explains such properties.
[Student answers will vary. The basic ideas are found in the post-laboratory
discussion for Laboratory Activity 1 involving chemical bonding in solids.]

17. Some substances are molecular with low melting points, soft structure, and low
solubility in water. What kind of bonding could account for these properties?
[Student answers will vary. This is a very open-ended question; it is probable
that students will not give complete answers without help from you. Basically,
three types of intermolecular interactions—not including the strong covalent
bonding within the molecules themselves—may be responsible. These interactions
are collectively referred to as van der Waals forces. The weakest intermolecular
forces are London forces, as seen in noble gases, carbon dioxide, and other
nonpolar, low-melting substances. These forces can be viewed—at least at a
basic level—as due to motion of electrons and formation of temporary dipoles.
The forces become stronger as the total number of electrons within molecules
and the surface area of the molecules increase. For example, carbon dioxide
melts at a considerably higher temperature than does molecular hydrogen.

Another type of weak intermolecular bonding force is a dipole-dipole force.
Two kinds of these forces, distinguished by the energy required to break them,
are possible. One is the attractive force between opposite charges of polar
molecules. It is stronger than London forces but much weaker than ionic
forces in ionic solids. Molecular solids and liquids with this type of bonding
generally have higher melting points.

Some compounds appear to have abnormally high melting points when
compared to compounds of similar size, shape, and total electrons. In many
of these cases, such compounds exhibit hydrogen bonding, involving highly
electronegative nitrogen, oxygen, or fluorine atoms. The small size and high
electronegativity of such atoms cause highly unequal sharing of the electron
pair forming the covalent bond to hydrogen; there is substantial separation of
charge. The intermolecular attractions (between the hydrogen atom and a lone
pair of electrons on a N, O, or F atom from an adjacent molecule) arising in this
fashion are about an order of magnitude stronger than ordinary dipole-dipole
bonding. Water is an example of a hydrogen-bonded substance. If its
intermolecular forces were simple dipole-dipole forces, it would melt and boil at
lower temperatures than hydrogen sulfide, H2S, a gas at room temperature.]

Pictures in the Mind
1. Close Encounters—Sticky Collisions: A Group Activity

Have six-student groups, wearing placards hanging from their necks, act out
the following scenario while you describe the action. After one run-through,
have the entire class practice (in groups of six students) to get a feeling for
bonding. This can also be reinforced using appropriate cut-outs on a flannel
board or on the overhead projector. Molecules form and chemical reactions can
occur when atoms “collide.” There are three important types of collisions. These are:

Close Encounters of the First Kind: Sighting

An interaction between two atoms in which nothing happens—not a reactive
collision—is often called “scattering.” (Students acting this out should be given
directions in advance about how to simulate Close Encounters of the First Kind.)

Example 1: Ha + Hb–Hc → Ha + Hb–Hc

Concept/Skills Development
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This is the reaction of a hydrogen atom Ha with a hydrogen molecule Hb-Hc. Ha
collides with the molecule. If Ha sticks to Hb, then Hc will be ejected from the
other end and a new molecule, Ha–Hb will result. Sighting (CEFK), however,
is a weak interaction of Ha with Hb but no sticking occurs; Hb–Hc remains intact.

Close Encounters of the Second Kind: Physical Evidence
An interaction between two atoms in which the atoms collide but do not stick
together. Not a reactive collision—can be considered a “nonreactive” interaction.
Physical evidence (CESK) is a weak interaction of Ha with Hb–Hc in which a
collision occurs but no sticking takes place, so Ha merely rebounds. However,
Hb–Hc absorbs some of the energy of the collision, so there is some physical
evidence that something has happened. (Students acting out CESK should
be given acting directions prior to the presentation to the class.)

Example 2:  Ha + Hb–Hc → Ha + (Hb–Hc)*

*The Hb–Hc molecule looks like the same one as in Example 1, but now it has
more energy and can break apart more easily into its atoms.

Close Encounters of the Third Kind: Contact
An interaction between two atoms in which the atoms not only collide but stick
together to form a new molecule or ion—called a “reactive collision.” Contact
(CETK) is a sticky collision that forms a new chemical bond. (Students acting
out CETK should be given acting directions prior to the class presentation.)

Example 3:  Ha + Hb–Hc → Ha–Hb + Hc

The new Ha–Hb molecule has formed! This is a successful reactive collision
producing a new chemical bond.

Simply stated, if a collision is not sticky or reactive, it is not important chemically.
Increasing the temperature of a chemical reaction increases the percent of
effective, reactive, or sticky collisions in which new chemical bonds can be formed.

2. Orbital Overlap: A Group Activity
This activity requires two raw eggs, some vegetable oil, a hot plate, a kitchen
skillet, an egg turner, and a good-natured student willing to fry two eggs
“sunny-side-up.” The student should be given instructions about the role to
be played prior to the class period in which the activity is done. While the
student is “performing,” use this script:

Have you ever noticed how two eggs, sunny-side up in a skillet, may join
together through their egg whites resulting in one double yolk bonded by the
common white part of the two eggs? Then to break the bond between the two
eggs to give one to a friend, the common white part has to be cut. Discuss
several possible reasons why the eggs might run together and how this relates
to what might happen between two atoms that are bonded. Is this a good
analogy of a covalent bond between two hydrogen atoms? (Someone once said
that there is no such thing as a perfect analogy.)

This “sunny-side-up” eggs routine is a good take-off point for discussion of orbital
overlap. This seems to be a good analogy for orbital overlap in terms of everyday
“stuff.” It should lead to a discussion of what overlap actually means—the fusion
of two half-filled atomic orbitals to form a chemical bond. Most high school
chemistry texts make some attempt at this explanation; thus the activity should
build a mental picture that students may use to help understand orbital overlap.
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The development of bonding models is quite interesting when viewed from
historical perspectives. When one thinks about how Dalton visualized chemically
bonded atoms, his “fishhook” model seems very simple. In view of the fact that
he knew nothing about nuclei, electrons, or valences, this model is quite logical.
Arrhenius presented his theory of electrolytic dissociation in 1883 to 1887,
quite some time after the introduction of Dalton’s ideas of bonding.

Consider:

We now know this picture of NaCl is in error since it is an ionic
solid in which the bonding has significant ionic character.

Is this similar to ping
pong balls and Velcro?

What picture does the Lewis “electron-pair” bond form? After all, we name
a method of showing how the valence electrons can be arranged to explain
bonding within molecules and ions. In the Lewis structure the arrangement
of valence electrons can be seen around atoms in molecules and around ions
in ionic compounds. Using dots to represent valence electrons, dot formulas
for ions can be drawn. Remember that metals tend to lose valence electrons,
acquiring a 1+ charge for each electron lost. In
many cases, the ions acquire a noble gas
electron configuration, a configuration
recognized as highly stable. This gives rise to
formulas for some common metal ions of the
representative elements.

In these examples, note that each formula
implies an outer population of eight electrons—
the original valence electrons have been lost,
“uncovering” a stable octet of electrons in the
next inner shell. Such ions are generally highly
stable; they each have a noble gas electron
configuration. Remember that nonmetals tend
to gain valence electrons, gaining a 1– charge
for each electron gained. When forming anions,
nonmetals tend to acquire an octet of electrons (duet in the case of hydrogen).
As in the cases of metal ions, monatomic nonmetal ions thus acquire a noble
gas electron configuration. Lewis-dot formulas shown below are examples of
this.

3. Covalent and Polar Covalent Bonding: Two children enter an ice cream
store and pool their money to buy an ice cream cone to share. When the cone
is in the possession of the first child, the second remains in the immediate
vicinity and will not wander very far. This is like covalent bonding with equal
sharing. If, on the other hand, one child is much larger than the other, the
cone will likely be hogged by the larger one. This is like polar covalent bonding.

Concept/Skills Development
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Language of Chemistry
Here is a minimal glossary of terms useful in discussing chemical bonding.

coordination number  number of ions of opposite charge that surround each
ion in a crystal; number of atoms surrounding a given atom in a crystal.

covalent bond  simultaneous attraction by two atomic nuclei for one or more
electrons (usually an electron pair).

dipole interaction  weak intermolecular force resulting from the attraction of
oppositely charged regions of polar molecules.

double or triple covalent bond  covalent bond in which two and three pairs
of electrons, respectively, are shared by two atoms.

hydrogen bond  relatively strong intermolecular force in which a hydrogen
atom covalently bonded to a very electronegative atom is also weakly bonded
to an unshared electron pair of a strongly electronegative atom in the same
or adjacent molecule.

ionic bond  electrostatic attraction that binds oppositely charged ions together.

Lewis-dot structure  notation that depicts valence electrons as dots around the
atomic symbol of the element; the symbol represents the inner electrons and
atomic nucleus; also called an electron-dot structure.

London forces  weakest type of intermolecular attraction; can be attributed to
motion of electrons leading to temporary dipoles. These temporary dipoles,
in turn, induce opposite temporary dipoles in adjacent molecules, thus
causing weak electrostatic attraction.

metallic bond  force of attraction that holds metals together; it consists of the
attraction of free-moving valence electrons for positively charged metal kernels.

molecular solid  solid consisting of molecules weakly attracted to each other by
van der Waals forces (London forces or dipole-dipole forces) or hydrogen bonding.

network solid  solid in which all atoms are covalently bonded to each other in
one, two, or three dimensions.

nonpolar covalent bond  homonuclear bond formed when atoms in the molecule
are alike and bonding electrons are equally shared.

Octet rule  atoms react by gaining or losing electrons so as to acquire the stable
electron structure of a noble gas, usually eight valence electrons.

polar bond  bond formed when two different atoms are joined by a covalent bond
and the bonding electrons are unequally shared.

van der Waals force  term used to describe the weakest intermolecular attractions;
these include London forces and dipole interactions.

valence electron  electron in the highest occupied energy level of an atom.

Pattern Recognition
Rules of Thumb

Rules of thumb (ROTs) are useful devices to help students remember certain facts
and to increase their ability to apply general principles. Generalizations may be
made and expressed as ROTs. As generalizations, ROTs have exceptions but provide
a core upon which students can build, through experience. These ROTs are designed
to help students recognize situations within which they can work successfully.

TIPS
FOR THE

TEACHER
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1. Representative element metals and nonmetals generally tend to bond
ionically, forming ionic solids.

2. Nonmetals bonding with nonmetals usually bond covalently, forming
molecular solids, molecular liquids, and, in some cases, network solids.

3. When an electronegativity difference is present between atoms forming a
covalent bond, the resulting bond is polar.

4. An electronegativity difference between bonded atoms producing more than
50% ionic character is the arbitrary demarcation between ionic and covalent
bonds.

(Rules of thumb were suggested by Bill Smith, chemistry and physics teacher at
Amarillo High School, Amarillo, Texas.)

Common Student Misconceptions
1. “Bonding must be either ionic or covalent.”

It is a common student misconception that a bond between two atoms, A-B,
is either purely covalent or purely ionic. No compound is 100% ionic. If the
bond involves the same atoms (a homonuclear bond, A-A) then the bond must
be 100% covalent because neither atom has the ability to attract the electron
pair more strongly than the other. However, if the bond involves different
atoms (a heteronuclear bond, A-B) the bond will have mixed covalent and
ionic character. This means there will be a percent ionic character. Thus,
except when the two atoms that are bonded are the same element (for
example, two oxygen atoms), a bond is always partially covalent, partially
ionic. The reason for this is that an electron is never completely transferred
from one atom to another. The electron is shared rather than completely
transferred. The sharing is a matter of degree—the concept of a polar bond.
The best way to teach bonding is to show that there is a gradual progression
from 100% pure covalent bond (homonuclear) to one that is about 98% ionic.

2. “Bond energies can be reliably used to calculate heats of reaction.”

Normally, ∆X means Xfinal state – Xinitial state, where X is any common
thermodynamic state function such as P, T, V, H, E, and S. However, when
bond energies are calculated, ∆H means total BEall reactants – total BEall products,
where BE corresponds to the bond energies obtained from a table of bond
energies for diatomic molecules. The ∆H obtained in this way is the energy
required to break all bonds of reactant molecules minus the energy evolved
when new bonds are made within product molecules.

This value may differ from ∆H determined from heats of formation since the
bonding energy tables are derived from averages of bond energies. It is
therefore best to avoid using bond energies to calculate ∆H.

3. “Mathematical or mental constructs such as electron clouds
represent something solid.”

When solid models are used to illustrate atomic scale events, it is possible to
produce this misconception among students. It is quite natural for students
to develop this picture since both solid models and pictures resemble solids.
Caution students about taking an overly literal view of such models.

Concept/Skills Development
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4. “Intermolecular bonds are the same as intramolecular bonds.”
There is quite a difference between these two types of bonds, despite their
“sound-alike” nature. For example, liquid nitrogen has a low boiling point
(–147 °C) due to relatively weak intermolecular van der Waals forces. Yet
temperatures of several thousand degrees Celsius do not cause appreciable
decomposition of N2

 molecules because the nitrogen atoms in the N2 molecule
are bonded with a triple covalent intramolecular bond. This is a strong,
primary chemical bond whereas van der Waals forces are quite weak
intermolecular forces that require relatively little energy to overcome.

5. “Covalent bonds must be weak because covalent compounds are
generally soft with low melting points (< 300 °C).”
Actually, this is a case of confusing intermolecular with intramolecular bonding.
See the discussion above for Item 4.

Problem Solving
Number of Bonds: The Pauling-Giddings Rule—An Easy, Fast Way to
Determine Lewis-Dot Structures

Determining electron dot structures for molecules is relatively easy if one knows how
many bonds to draw. A powerful little bonding rule is:

The following examples show how easy this is to use.

Example 1: How many bonds are present in a N2 molecule?

Step 1:  Each N atom “demands” an octet (8) of electrons, so D = 2 x 8 = 16.

Step 2:  Each N atom “supplies” the five valence electrons it has, so S = 2 x 5 = 10.

Step 3:  B = (D – S)/2 = (16 – 10)/2 = 3; there are three bonds—a triple bond. Draw
the triple bond between the N atoms, then complete the octet around each N atom
until all 10 “supplied electrons” are used.

Example 2: How many bonds are present in a carbonate ion, CO3
2– ?

Step 1: The C atom “demands” an octet (8) of electrons and each O atom
“demands” an octet, so D = (1 x 8) + (3 x 8) = 32.

Step 2: The C atom “supplies” the four valence electrons it has, and each O atom
“supplies” six valence electrons. However, we also must consider the net ionic
charge (see next step).

Step 3: Electrons have been supplied due to the 2– charge on the ion, so
S = (1 x 4) + (3 x 6) + 2 = 24.

Step 4: B = (D – S)/2 = (32 – 24)/2 = 4; there are four bonds between the three
oxygen and one carbon atom (from an electron-dot viewpoint, one can be
regarded as a double bond; two as single bonds).

Step 5: Draw the double bond between C and one of the O atoms, then two single
bonds between the C and the other two O atoms. Finally, complete the octet
around each atom until all 24 “supplied electrons” are used. (NOTE: There are
three different ways to draw the C = O bond, corresponding to the three resonance
structures for this ion.)

Number of bonds = 
electron demand – electron supply

2

or, B = 
D – S

2
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Bonding “Coverage”
What is the minimum that should be included when teaching bonding in an introductory
chemistry course? One list of minimum bonding concepts might look like this:

1. Covalent bonds and covalent network solids
2. Ionic bonds
3. Using electronegativity
4. Metallic bonds
5. van der Waals forces
6. Polar covalency
7. Lewis-dot formulas for molecules and ions
8. Valence electrons and the Periodic Table

Other bonding topics can be regarded as optional even though they may appear in
the textbook. For example, concepts such as hybrid bonds are not absolutely essential.

John Dalton (1766-1844). Dalton’s early career was the study of mathematics and
Newtonian theories of gravity and forces. In addition, he compiled meteorological
records and constructed barometers, thermometers, rain gauges, and hygrometers. His
research on gases led to the formulation that in a mixture of gases each gas acts as an
independent entity (law of partial pressures). Dalton was the first scientist to explain
that air is a mixture of gases and not a vast “chemical solvent,” as many chemists had
been theorizing based on their observations of evaporation and boiling of substances.
Between 1805 and 1807 Dalton began shifting his interests increasingly towards chemistry.
During a series of lectures in Edinburgh, he described a new system of examining
chemical combinations. In 1807 he described atoms as the indivisible particles of matter
that bonded together by hooking to form all the compounds present in nature. He
envisioned this hooking to be similar to fish hooks that would latch onto one another.
For this and other theories, Dalton was later elected to the Royal Society. He was also
instrumental in the founding of the British Association for the Advancement of Science.

Edward Frankland (1825-1899). Frankland developed a theory of valence following
research into the properties of zinc methyl, a new reactive organometallic compound,
and a series of alkyl-conjugated metals that had different combining powers than the
metals alone. On May 10, 1852, Frankland published an article describing the fixed
combining powers of elements that he termed ‘atomicity.’ This term was renamed
valence. Frankland’s work on valence, along with an international agreement on
atomic weight values signed shortly thereafter united various theoretical schools of
chemists into the field of structural chemistry.

Archibald Scott Couper (1831-1892). In 1856, Couper began research on the
bromination of benzene at the laboratory of Charles Wurtz in Paris. He asked Wurtz to
present a paper that he had written titled “On a New Chemical Theory” to the French
Academy of Sciences. However, before his paper was presented a similar paper was
presented by Friedrich Kekulé. By the time Couper’s paper was read, Kekulé had
claimed priority for the formulas for bromobenzene (C6H5Br) and p-dibromobenzene
(C6H4Br2). Couper, after complaining to Wurtz about the delay in presenting his
paper, was dismissed from the laboratory and returned to his native Scotland. His
subsequent research on carbon showed that it has a valence, or combining power, of
two or four, forms valence links with other carbon atoms, and thereby forms carbon
chains. Couper represented these links with lines and in 1858 introduced the first
“ring formula” to organic chemistry.

Concept/Skills Development
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Linus Pauling (1902- ). Pauling began his studies as an undergraduate at Oregon
State Agricultural College. In order to pay for his classes, he taught quantitative
analysis and offered tutorials on freshman chemistry. By 1920, when he was a senior,
Pauling was offering a seminar on the electronic nature of the chemical bond. He
based this course on Lewis and Langmuir’s theories of chemical bonding published
in 1916. Pauling attended the California Institute of Technology beginning in 1922.
At the time Caltech was one of the first institutions using the new methods of X-ray
crystallography to analyze structures, and while still a graduate student, Pauling
published seven papers on crystal structures. By 1928, after studying in Europe for
a year, Pauling was doing frontier research on chemical bonding. Beginning in 1931
he published a seven-part series titled “The Nature of the Chemical Bond.” New rules
for determining bond lengths, the angles between bonds, magnetic moments and
other molecular properties were described using the concept of resonance. Pauling’s
theory held that molecules can be represented by a linear combination of wave
functions. He thus transformed the field of chemistry by applying quantum theory
and quantum mechanics to chemical structure and bonding. Pauling has continued
to study molecular structure with emphasis on the structure of protein molecules
from living tissue. Through his success in determining protein structures, Pauling
established himself as a founder of modern molecular biology.

In 1954, Pauling received the Nobel Prize for his research into the nature of the
chemical bond. In addition to his scientific work he has been an outspoken advocate
of peaceful resolution of conflict. Such activities resulted in his receipt of a second
Nobel Prize, the Peace Prize, in 1963.

G. N. Lewis made significant contributions to ideas about the chemical bond. A brief
biography is in Masterton, W. L., and Hurley, C. N. (1989). Chemistry: Principles and
reactions (pp. 272-273). New York, NY: Saunders.

1. Capitalism reigns in the atomic world. The unequal sharing of electrons is
the central concept of bonding. One of history’s most sage remarks concerning
sharing was uttered by Winston A. Churchill, Prime Minister of England
during World War II, which was also once used in a beer advertisement:

The inherent virtue of socialism
is the equal sharing of miseries;
the inherent vice of capitalism
is the unequal sharing of Budweiser.

What did Churchill actually say? (Yes, the unequal sharing of wealth!) This
was, indeed, a very wise remark on Churchill’s part. Some people do have
more Budweiser, wealth, luck, and wisdom than do other people. Some
atoms, on the other hand, are more electron-wealthy than others—they are
said to be more electronegative! Fluorine is the most wealthy, the most
capitalistic of all atoms. Electrons are not shared equally between atoms
unless those atoms are the same, so unequal sharing is the normal situation.
Capitalism reigns supreme in the atomic world!

2. Elements 4 and 18 (from the alkaline earth and noble gas families) form a 1:1
compound that is polar. What is the compound’s color and formula? Answer:
BeAr. Since it is polar, it must be white.

3. Question: What is the name of 007’s Eskimo cousin? Answer: Polar Bond.
(CHEM 13 NEWS, April 1975, p. 894)

HUMOR: ON
THE FUN SIDE
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4. Limericks:

a. Bond formation can me unwell
(Electrons join up in a shell)
For it doesn’t seem fine
To say they combine
When we know very well they repel!
(CHEM 13 NEWS, May 1988, p. 7)

b. While he was out walking alone,
Old Edward decided to clone.
He found himself doubled,
But not the least troubled,
For two Ed’s are better than one!

c. There’s a law that just simply can’t be
About time and space fantasy.
But Albert Einstein
Theorized it just fine,
Because E over M is squared C.
(CHEM 13 NEWS, May 1981, p. 9)

5. Rhyme:

Chemistry is full of rules
Atoms, moles, and molecules.
Some of which might fit together,
Maybe now, and likely never.
(CHEM 13 NEWS, January 1972, p. 380)

6. Message on a T-shirt: Together we could make beautiful molecules.

7. The adjacent Lewis-dot diagram for Br2 was one of
several similar variants submitted on a recent test
by students who shall remain anonymous.
(CHEM 13 NEWS, December 1991, p. 2)

8. CHEMTOON : We seem to be poles apart.
(CHEM 13 NEWS, September 1983, p. 15)

9. ON HYBRIDS

Beryllium gave many a plea
’Cause it’s valence electrons weren’t free
And it couldn’t combine
till a thought came to mind
And it went and invented sp!
Boron’s not satisfied yet
Its demands really cannot be met
Though it tries hard to be
Like He or Ne
sp2 is the best it can get.
Carbon’s like one seen before
His shells couldn’t hold any more
Till his friends lent a hand
showed him how to expand
And sp3 lets him join up with four!
(CHEM 13 NEWS, September 1981, p. 3)

Concept/Skills Development
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10. Word Search (see Appendix for master copy)

N E G O R D Y H M I F V I M K C F
A C I P Z D L E J G E F Z Z F O T
Q R V L N D T C O V A L E N T O R
C K A L M A B L D C V K A Y D R S
N P I L L O R Y O J Q V C N C D K
W U N L U S P J U D W M E N N I K
I K I A O C X H B X F K E E E N I
B C A O V D E C L H L T J D S A J
F F X P X I J L E D W Y I X W T S
Y Y Y R H P C A O O W Y L E W I S
D N O D N O L R R M E L E Z Y O O
P C Y J K L G K P S T U X S J N A
D O O T W E V X M A S Y Y E X N A

Words about the concepts in this module can be obtained from the clues
given. Find these words in the block of letters:

1. Type of bond that holds metals together.
2. _______ bond, simultaneous attraction by two atomic nuclei for one or

more electrons.
3. Weak intermolecular force between polar molecules.
4. Type of solid in which all atoms are covalently bonded.
5. Type of solid in which molecules are weakly attracted to each other.
6. Relatively strong type of bond between hydrogen and a highly

electronegative atom such as O or N.
7. Weakest type of intermolecular attraction.
8. Name for electron-dot notation.
9. Type of covalent bond in which two pairs of electrons are shared.

10. Number denoting number of ions of opposite charge surrounding an ion
in a crystal.

Answers:  1. METALLIC  2. COVALENT  3. DIPOLE  4. NETWORK
5. MOLECULAR  6. HYDROGEN  7. LONDON  8. LEWIS  9. DOUBLE
10. COORDINATION

11. See cartoons at end of module.

1. Solo-Learn series of auto-tutorial programs consisting of a filmstrip, a cassette
commentary, student worksheets and teacher’s guide are available in VHS
or 16-mm film format for purchase or rental from Ward’s Natural Science
Establishment, Inc., 5100 West Henrietta Road, P.O. Box 92912, Rochester,
NY 14692-9012; (800) 2660.

a. Introduction to Chemical Bonding presents the basics of chemical bonding
including valence electrons, Lewis dot structures, electronegativity,
ionic, covalent, and polar covalent bonding.

b. Polar Covalence presents the details of polar covalent bonds including
properties associated with bond types, polar molecule behavior in electric
fields, predicting degree of polarity, orbital overlap with regard to bond
formation and strength, and prediction of properties due to bond polarity.

MEDIA
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c. Bond Type and Properties of Matter describes bonding in terms of
electrostatic attraction and repulsion, and correlates properties of
substances with the bonding and structure of elements and compounds.

These autotutorial programs are thorough in coverage and particularly useful for
individual or small group work. They may be used for presentation to large groups
also.

2. CHEM Study Films and Videos (1/2 -inch VHS) All the original CHEM Study
films have been revised and brought up to date. They are also available in
convenient video format. Highly recommended—particularly the first and
third titles listed below. Crystals and their Structures also fits well in a Condensed
States unit. Available from Ward’s Natural Science Establishment, P.O. Box
92912, Rochester, NY  14692-9012, (800) 962-2660, in VHS format or 16-mm
film format for purchase or rental.

a. Chemical Bonding explains chemical bonding in terms of the electric
interactions that cause bonding in the hydrogen molecule. 16 min.
Recommended for average or better students.

b. Crystals and their Structures introduces the properties of crystals, their well-
defined diffraction patterns in interaction with X-rays, and their description
as regular, repeating arrangements of atoms. 22 min. Recommended for
above average students.

c. Electric Interactions in Chemistry develops Coulomb’s law experimentally in
a way that average or better students can grasp. The experiment used is
somewhat unique. 21 min. Recommended for average or better students.

d. Shapes and Polarities of Molecules develops the concept of molecular polarity.
Polar molecules are used to explain differences in solubility, electrical
conductivity, and chemical reactivity. 18 min. Recommended for average
and above average students.

3. Chemical Bonding and Atomic Structure, 23 min. video available from Coronet/
NTI Film and Video, 108 Wilmot Road, Deerfield, IL 60015; (800) 621-2131;
(708) 940-3640 (FAX).

4. Software published byJCE: Software, a publication of the Journal of Chemical
Education, Department of Chemistry, University of Wisconsin-Madison,
1101 University Avenue. Madison, Wl 53706-1396: (608) 262-5153 (voice) or
(608) 262-0381 (FAX).

a. MolVib: Visualizing Molecular Vibrations, by Daniel Huber. Vol. III C, No.
1, for the Apple Macintosh.

b. Evolution of Bonding Theory, by David Whisnant. Vol. II A, No. 1, for the
Apple II computer.

5. Software published by Project SERAPHIM, Department of Chemistry,
University of Wisconsin-Madison, 1101 University Avenue. Madison, Wl
53706-1396: (608) 263-2837 (voice) or (608) 262-0381 (FAX).

For the Apple II computer running on ProDOS: AR 303

6. Videodisc published byJCE: Software, a publication of the Journal of Chemical
Education, Department of Chemistry, University of Wisconsin-Madison,
1101 University Avenue. Madison, Wl 53706-1396: (608) 262-5153 (voice) or
(608) 262-0381 (FAX).

“Experimenting with Electrical Charges,” a chapter on The World of
Chemistry: Selected Demonstrations and Animations: Disc I (double sided,
60 min.), Special Issue 3.

Concept/Skills Development
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Links/Connections

Bonding may be considered the central concept in chemistry since it determines the
microscopic structure of all matter. The structure of matter, in turn, determines the
properties it possesses. The linkages between chemical bonding and atomic structure,
periodicity, reaction kinetics, chemical equilibrium, and chemical thermodynamics
are especially strong. Bonding in polymers – textiles, plastics, etc. – is economically
important. Disruption of the bonding in ozone by the action of free radicals has led
to depletion of ozone in the upper atmosphere.

Since bonding determines the properties of substances—both macroscopic and
microscopic—it is definitely linked to other scientific disciplines. This linkage is
more obvious in some cases than in others. For example, microbiology, medicine,
chemical engineering, pharmacology and toxicology are closely linked to chemical
bonding. Much of our understanding of food preservation and the use of food
additives (both helpful and harmful) is based on chemical bonding. Hydrogen
bonding is important for the functioning of DNA

Personal
Most people are familiar with “bonding” involving magnetism, Velcro, familial
bonding, etc. Chemical bonding is less conspicuous, but more pervasive. In fact,
everything is chemically bonded including people and other organisms. Personal
linkage to chemical bonding is so widespread that no one consciously considers it or
wonders about it. Introducing some “wondering why” about the role of chemical
bonding in daily life is highly appropriate and necessary.

Community
Knowledgeable Individuals

University, college, and community college teachers, professional chemists, forensic
chemists, chemical engineers, medical doctors, experienced chemistry teachers, etc.,
can all provide assistance and perspectives. Most local sections of the American
Chemical Society have an education committee that can also help.

Other Community Resources

Public libraries, community utility departments, hospitals, and police departments
may be useful resources.

Societal
Local newspapers are sources of chemical based problems that are useful to produce
student awareness.

WITHIN
CHEMISTRY

BETWEEN
CHEMISTRY
AND OTHER

DISCIPLINES

TO THE
CONTEMPORARY

WORLD
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Extensions

1. Research the significance of hydrogen bonding in the role of water in climate,
living organisms, and life in general.

2. Research the explanation of metallic properties, the location of metals in the
Periodic Table, and the properties of alloys in terms of the metallic bond.

3. Research the explanation of the properties of covalent network solids in
terms of the covalent bonding involved.

4. Research the trend in bond type from pure covalent to ionic on the basis of
electronegativity and electron affinity.

5. Design and perform an experiment to investigate the relation between
solubility and charge separation in both solute and solvent.

6. Design and perform an experiment to investigate the formation of a precipitate
when two solutions are mixed.
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Appendix

• Transparency Masters
1. The Formation of a Molecule of Hydrogen, H2 (Covalent Bonding)

2. Attractive and Repulsive Forces When Helium Atoms Approach
(Covalent Bonding)

3. Schematic Representation of the Interaction Between Two Atoms
(Covalent Bonding)

4. Electron Distribution in Various Bond Types (Covalent ↔ Ionic Bonding)

5. The Boiling Points of Some Hydrides (Hydrogen Bonding)

6. Types of Network Silicates (Covalent Networks)

7. Slippage of Planes of Metal Atoms (Metallic Bonding)

8. Pauling Fractional Ionic Character (Covalent ↔ Ionic Bonding)

9. Word Search

• Humor
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Appendix
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+

Schematic Representation of the
Interaction Between Two Atoms

B.  A Simplified Representation of Orbital Occupancy:

1s Orbital Empty

+

++

A.  A Simplified Representation of a 1s Orbital:

will be
shown as

with the addition
of shading to

indicate occupancy

1s orbital
containing 

one electron:
"half filled"

1s orbital
containing 

two electrons:
"filled"

+

H  +  H

He + He

H2

2He

C.  Overlap and Bonding of the Hydrogen Molecule:

D.  Absence of Overlap for Two Helium Atoms:

or

+ +

+

+

+ +

++ ++ ++ ++
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Pauling Fractional Ionic Character
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Appendix

By permission of Henry R. Martin.

“As time goes by, Claralou, I think the chemistry between
us is getting better.”
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O O

H H

N N

He Ar

“Artie, how come you
and I can never find
anyone compatible?”

 John Ihde, Wausau West High School, Wausau, WI 54401.
Reprinted with permission.
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Appendix

HCl–

Cl– Br

ClNa+

“I’ve tried it both ways
and believe me, Ionic is
much more satisfying!”

 John Ihde, Wausau West High School, Wausau, WI 54401.
Reprinted with permission.
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 John Ihde, Wausau West High School, Wausau, WI 54401.
Reprinted with permission.

H H

O

Cl YS

“Sam, how do you people
handle two at once? I have
enough trouble with just one.”

S


