Chapter 5
lonic and Molecular and VSPER

in a ball-and-stick model (left). These molecules have single and double carbon-carbon bonds arranged to form a

geometric framework of hexagons and pentagons, similar to the pattern on a soccer ball (center). This unconventional
molecular structure is named after architect R. Buckminster Fuller, whose innovative designs combined simple
geometric shapes to create large, strong structures such as this weather radar dome near Tucson, Arizona (right).
(credit middle: modification of work by “Petey21”/Wikimedia Commons; credit right: modification of work by Bill

Morrow)
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5.1 Chemical Formulas

By the end of this section, you will be able to:

Symbolize the composition of molecules using molecular formulas and empirical formulas

Represent the bonding arrangement of atoms within molecules using structural formulas

A molecular formula is a representation of a molecule that uses chemical symbols to indicate the types of atoms
followed by subscripts to show the number of atoms of each type in the molecule. (A subscript is used only when
more than one atom of a given type is present.) Molecular formulas are also used as abbreviations for the names of
compounds.

The structural formula for a compound gives the same information as its molecular formula (the types and numbers
of atoms in the molecule) but also shows how the atoms are connected in the molecule. The structural formula for
methane contains symbols for one C atom and four H atoms, indicating the number of atoms in the molecule (Figure
5.2). The lines represent bonds that hold the atoms together. (A chemical bond is an attraction between atoms or ions
that holds them together in a molecule or a crystal.) We will discuss chemical bonds and see how to predict the
arrangement of atoms in a molecule later. For now, simply know that the lines are an indication of how the atoms are
connected in a molecule. A ball-and-stick model shows the geometric arrangement of the atoms with atomic sizes not

to scale, and a space-filling model shows the relative sizes of the atoms.
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Figure 5.2 A methane molecule can be represented as (a) a molecular formula, (b) a structural formula, (c) a ball-
and-stick model, and (d) a space-filling model. Carbon and hydrogen atoms are represented by black and white

spheres, respectively.

Although many elements consist of discrete, individual atoms, some exist as molecules made up of two or more atoms
of the element chemically bonded together. For example, most samples of the elements hydrogen, oxygen, and nitrogen
are composed of molecules that contain two atoms each (called diatomic molecules) and thus have the molecular
formulas H, O, and Ny, respectively. Other elements commonly found as diatomic molecules are fluorine (F»),

chlorine (Cl,), bromine (Bry), and iodine (l2).
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Figure 5.3 Several elements naturally exist as diatomic molecules, in which two atoms (E) are joined by one or more

covalent bonds to form a molecule with the general formula E»

It is important to note that a subscript following a symbol and a number in front of a symbol do not represent the same
thing; for example, H, and 2H represent distinctly different species. Hz is a molecular formula; it represents a diatomic
molecule of hydrogen, consisting of two atoms of the element that are chemically bonded together. The expression
2H, on the other hand, indicates two separate hydrogen atoms that are not combined as a unit. The expression 2H,

represents two molecules of diatomic hydrogen (Figure 5.4).

H 2H H, 2H,
J J sJ sJ
One H atom Two H atoms One H, molecule Two H, molecules

Figure 5.4 The symbols H, 2H, Hz, and 2H- represent very different entities.

Compounds are formed when two or more elements chemically combine, resulting in the formation of bonds. For
example, hydrogen and oxygen can react to form water, and sodium and chlorine can react to form table salt. We
sometimes describe the composition of these compounds with an empirical formula, which indicates the types of
atoms present and the simplest whole-number ratio of the number of atoms (or ions) in the compound. For example,
titanium dioxide (used as pigment in white paint and in the thick, white, blocking type of sunscreen) has an empirical
formula of TiO.. This identifies the elements titanium (Ti) and oxygen (O) as the constituents of titanium dioxide, and

indicates the presence of twice as many atoms of the element oxygen as atoms of the element titanium (Figure 5.5).



(b)
Figure 5.5 (a) The white compound titanium dioxide provides effective protection from the sun. (b) A crystal of

titanium dioxide, TiO2, contains titanium and oxygen in a ratio of 1 to 2. The titanium atoms are gray, and the oxygen

atoms are red. (credit a: modification of work by “osseous”/Flickr)

As discussed previously, we can describe a compound with a molecular formula, in which the subscripts indicate the
actual numbers of atoms of each element in a molecule of the compound. In many cases, the molecular formula of a
substance is derived from experimental determination of both its empirical formula and its molecular mass (the sum
of atomic masses for all atoms composing the molecule). For example, it can be determined experimentally that
benzene contains two elements, carbon (C) and hydrogen (H), and that for every carbon atom in benzene, there is one
hydrogen atom. Thus, the empirical formula is CH. An experimental determination of the molecular mass reveals that
a molecule of benzene contains six carbon atoms and six hydrogen atoms, so the molecular formula for benzene is

CeHs (Figure 5.6).
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Figure 5.6 Benzene, CsHs, is produced during oil refining and has many industrial uses. A benzene molecule can be
represented as (a) a structural formula, (b) a ball-and-stick model, and (c) a space-filling model. (d) Benzene is a clear

liquid. (credit d: modification of work by Sahar Atwa)

If we know a compound’s formula, we can easily determine the empirical formula. (This is somewhat of an academic
exercise; the reverse chronology is generally followed in actual practice.) For example, the molecular formula for
acetic acid, the component that gives vinegar its sharp taste, is C2H4O.. This formula indicates that a molecule of
acetic acid (Figure 5.7) contains two carbon atoms, four hydrogen atoms, and two oxygen atoms. The ratio of atoms

is 2:4:2. Dividing by the lowest common denominator (2) gives the simplest, whole-number ratio of atoms, 1:2:1, so



the empirical formula is CH,O. Note that a molecular formula is always a whole-number multiple of an empirical

formula.
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Figure 5.7 (a) Vinegar contains acetic acid, C.H4O2, which has an empirical formula of CH-0. It can be represented

as (b) a structural formula and (c) as a ball-and-stick model. (credit a: modification of work by “HomeSpot HQ”/Flickr)

Example 5.1
Empirical and Molecular Formulas: Molecules of glucose (blood sugar) contain 6 carbon atoms, 12 hydrogen

atoms, and 6 oxygen atoms. What are the molecular and empirical formulas of glucose?

Solution:

The molecular formula is CsH1206 because one molecule actually contains 6 C, 12 H, and 6 O atoms. The simplest
whole-number ratio of C to H to O atoms in glucose is 1:2:1, so the empirical formula is CH0.

Check Your Learning

A molecule of metaldehyde (a pesticide used for snails and slugs) contains 8 carbon atoms, 16 hydrogen atoms, and
4 oxygen atoms. What are the molecular and empirical formulas of metaldehyde?

Answer: Molecular formula, CgH1604; empirical formula, C.H.O

Calcium hydroxyapatite with a formula of Cai0(PO4)s(OH)2 is a mineral that makes up tooth enamel and bone. What
is empirical formula of calcium hydroxyapatite?

Answer:

If we divide the number of ions or polyatomic ions by 2 we get Cas(PO.)3(OH) or CasP3013H which cannot be reduced

further.



Link to Learning

] You can explore molecule building (http://openstaxcollege.org/l/
openstax 16molbuilding) using an online simulation.
|

5.2 lonic Compounds

By the end of this section, you will be able to:

Define ionic and molecular (covalent) compounds
Predict the type of compound formed from elements based on their location within the periodic table

Determine formulas for simple ionic compounds

In ordinary chemical reactions, the nucleus of each atom (and thus the identity of the element) remains unchanged.
Electrons, however, can be added to atoms by transfer from other atoms, lost by transfer to other atoms, or shared with
other atoms. The transfer and sharing of electrons among atoms govern the chemistry of the elements. During the
formation of some compounds, atoms gain or lose electrons, and form electrically charged particles called ions (Figure
5.8).
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(11 protons,
12 neutrons)
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Figure 5.8 (a) A sodium atom (Na) has equal humbers of protons and electrons (11) and is uncharged. (b) A sodium

cation (Na¥) has lost an electron, so it has one more proton (11) than electrons (10), giving it an overall positive
charge, signified by a superscripted plus sign.

You can use the periodic table to predict whether an atom will form an anion (negative ion) or a cation (positive ion),
and you can often predict the charge of the resulting ion. Atoms will lose or gain electrons to become stable like the nearest

noble gas. Atoms of main-group metals lose enough electrons to leave them with the same number of electrons as an


http://openstaxcollege.org/l/16molbuilding
http://openstaxcollege.org/l/16molbuilding

atom of the preceding noble gas (usually 8 valence electrons). To illustrate, an atom of an alkali metal (group 1) loses
one electron and forms a cation with a 1+ charge; an alkaline earth metal (group 2) loses two electrons and forms a
cation with a 2+ charge, and so on. For example, a neutral calcium atom, has two valence electrons. When it losses

these two valence electrons it will have two more electrons than protons and therefore a 2+ charge. It will now have
the same number of electrons as argon, the preceding noble gas, and is symbolized Ca2*. The name of a metal ion is

the same as the name of the metal atom from which it forms, so Ca2™ is called a calcium ion.

When atoms of nonmetal elements form ions, they generally gain enough electrons to give them the same number of
electrons as an atom of the next noble gas in the periodic table. Atoms of group 17 gain one electron and form anions
with a 1— charge; atoms of group 16 gain two electrons and form ions with a 2— charge, and so on. For example, the
neutral bromine atom, with 35 protons and 35 electrons, can gain one electron to provide it with 36 electrons. This

results in an anion with 35 protons, 36 electrons, and a 1— charge. It has the same number of electrons as atoms of the

next noble gas, krypton, and is symbolized Br .

Note the usefulness of the periodic table in predicting likely ion formation and charge (Figure 5.9). Moving from the
far left to the right on the periodic table, main-group metals tend to form cations with a charge equal to the group
number. That is, group 1 elements form 1+ ions; group 2 elements form 2+ ions, and so on. Moving from the far right
to the left on the periodic table, nonmetals often form anions with a negative charge equal to the number of groups
moved left from the noble gases. For example, group 17 elements (one group left of the noble gases) form 1- ions;
group 16 elements (two groups left) form 2— ions, and so on. This trend can be used as a guide in many cases, but its
predictive value decreases when moving toward the center of the periodic table. In fact, transition metals and some
other metals often exhibit variable charges that are not predictable by their location in the table. For example, copper

can form ions with a 1+ or 2+ charge, and iron can form ions with a 2+ or 3+ charge.
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Figure 5.9 Some elements exhibit a regular pattern of ionic charge when they form ions.



Example 5.2
Composition of lons: An ion found in some compounds used as antiperspirants contains 13 protons and 10 electrons.
What is its symbol?

Solution:

Because the number of protons remains unchanged when an atom forms an ion, the atomic number of the element
must be 13. Knowing this lets us use the periodic table to identify the element as Al (aluminum). The Al atom has lost
three electrons and thus has three more positive charges (13) than it has electrons (10). This is the aluminum cation,
Al 3,

Check Your Learning

Give the symbol and name for the ion with 34 protons and 36 electrons.

Answer: Se?", the selenide ion

Example 5.3
Formation of lons: Magnesium and nitrogen react to form an ionic compound. Predict which forms an anion, which

forms a cation, and the charges of each ion. Write the symbol for each ion and name them.

Solution:

Magnesium’s position in the periodic table (group 2) tells us that it is a metal. Metals form positive ions (cations). A
magnesium atom must lose two electrons to have the same number electrons as an atom of the previous noble gas,
neon. Thus, a magnesium atom will form a cation with two fewer electrons than protons and a charge of 2+. The
symbol for the ion is Mg?*, and it is called a magnesium ion.

Nitrogen’s position in the periodic table (group 15) reveals that it is a nonmetal. Nonmetals form negative ions
(anions). A nitrogen atom must gain three electrons to have the same number of electrons as an atom of the following
noble gas, neon. Thus, a nitrogen atom will form an anion with three more electrons than protons and a charge of 3—.
The symbol for the ion is N*~, and it is called a nitride ion.

Check Your Learning

Aluminum and carbon react to form an ionic compound. Predict which forms an anion, which forms a cation, and the
charges of each ion. Write the symbol for each ion and name them.

Answer: Al will form a cation with a charge of 3+: AI*, an aluminum ion. Carbon will form an anion with a charge
of 4—: C*, a carbide ion.

The ions that we have discussed so far are called monatomic ions, that is, they are ions formed from only one atom.
We also find many polyatomic ions. These ions, which act as discrete units, are electrically charged molecules (a
group of bonded atoms with an overall charge). Some of the more important polyatomic ions are listed in Table 5.1.
Oxyanions are polyatomic ions that contain one or more oxygen atoms. At this point in your study of chemistry, you
should memorize the names, formulas, and charges of the most common polyatomic ions. Because you will use them

repeatedly, they will soon become familiar.



Name Formula Related Acid Formula
ammonium NHgq *

hydronium H30+

peroxide 022'

hydroxide OH"

acetate CH3C00" acetic acid CH;COOH
cyanide CN— hydrocyanic acid HCN
azide N3~ hydrazoic acid HN;
carbonate CO32' carbonic acid H,CO3
bicarbonate HCO3 carbonic acid H2COs
nitrate NO3 nitric acid HNO;
nitrite NO2 nitrous acid HNO;
Sulfate SO 42— sulfuric acid H,S04
hydrogen sulfate HSO4 sulfuric acid H2SO4
sulfite SOz 2~ sulfurous acid H,SO3
hydrogen sulfite HSO3 sulfurous acid H,S05
phosphate POy 3- phosphoric acid H3PO4
hydrogen phosphate HPO4 2~ phosphoric acid HsPO,
dihydrogen phosphate ~ [H2PO4 ~ phosphoric acid HsPO,
perchlorate Clog ~ perchloric acid HCIO,
chlorate Cloz ™~ chloric acid HCIOs
chlorite Cloo ™~ chlorous acid HCIO;
hypochlorite clO~ hypochlorous acid  [HCIO
chromate CrOy4 2- chromic acid H2Cr204
dichromate Cry 07 2— dichromic acid H,Cr,0-
permanganate MnOg4 ~ permanganic acid HMnNO4

Table 5.1 Common Polyatomic lons




Note that there is a system for naming some polyatomic ions; -ate and -ite are suffixes designating polyatomic ions

containing more or fewer oxygen atoms. Per- (short for “hyper”) and hypo- (meaning “under”) are prefixes meaning

more oxygen atoms than -ate and fewer oxygen atoms than -ite, respectively. For example, perchlorate is CIO4 >
chlorate is CIO3 ~ , chlorite is CIO2 ~ and hypochlorite is CIO™. Unfortunately, the number of oxygen atoms

corresponding to a given suffix or prefix is not consistent; for example, nitrate is NO3 — while sulfate is SOy 2=,

The nature of the attractive forces that hold atoms or ions together within a compound is the basis for classifying
chemical bonding. When electrons are transferred and ions form, ionic bonds result. lonic bonds are electrostatic
forces of attraction, that is, the attractive forces experienced between objects of opposite electrical charge (in this case,
cations and anions). When electrons are “shared” and molecules form, covalent bonds result. Covalent bonds are the
attractive forces between the positively charged nuclei of the bonded atoms and one or more pairs of electrons that are
located between the atoms. Compounds are classified as ionic or molecular (covalent) on the basis of the bonds present

in them.
lonic Compounds

When a metal loses electrons to a nonmetal which gain the electrons, ions are formed. The compound formed by this
transfer of electrons is stabilized by the electrostatic attractions (ionic bonds) between the ions of opposite charge

present in the compound. For example (Figure 5.10), when a sodium atom (group 1) gives up one electron to form a
sodium cation, Na™, and a chlorine atom (group 17) accepts one electron to form a chloride anion, CI~, the resulting

compound, NaCl, is composed of sodium ions and chloride ions in the ratio of one Na* ion for each CI~ ion. The
compound must be electrically neutral, the sum of the positive and negative charges must be equal to zero.

Similarly, a calcium atom (group 2) gives up two electrons and transfers one to each of two chlorine atoms to form

CaCly, which is composed of one Ca2* ion and two CI™ ions.

Figure 5.10 Sodium chloride forms by the transfer of an electron from sodium to chlorine to form Na+ ions and ClI-

ions. (Image credit: OpenStax Biology.)

A compound that contains ions and is held together by ionic bonds is called an ionic compound. The periodic table
can help us recognize many of the compounds that are ionic: When a metal is combined with one or more nonmetals,
the compound is usually ionic. This guideline works well for predicting ionic compound formation for most of the

compounds typically encountered in an introductory chemistry course.



In every ionic compound, the total number of positive charges of the cations equals the total number of negative
charges of the anions. Thus, ionic compounds are electrically neutral overall, even though they contain positive and
negative ions. We can use this observation to help us write the formula of an ionic compound. The formula of an ionic
compound must have a ratio of ions such that the numbers of positive and negative charges are equal. The formula of
an ionic compound represents the simplest ratio of the numbers of ions necessary to give identical numbers of positive
and negative charges. For example, the formula for magnesium chloride, MgCl, indicates that this ionic compound
contains one magnesium cations, Mg?*, for every two chloride anions, CI™ [thus, (1 x +2) + (2 x -1) = 0].

Example 5.4

Predicting the Formula of an lonic Compound: The gemstone sapphire (Figure 5.11) is mostly a compound of

aluminum and oxygen that contains aluminum cations, Al3+, and oxygen anions, O2—. What is the formula of this

compound?

Figure 5.11 Although pure aluminum oxide is colorless, trace amounts of iron and titanium give blue sapphire its
characteristic color. (credit: modification of work by Stanislav Doronenko)

Solution:

Because the ionic compound must be electrically neutral, it must have the same number of positive and negative
charges. Two aluminum ions, each with a charge of 3+, would give us six positive charges, and three oxide ions, each
with a charge of 2—, would give us six negative charges. The formula would be Al,Os.

Check Your Learning

Predict the formula of the ionic compound formed between the sodium cation, Na+, and the sulfide anion, S2—.

Answer: NayS

Many ionic compounds contain polyatomic ions (Table 5.1) as the cation, the anion, or both. As with simple ionic
compounds, these compounds must also be electrically neutral, so their formulas can be predicted by treating the
polyatomic ions as discrete units. We use parentheses in a formula to indicate a group of atoms that behave as a unit.

For example, the formula for calcium phosphate, one of the minerals in our bones, is Cas(PQa).. This formula indicates
that there are three calcium ions (Ca2+) for every two phosphate (PO4 3_) groups. The POy 3- groups are discrete

units, each consisting of one phosphorus atom and four oxygen atoms, having an overall charge of 3—. The compound

is electrically neutral, and its formula shows a total count of three Ca, two P, and eight O atoms.

Example 5.5
Predicting the Formula of an lonic Compound with a Polyatomic Anion: Baking powder contains calcium

dihydrogen phosphate, an ionic compound composed of the ions Ca2+ and
H, PO4 —. What is the formula of this compound?



Solution:

The positive and negative charges must balance, and this ionic compound must be electrically neutral. Thus, we must
have two negative charges to balance the 2+ charge of the calcium ion. This requires a ratio of one Ca2+ ion to two
H,PO4 — ions. We designate this by enclosing the formula for the dihydrogen phosphate ion in parentheses and
adding a subscript 2. The formula is Ca(H2PQOa)2.

Check Your Learning

Predict the formula of barium sulfate, an ionic compound used in imaging the Gl tract.

(Hint: Use the periodic table to predict the charge on the barium ion and table 5.1 for the formula and charge of the
sulfate ion.)

Answer: BaSO,

Predict the formula of magnesium hydroxide a component of antacids and laxatives.
Answer:
The periodic table tells us the change on magnesium is 2+ and hydroxide has the formula OH- so we will need two

hydroxide ions to balance the charge on magnesium to give us a formula of Mg(OH):

NasPO4 dissociates into how many ions ?
Answer:

3 Na+ ions and one phosphate ion (PO4)*

The properties of ionic compounds shed some light on the nature of ionic bonds. lonic solids exhibit a crystalline
structure and tend to be rigid and brittle; they also tend to have high melting and boiling points, which suggests that
ionic bonds are very strong. lonic solids are also poor conductors of electricity for the same reason—the strength of
ionic bonds prevents ions from moving freely in the solid state. Most ionic solids, however, dissolve readily in water.
Once dissolved or melted, ionic compounds are excellent conductors of electricity and heat because the ions can move
about freely.

Neutral atoms and their associated ions have very different physical and chemical properties. Sodium atoms form
sodium metal, a soft, silvery-white metal that burns vigorously in air and reacts explosively with water. Chlorine atoms
form chlorine gas, Cl, a yellow-green gas that is extremely corrosive to most metals and very poisonous to animals
and plants. The vigorous reaction between the elements sodium and chlorine forms the white, crystalline compound
sodium chloride, common table salt, which contains sodium cations and chloride anions (Figure 5.13). The compound
composed of these ions exhibits properties entirely different from the properties of the elements sodium and chlorine.
Chlorine is poisonous, but sodium chloride is essential to life; sodium atoms react vigorously with water, but sodium

chloride simply dissolves in water.



(b)
Figure 5.13 (a) Sodium is a soft metal that must be stored in mineral oil to prevent reaction with air or water. (b)

Chlorine is a pale yellow-green gas. (¢c) When combined, they form white crystals of sodium chloride (table salt).
(credit a: modification of work by “Jurii”/Wikimedia Commons)

It is important to note, however, that the formula for an ionic compound does not represent the physical arrangement
of its ions. It is incorrect to refer to a sodium chloride (NaCl) “molecule” because there is not a single ionic bond, per
se, between any specific pair of sodium and chloride ions. The attractive forces between ions are isotropic—the same
in all directions—meaning that any particular ion is equally attracted to all of the nearby ions of opposite charge. This
results in the ions arranging themselves into a tightly bound, three-dimensional lattice structure. Sodium chloride, for

example, consists of a regular arrangement of equal numbers of Na* cations and CI~anions (Figure 5.14).

(@) (b)
Figure 5.14 The atoms in sodium chloride (common table salt) are arranged to (a) maximize opposite charges

interacting. The smaller spheres represent sodium ions, the larger ones represent chloride ions. In the expanded view
(b), the geometry can be seen more clearly. Note that each ion is “bonded” to all of the surrounding ions—six in this

case.

Molecular Compounds

Many compounds do not contain ions but instead consist solely of discrete, neutral molecules. These molecular
compounds (covalent compounds) result when atoms share, rather than transfer (gain or lose), electrons. Whereas
ionic compounds are usually formed when a metal and a nonmetal combine, covalent compounds are usually formed by
a combination of nonmetals. Thus, the periodic table can help us recognize many of the compounds that are covalent.
Example 5.6

Predicting the Type of Bonding in Compounds: Predict whether the following compounds are ionic or molecular:




(a) K, the compound used as a source of iodine in table salt
(b) H20, the bleach and disinfectant hydrogen peroxide
(c) CHCls, the anesthetic chloroform

(d) Li2COs, a source of lithium in antidepressants

Solution:

@ Potassium (group 1) is a metal, and iodine (group 17) is a nonmetal; K1 is predicted to be ionic.

(b) Hydrogen (group 1) is a nonmetal, and oxygen (group 16) is a nonmetal; H,O is predicted to be molecular.
(© Carbon (group 14) is a nonmetal, hydrogen (group 1) is a nonmetal, and chlorine (group 17) is a nonmetal;

CHClI; is predicted to be molecular.
(d) Lithium (group 1) is a metal, and carbonate is a polyatomic ion; Li.COs is predicted to beionic.

Check Your Learning
Using the periodic table, predict whether the following compounds are ionic or covalent: SO, CaF,, NoHa, Al2(SO4)3

Answer: molecular; ionic; molecular; ionic

5.3 Nomenclature of lonic Compounds

By the end of this module, you will be able to:
« Derive names for common types of inorganic compounds using a systematic approach

Nomenclature, a collection of rules for naming things, is important in science and in many other situations. This
module describes an approach that is used to name simple ionic and molecular compounds, such as NaCl, CaCOs, and
N2O.. The simplest of these are binary compounds, those containing only two elements, but we will also consider
how to name ionic compounds containing polyatomic ions, and one specific, very important class of compounds
known as acids (subsequent chapters in this text will focus on these compounds in great detail). We will limit our
attention here to inorganic compounds, compounds that are composed principally of elements other than carbon and
will follow the nomenclature guidelines proposed by IUPAC. The rules for organic compounds, in which carbon is

the principle element, will be treated in a later chapter on organic chemistry.

lonic Compounds

To name an inorganic compound, we need to consider the answers to several questions. First, is the compound ionic or
molecular? If the compound is ionic, does the metal form ions of only one type (fixed charge) or more than one type
(variable charge)? Are the ions monatomic or polyatomic? If the compound is molecular, does it contain hydrogen? If
S0, does it also contain oxygen? From the answers we derive, we place the compound in an appropriate category and

then name it accordingly.

Compounds Containing Only Monatomic lons

The name of a binary compound containing monatomic ions consists of the name of the cation (the name of the metal)



followed by the name of the anion (the name of the nonmetallic element with its ending replaced by the suffix —ide).

Some examples are given in Table 5.2.

NaCl, sodium chloride Na,O, sodium oxide

KBr, potassium bromide  [CdS, cadmium sulfide

Caly, calcium iodide MgsN2, magnesium nitride
CsF, cesium fluoride CasP2, calcium phosphide
LiCl, lithium chloride ~ {Al+Cs, aluminum carbide

Table 5.2 Names of Some lonic Compounds
Compounds containing polyatomic ions are named similarly to those containing only monatomic ions, i.e. by naming

first the cation and then the anion. Examples are shown in Table 5.3.

KC;H:O,, potassium acetate NH4CI, ammonium chloride

NaHCOs, sodium bicarbonate CaSO,, calcium sulfate

Al,(CO3)s, aluminum carbonate ~ [V19s(PO:)2, magnesium phosphate

Table 5.3 Compounds Containing Polyatomic lons
Chemistry in Everyday life

lonic Compounds in Your Cabinets

Every day you encounter and use a large number of ionic compounds. Some of these compounds, where they are
found, and what they are used for are listed in Table 5.4. Look at the label or ingredients list on the various products
that you use during the next few days, and see if you run into any of those in this table, or find other ionic compounds

that you could now name or write as a formula.

lonic Compound Use ‘

NaCl, sodium chloride ordinary table salt

K1, potassium iodide added to “iodized” salt for thyroid health

NaF, sodium fluoride ingredient in toothpaste
NaHCOs, sodium bicarbonate baking soda; used in cooking (and as antacid)
Na;2COs, sodium carbonate washing soda; used in cleaning agents

NaOClI, sodium hypochlorite active ingredient in household bleach

CaCO; calcium carbonate ingredient in antacids
Mg(OH),, magnesium hydroxide ingredient in antacids
AI(OH)s, aluminum hydroxide ingredient in antacids

lye; used as drain cleaner

NaOH, sodium hydroxide




K3PO4, potassium phosphate food additive (many purposes)

MgSO4, magnesium sulfate added to purified water

Na,HPO4, sodium hydrogen phosphate  [2nti-caking agent; used in powdered products

Na,SOs, sodium sulfite preservative

Table 5.4 Everyday lonic Compounds
Compounds Containing a Metal lon with a Variable Charge

Most of the transition metals can form two or more cations with different charges. Compounds of these metals with
nonmetals are named with the same method as compounds in the first category, except the charge of the metal ion is
specified by a Roman numeral in parentheses after the name of the metal. The charge of the metal ion is
determined from the formula of the compound and the charge of the anion. For example, consider binary ionic
compounds of iron and chlorine. Iron typically exhibits a charge of either 2+ or 3+ (see Figure 5.9), and the two
corresponding compound formulas are FeCl, and FeCls. The simplest name, “iron chloride,” will, in this case, be
ambiguous, as it does not distinguish between these two compounds. In cases like this, the charge of the metal ion is
included as a Roman numeral in parentheses immediately following the metal name. These two compounds are then
unambiguously named iron (11) chloride and iron(l11) chloride, respectively. Other examples are provided in Table
5.5.

What is the charge on iron in the compound Fe;Szand Sn (COs),?

Answer:

Using the periodic table, we know the charge on sulfur is S2and we have three sulfur atoms so the total negative
charge is -6 so we must have an overall 6+ charge and we have two iron atoms so each must have a +3 charge, Fe*®

Using Table 5.1 we know that carbonate ion has a 2- charge (CO3) so tin must have a +4 charge, Sn**

Transition Metal lonic Compound Name

FeCls iron(111) chloride
Hg.O mercury(l) oxide
HgO mercury (I1) oxide
Cus(POy), copper (1) phosphate

Table 5.5 Names of Some Transition Metal lonic Compounds
Out-of-date nomenclature used the suffixes —ic and —ous to designate metals with higher and lower charges,
respectively: Iron(l11) chloride, FeCls, was previously called ferric chloride, and iron(ll) chloride, FeCl, was known
as ferrous chloride. Though the scientific community has largely abandoned this naming convention, it remains in use
by some segments of industry. For example, you may see the words stannous fluoride on a tube of toothpaste. This
represents the formula SnF,, which is more properly named tin(I1) fluoride. The other fluoride of tin is SnF4, which

was previously called stannic fluoride but is now named tin(IV) fluoride.



Example 5.7

Naming lonic Compounds: Name the following ionic compounds, which contain a metal that can have more than

one ionic charge:

@ Fe2S3

(b) CuSe

(© GaN

(d) CrCI3

(e) Ti2(S04)3
Solution:

The anions in these compounds have a fixed negative charge (S2—, Se2—, N3—, Cl—, and SO4 2—), and the compounds
must be neutral. Because the total number of positive charges in each compound must equal the total nhumber of
negative charges, the positive ions must be Fe3+, Cu2+, Ga3+, Cr3+, and Ti3+. These charges are used in the names
of the metal ions:

@ iron (111) sulfide

(b) copper (1) selenide

(©) gallium (111) nitride

(d) chromium (111) chloride

(e) titanium (111) sulfate
Check Your Learning
Write the formulas of the following ionic compounds:

@ chromium (I11) phosphide

(b) mercury (I1) sulfide

c) manganese (I1) phosphate

(d) copper(l) oxide

(e) chromium(V1) fluoride

Answer: (a) CrP; (b) HgsS; (c) Mn3(POs)2; (d) Cu20; (e) CrFs

Chemistry in everyday life
Erin Brokovich and Chromium Contamination

In the early 1990s, legal file clerk Erin Brockovich (Figure 5.12) discovered a high rate of serious illnesses in the
small town of Hinckley, California. Her investigation eventually linked the illnesses to groundwater contaminated by
Cr (V1) used by Pacific Gas & Electric (PG&E) to fight corrosion in a nearby natural gas pipeline. As dramatized in
the film Erin Brokovich (for which Julia Roberts won an Oscar), Erin and lawyer Edward Masry sued PG&E for
contaminating the water near Hinckley in 1993. The settlement they won in 1996—$333 million—was the largest

amount ever awarded for a direct-action lawsuit in the US at that time.



(b)
Figure 5.12 (a) Erin Brockovich found that Cr(V1), used by PG&E, had contaminated the Hinckley, California, water

supply. (b) The Cr(V1) ion is often present in water as the polyatomic ions chromate, CrOg4 2= (left), and dichromate,

Crp O7 27 (vight).

Chromium compounds are widely used in industry, such as for chrome plating, in dye-making, as preservatives, and
to prevent corrosion in cooling tower water, as occurred near Hinckley. In the environment, chromium exists primarily
in either the Cr(lIl) or Cr(VI) forms. Cr(lll), an ingredient of many vitamin and nutritional supplements, forms
compounds that are not very soluble in water, and it has low toxicity. But Cr(VI) is much more toxic and forms
compounds that are reasonably soluble in water. Exposure to small amounts of Cr(VI) can lead to damage of the
respiratory, gastrointestinal, and immune systems, as well as the kidneys, liver, blood, and skin.

Despite cleanup efforts, Cr (V1) groundwater contamination remains a problem in Hinckley and other locations across
the globe. A 2010 study by the Environmental Working Group found that of 35 US cities tested, 31 had higher levels
of Cr(V1) in their tap water than the public health goal of 0.02 parts per billion set by the California Environmental

Protection Agency.

5.4 Covalent Compounds

By the end of this section, you will be able to:

Describe the formation of covalent bonds

Define electronegativity and assess the polarity of covalent bonds

lonic bonding results from the electrostatic attraction of oppositely charged ions that are typically produced by the
transfer of electrons between metallic and nonmetallic atoms. A different type of bonding results from the sharing of
a pair of electrons. Such bonds are called covalent bonds. Covalent bonds are formed between two atoms when both
have similar tendencies to attract electrons to themselves. For example, two hydrogen atoms bond covalently to form
an H, molecule; each hydrogen atom in the H2 molecule has two electrons stabilizing it, giving each atom the same
number of valence electrons as the noble gas He.

Compounds that contain covalent bonds exhibit different physical properties than ionic compounds. Because the
attraction between molecules, which are electrically neutral, is weaker than that between electrically charged ions,

covalent compounds generally have much lower melting and boiling points than ionic compounds. In fact, many



covalent compounds are liquids or gases at room temperature, and, in their solid states, they are typically much softer
than ionic solids. Furthermore, whereas ionic compounds are good conductors of electricity when dissolved in water,
most covalent compounds are insoluble in water; since they are electrically neutral, they are poor conductors of

electricity in any state.
Nomenclature of Molecular (Covalent) Compounds

The bonding characteristics of inorganic molecular compounds are different from ionic compounds, and they are
named using a different system as well. The charges of cations and anions dictate their ratios in ionic compounds, so
specifying the names of the ions provides sufficient information to determine chemical formulas. However, because
covalent bonding allows for significant variation in the combination ratios of the atoms in a molecule, the names for

molecular compounds must explicitly identify these ratios.

Compounds Composed of Two Elements

When two nonmetallic elements form a molecular compound, several combination ratios are often possible. For
example, carbon and oxygen can form the compounds CO and CO,. Since these are different substances with different
properties, they cannot both have the same name (they cannot both be called carbon oxide). To deal with this situation,
we use a naming method that is somewhat similar to that used for ionic compounds, but with added prefixes to specify
the numbers of atoms of each element. The name of the more metallic element (the one farther to the left and/or bottom
of the periodic table) is first, followed by the name of the more nonmetallic element (the one farther to the right and/or
top) with its ending changed to the suffix —ide. The numbers of atoms of each element are designated by the Greek

prefixes shown in Table 5.6.

N Prefix ‘Number Prefix
1 (sometimes omitted) ~ [MONO- 6 hexa-
2 di- 7 hepta-
3 tri- 3 octa-
4 tetra- 9 nona-
5 penta- 10 deca-

Table 5.6 Nomenclature Prefixes
When only one atom of the first element is present, the prefix mono- is usually deleted from that part. Thus, CO is
named carbon monoxide, and CO; is called carbon dioxide. When two vowels are adjacent, the a in the Greek prefix

is usually dropped. Some other examples are shown in Table 5.7.



Compound

SO, sulfur dioxide BCls boron trichloride

SOs sulfur trioxide SF, sulfur hexafluoride

NO, nitrogen dioxide PF; phosphorus pentafluoride
N,O, dinitrogen tetroxide HP 4010 tetraphosphorus decaoxide

Table 5.7 Names of Some Molecular Compounds Composed of Two Elements
There are a few common names that you will encounter as you continue your study of chemistry. For example,
although NO is often called nitric oxide, its proper name is nitrogen monoxide. Similarly, NO is known as nitrous
oxide even though our rules would specify the name dinitrogen monoxide. (And HO is usually called water, not

dihydrogen monoxide.) You should commit to memory the common names of compounds as you encounter them.

Example 5.8

Naming Covalent Compounds: Name the following covalent compounds:
(@ SF6

(b) N203

(c) Cl207

(d) P406

Solution:

Because these compounds consist solely of nonmetals, we use prefixes to designate the number of atoms of each
element:

€) sulfur hexafluoride

(b) dinitrogen trioxide

(© dichlorine heptoxide

(d) tetraphosphorus hexoxide

Check Your Learning

Write the formulas for the following compounds:

€) phosphorus pentachloride
(b) dinitrogen monoxide
(c) iodine heptafluoride
(d) carbon tetrachloride

Answer: (a) PCls; (b) N2O; (c) IF7; (d) CCl,4

Name the following covalent compounds:

@ CO, toxic gas
(b) NFs3, greenhouse gas
(© B,03, used in making glass



Answer:
List the name of the first element in the formula, list the name of the second element and use the -ide suffix. Use Greek

prefixes to indicate the number of each atom in the formula. Exception: do not use mono for the first element in the

name.
@ CO, _ carbon __ oxide = carbon monoxide

(b) NFs, _ nitrogen __ fluoride = nitrogen trifluoride

(© B203, used in making glass, __boron __ oxide = diboron trioxide

r ) \

The following website (http://openstaxcollege.org/l/16chemcompname) provides

openstax practice with naming chemical compounds and writing chemical formulas. You can
choose binary, polyatomic, and variable charge ionic compounds, as well
C as molecular compounds.
\_ J

Nonpolar vs. Polar Covalent Bonds

If the atoms that form a covalent bond are identical, as in H», Cl, and other diatomic molecules, then the electrons in
the bond are shared equally. We refer to this as a honpolar covalent bond.
In the case of Cl,, each atom starts off with seven valence electrons, and each CI shares one electron with the other,

forming one covalent bond:
‘Cl- * -Cl: —>» :ClI—ClI*:

The total number of electrons around each individual atom consists of six nonbonding electrons and two shared (i.e.,
bonding) electrons for eight total electrons, matching the number of valence electrons in the noble gas argon. Since
the bonding atoms are identical, Cl; also features a pure covalent bond.

When the atoms linked by a covalent bond are different, the bonding electrons are shared, but no longer equally.
Instead, the bonding electrons are more attracted to one atom than the other, giving rise to a shift of electron density
toward that atom. This unequal sharing of electrons is known as a polar covalent bond, characterized by a partial
positive charge on one atom and a partial negative charge on the other. The atom that attracts the electrons more
strongly acquires the partial negative charge and vice versa. For example, the electrons in the H-CI bond of a hydrogen
chloride molecule spend more time near the chlorine atom than near the hydrogen atom. Thus, in an HCI molecule,
the chlorine atom carries a partial negative charge and the hydrogen atom has a partial positive charge.

Figure 5.15 shows the distribution of electrons in the H-CI bond. We sometimes designate the positive and negative
atoms in a polar covalent bond using a lowercase Greek letter “delta,” §, with a plus sign or minus sign to indicate
whether the atom has a partial positive charge (8+) or a partial negative charge (8—). This symbolism is shown for the
H-CI molecule in Figure 5.15.


http://openstaxcollege.org/l/16chemcompname

(b)
Figure 5.15 (a) The distribution of electron density in the HCI molecule is uneven. The electron density is greater

around the chlorine nucleus. The small, black dots indicate the location of the hydrogen and chlorine nuclei in the
molecule. (b) Symbols 6+ and 3 indicate the polarity of the H-Cl bond.

Electronegativity and Bond Type

Electronegativity is a measure of the tendency of an atom to attract a bonding pair of electrons. The Pauling scale is
the most commonly used. Fluorine (the most electronegative element) is assigned a value of 4.0, and values range
down to cesium and francium which are the least electronegative at 0.7 see Figure 5.16.

H Electronegativity values of the elements (Pauling scale) He
241

Li Be B C M o] F | Ne
1.0 | 1.5 2025 |30 |35 |40

Ma | Mg Al l si | P S | Cl| Ar
09 | 1.2 15118 [ 21 |25 | 3.0

kK Ca Sc Ti W Cr | Mn Fe Co Mi |Cul| Zn | Ga| Ge | As | Se | Br | Kr
08 |10 |13 |15 |16 |16 |15 (18| 18 |18 |18 |16 |16 |18 |20 (24|28 | 3.0
Rb | Sr Y Ir Ne | Mo | Tc | Ru | Rh | Pd |Ag | Cd | In | Sn | Sb | Te | Xe
08 |10 | 1.2 1.4 1.6 1.8 |19 | 22 22 |22 |18 (1T |17 |18 [19 |21 |25 | 26
Cs | Ba La Hf Ta W Re Os Ir Pt | Au| Hg | Ti | Pb | Bi Po | At | Rn
07 |09 | 11 1.3 1.5 1.7 19 | 2.2 22 |22 |24 (19|18 |18 (19 |20 122 |24
Fr | Ra | Ac
07 | 0.7 1.1

Ce | Pr | Nd | Pm | Sm | Eu |Gd | Th | Dy |[Ho | Er | Tm | ¥Yb | Lu
1.1 1.1 1.1 1.1 1.1 11 1.1 1.1 1.1 11 (11111 |11 ] 1.2
Th Pa u MNp Pu Am | Cm | Bk Cf Es |Fm | Md | Mo | Lr
13 |15 | 17 1.3 1.3 13 |13 | 1.3 13 |13 |13 ([13 ] 1.3

Figure 5.16 Electronegativity values of the elements (Pauling scale).

The absolute value of the difference in electronegativity (AEN) of two bonded atoms provides a rough measure of the
polarity to be expected in the bond and, thus, the bond type. When the difference is very small or zero, the bond is
covalent and nonpolar. When it is large, the bond is polar covalent or ionic. The absolute values of the electronegativity
differences between the atoms in the bonds H-H, H-CI, and Na—Cl are 0 (nonpolar), 0.9 (polar covalent), and 2.1
(ionic), respectively. The degree to which electrons are shared between atoms varies from completely equal (pure
covalent bonding) to not at all (ionic bonding). Figure 5.17 shows the relationship between electronegativity

difference and bond type.



Electronegativity
difference between

bonding atoms Bond type

[ Zero Pure covalent )
Covalent . .
character Bond Type |Electronegativity Difference

[ Intermediate Polar covalent J decreases;

J \ ionic character pure covalent <04
increases.
\ 4 o v polar covalent between 0.4 and 1.8
[ Large lonic ] V ionic >1.8

Figure 5.17 As the electronegativity difference increases between two atoms, the bond becomes more ionic.

A rough approximation of the electronegativity differences associated with covalent, polar covalent, and ionic bonds
is shown in Figure 5.17. This table is just a general guide, however, with many exceptions. For example, the H and
F atoms in HF have an electronegativity difference of 1.9, and the N and H atoms in NH3 a difference of 0.9, yet both
of these compounds form bonds that are considered polar covalent. Likewise, the Na and Cl atoms in NaCl have an
electronegativity difference of 2.1, and the Mn and | atoms in Mnl, have a difference of 1.0, yet both of these
substances form ionic compounds.

The best guide to the covalent or ionic character of a bond is to consider the types of atoms involved and their relative
positions in the periodic table. Bonds between two nonmetals are generally covalent; bonding between a metal and a

nonmetal is often ionic.

Some compounds contain both covalent and ionic bonds. The atoms in polyatomic ions, such as OH™, NO3 , and
NH4+, are held together by polar covalent bonds. However, these polyatomic ions form ionic compounds by
combining with ions of opposite charge. For example, potassium nitrate, KNOs, contains the K cation and the
polyatomic NO3  anion. Thus, bonding in potassium nitrate is ionic, resulting from the electrostatic attraction

between the ions K™ and NO3 ~, as well as covalent between the nitrogen and oxygen atoms in NO3 ™~

Example 5.9
Electronegativity and Bond Polarity: Bond polarities play an important role in determining the structure of proteins.

Using the electronegativity values in Figure 5.16, arrange the following covalent bonds—all commonly found in
amino acids—in order of increasing polarity. Then designate the positive and negative atoms using the symbols &+
and o—:

C-H, C-N, C-O, N-H, O-H, S-H

Solution:

The polarity of these bonds increases as the absolute value of the electronegativity difference increases. The atom with

the 6— designation is the more electronegative of the two. Table 5.8 shows these bonds in order of increasing polarity.



Bond AEN Polarity ‘

0.4 0— o+
C-H
C-H
0.4 0— o+
S-H
S—H
0.5 o+ 50—
C-N 0
C—-N
0.9 0— o+
N-H
N—-H
1.0 o+ 0—
C-O
C-0

Electronegativity | Polarity

Difference

Table 5.8 Bond Polarity and Electronegativity Difference

5.5 Lewis Symbols and Structures

By the end of this section, you will be able to:

e Write Lewis symbols for neutral atoms and ions

e Draw Lewis structures depicting the bonding in simple molecules

Thus far in this chapter, we have discussed the various types of bonds that form between atoms and/or ions. In all
cases, these bonds involve the sharing or transfer of valence shell electrons between atoms. In this section, we will
explore the typical method for depicting valence shell electrons and chemical bonds, namely Lewis symbols and Lewis
structures.



Lewis Symbols

We use Lewis symbols to describe valence electron configurations of atoms and monatomic ions. A Lewis symbol

consists of an elemental symbol surrounded by one dot for each of its valence electrons.

«Ca-

Figure 5.18 shows the Lewis symbols for the elements of the third period of the periodic table.

Atoms Electronic Configuration Lewis Symbol
sodium [NeJ3st Na -
magnesium [Ne]3s? Mg -
aluminum [Ne]3s23p ‘Al
silicon [Ne]3s%3p® . Sl .
phosphorus [N(—:‘]3523,03 P .
sulfur [Ne]3323p4 . S .
chlorine [Ne]3s?3p° 4 CI .
argon [Ne]3s23p° K r

Figure 5.18 Lewis symbols illustrating the number of valence electrons for each element in the third period of the

periodic table.

Lewis symbols can also be used to illustrate the formation of cations from atoms, as shown here for sodium and

calcium:
Na+ —> Na* + e «Car ——> Ca®* + 2e
sodium sodium calcium calcium
atom cation atom cation

Likewise, they can be used to show the formation of anions from atoms, as shown here for chlorine and sulfur:

.o oo _ .e wagis
fCle 4+ & —mm> Cl :S. + 260 —mm > S
chlorine chlorine sulfur sulfide
atom anion atom anion

Figure 5.19 demonstrates the use of Lewis symbols to show the transfer of electrons during the formation of ionic

compounds.



Metal Nonmetal lonic Compound

Na - % :Cl- — Na* :E:'lzl_
sodium chloride
sodium atom chlorine atom (sodium ion and chloride ion)
o .o 12—
-Mg - + :0- e M92+l:O:I
magnesium oxide
magnesium atom oxygen atom (magnesium ion and oxide ion)
-Ca- + 2:F- — Ca2+’:.F.:|2

calcium fluoride
calcium atom fluorine atoms (calcium ion and two fluoride ions)

Figure 5.19 Cations are formed when atoms lose electrons, represented by fewer Lewis dots, whereas anions are

formed by atoms gaining electrons. The total number of electrons does not change.

Lewis Structures

We also use Lewis symbols to indicate the formation of covalent bonds, which are shown in Lewis structures,
drawings that describe the bonding in molecules and polyatomic ions. For example, when two chlorine atoms form a

chlorine molecule, they share one pair of electrons:

:Cle+-Cl: —> :Cl:Cl:

chlorine chlorine
atoms molecule
The Lewis structure indicates that each Cl atom has three pairs of electrons that are not used in bonding (called lone

pairs) and one shared pair of electrons (written between the atoms). A dash (or line) is sometimes used to indicate a

shared pair of electrons:
H—H :cl—Cl:
A single shared pair of electrons is called a single bond. Each Cl atom interacts with eight valence electrons: the six

in the lone pairs and the two in the single bond.

The Octet Rule

The other halogen molecules (F», Bra, I, and Aty) form bonds like those in the chlorine molecule: one single bond
between atoms and three lone pairs of electrons per atom. This allows each halogen atom to have a noble gas electron
configuration. The tendency of main group atoms to form enough bonds to obtain eight valence electrons is known as
the octet rule.

The number of bonds that an atom can form can often be predicted from the number of electrons needed to reach an



octet (eight valence electrons); this is especially true of the nonmetals of the second period of the periodic table (C,
N, O, and F). For example, each atom of a group 14 element has four electrons in its outermost shell and therefore
requires four more electrons to reach an octet. These four electrons can be gained by forming four covalent bonds, as
illustrated here for carbon in CCl, (carbon tetrachloride) and silicon in SiH4 (silane). Because hydrogen only needs
two electrons to fill its valence shell, it is an exception to the octet rule. The transition elements and inner transition
elements also do not follow the octet rule:

Group 15 elements such as nitrogen have five valence electrons in the atomic Lewis symbol: one lone pair and three
unpaired electrons. To obtain an octet, these atoms form three covalent bonds, as in NHz (ammonia). Oxygen and

other atoms in group 16 obtain an octet by forming two covalent bonds:

.. H—N—H H—O—H H—F:
:Cl: | .o .o |
ICl:CiCl —Si—H
.. " T ammonia Water hydrogen |
. fluoride H
carbon tetrachloride silane

Double and Triple Bonds

As previously mentioned, when a pair of atoms shares one pair of electrons, we call this a single bond. However, a
pair of atoms may need to share more than one pair of electrons in order to achieve the requisite octet. A double bond
forms when two pairs of electrons are shared between a pair of atoms, as between the carbon and oxygen atoms in

CH>0 (formaldehyde) and between the two carbon atoms in CoHs (ethylene):

H H H H H H
% @y \ / \ /
C::0: or C=0: —> c::C or C=C
/ / / \ / \
H H H H H H

formaldehyde ethylene

A triple bond forms when three electron pairs are shared by a pair of atoms, as in carbon monoxide (CO) and the
cyanide ion (CN"):
1C:::10: or :C=0: —> :C:iiN: or :C=N:

carbon monoxide cyanide ion



Writing Lewis Structures with the Octet Rule

For very simple molecules and molecular ions, we can write the Lewis structures by merely pairing up the unpaired

electrons on the constituent atoms. See these examples:

He + Br _ HI.B.rZ

2He + S+ ——> H:S:

‘N*+ + *Ne ——> :IN::N:
For more complicated molecules and molecular ions, it is helpful to follow the step-by-step procedure outlined here:

Determine the total number of valence (outer shell) electrons. For cations, subtract one electron for each positive
charge. For anions, add one electron for each negative charge.

Draw a skeleton structure of the molecule or ion, arranging the atoms around a central atom. (Generally, the least
electronegative element should be placed in the center.) Connect each atom to the central atom with a single bond
(one electron pair).

Distribute the remaining electrons as lone pairs on the terminal atoms (except hydrogen), completing an octet around
each atom.

Place all remaining electrons on the central atom.

Rearrange the electrons of the outer atoms to make multiple bonds with the central atom in order to obtain octets

wherever possible.

Let us determine the Lewis structures of SiHs, CHO2 —, NO*, and OF; as examples in following this procedure:
Determine the total number of valence (outer shell) electrons in the molecule or ion.

For a molecule, we add the number of valence electrons on each atom in the molecule:

SiHg

Si: 4 valence electrons/atom X 1 atom = 4

+ H: 1 valence electron/atom X 4 atoms = 4

= 8 valence electrons

For a negative ion, such as CHO2 ~, we add the number of valence electrons on the atoms to the number of negative
charges on the ion (one electron is gained for each single negative charge):

CHO, ~



C: 4 valence electrons/atom X 1 atom = 4
H: 1 valence electron/atom X 1 atom = 1
0: 6 valence electrons/atom X 2 atoms = 12

+ 1additional electron=1

= 18 valence electrons

« For a positive ion, such as NO*, we add the number of valence electrons on the atoms in the ion and then subtract the
number of positive charges on the ion (one electron is lost for each single positive charge) from the total number of

valence electrons:
Not

N: 5 valence electrons/atom X 1 atom = 5
0: 6 valence electron/atom X 1 atom = 6

+ —1electron(positivecharge) = —1

= 10 valence electrons

 Since OF; is a neutral molecule, we simply add the number of valence electrons:
OF2

0: 6 valence electrons/atom X 1 atom = 6

+ F:7valenceelectrons/atom X 2atoms =14

= 20 valence electrons

Draw a skeleton structure of the molecule or ion, arranging the atoms around a central atom and connecting each atom
to the central atom with a single (one electron pair) bond. (Note that we denote ions with brackets around the structure,

indicating the charge outside the brackets:)

H 0
_ | ¥
H—Si—H - [N—o0] F—O—F
H 0
H

When several arrangements of atoms are possible, as for CHO, , we must use experimental evidence to choose the

correct one. In general, the less electronegative elements are more likely to be central atoms. In CHO, —, the less
electronegative carbon atom occupies the central position with the oxygen and hydrogen atoms surrounding it. Other
examples include P in POCIs;, S in SOy, and Cl in ClO4 . An exception is that hydrogen is almost never a central
atom. As the most electronegative element, fluorine also cannot be a central atom.

Distribute the remaining electrons as lone pairs on the terminal atoms (except hydrogen) to complete their valence

shells with an octet of electrons.

+ There are no remaining electrons on SiHa, so it is unchanged:



Place all remaining electrons on the central atom.

H - -
HON oo e Tk - o
H—Si—H | s I::N—Ot:l ‘F—O—F:
H—C—O: ” o

i o

For SiH4, CHO2 —, and NO*, there are no remaining electrons; we already placed all of the electrons determined in
Step 1.

For OF, we had 16 electrons remaining in Step 3, and we placed 12, leaving 4 to be placed on the central atom:
Rearrange the electrons of the outer atoms to make multiple bonds with the central atom in order to obtain octets
:F—O—F:

wherever possible. R

SiHa: Si already has an octet, so nothing needs to be done.

CHO2™ Wehave distributed the valence electrons as lone pairs on the oxygen atoms, but the carbon atom lacks an octet:
NO™: For this ion, we added eight valence electrons, but neither atom has an octet. We cannot add any more electrons
:0: :0:
| . I
H—C—O0: gives H—C=0:

e

since we have already used the total that we found in Step 1, so we must move electrons to form a multiple bond:
e M+ - +
I::N—O:] gives I::N:O:]

This still does not produce an octet, so we must move another pair, forming a triple bond:

[:n=0:]"

In OF,, each atom has an octet as drawn, so nothing changes.

Example 5.8
Writing Lewis Structures: NASA’s Cassini-Huygens mission detected a large cloud of toxic hydrogen cyanide

(HCN) on Titan, one of Saturn’s moons. Titan also contains ethane (H3CCHg), acetylene (HCCH), and ammonia (NH3).

What are the Lewis structures of these molecules?
Solution:

Step 1. Calculate the number of valence electrons.
HCN: (1 X 1)+ (4 X 1)+ (5 X 1)=10
HsCCHa: (1 X 3)+(2 X 4)+(1 X 3)=14
HCCH: (1 X 1)+ (2 X 4)+ (1 X 1)=10
NHs: (5 X 1) +(3 X 1)=8



H—C—N H—=C—=—C—Ii H=C—=—C—H N

Step 2. Draw a skeleton and

connect the atoms with single bonds. Remember that H is never a central atom:

Step 3. Where needed, distribute electrons to the terminal atoms:

H H H
|| |
H—C—_f\{. i—{g—{e—n| H—C—C—H /N\
H H
H H

HCN: six electrons placed on N H3sCCHs: no electrons remain HCCH: no terminal atoms capable of accepting

electrons NHs: no terminal atoms capable of accepting electrons

Step 4. Where needed, place remaining electrons on the central atom:

H H T
H—C—N: H—C—C—H H—C—Cc—H N
e I ' H/--\H
H H

HCN: no electrons remain H3CCHs: no electrons remain HCCH: four electrons placed on carbon NHs: two electrons

placed on nitrogen

Step 5. Where needed, rearrange electrons to form multiple bonds in order to obtain an octet on each atom:
HCN: form two more C—N bonds H3;CCHs: all atoms have the correct number of electrons HCCH: form a triple bond

between the two carbon atoms NHs: all atoms have the correct number of electrons

H H H
H—C r?\l H C|I CIZ H H é\"’)C. H l!l
e T ~ HT K
gives H H gives
H=—C=N: H—=—C=C=—1}

Check Your Learning
Both carbon monoxide, CO, and carbon dioxide, CO2, are products of the combustion of fossil fuels. Both of these
gases also cause problems: CO is toxic, and CO2 has been implicated in global climate change. What are the Lewis

structures of these two molecules?
Answer::CEO: O=C=0l

Draw Lewis structures for the following covalent compounds:

(a) NO3
(b) CH:OH



(C) CHzCHz

Answer:

Step 1. Calculate the number of valence electrons.

(@ NOs:(1x5)+(3x6)+1=24

(b) CHOH: (1x4)+(3x1)+(1x6)+(1x1)=14

(€) CHxCH2: (2x4)+(4x1)=12

Step 2. Draw a skeleton and connect the atoms with single bonds. Remember that H and halogens are never a central
atom

(@) How to choose the central atom — the central atom is usually the least electronegative or the atom that forms the

most bonds.
o (b T H
(b) | e \ /
o o | /N
H H H
Step 3/4. Where needed, distribute electrons to the terminal atoms and place remaining electrons on the central atom:
O - H
(a) < (b) | /H (©) H\ /H
N H—C——O
O/ \O: | / \
e .o H H H

Step 5. Where needed, rearrange electrons to form multiple bonds in order to obtain an octet on each atom:

- H

10t (b) H @ H H

l\! H_l_o/ \C=C/
o % | VAR

How sciences interconnect
Fullerene Chemistry

Carbon soot has been known to man since prehistoric times, but it was not until fairly recently that the molecular
structure of the main component of soot was discovered. In 1996, the Nobel Prize in Chemistry was awarded to Richard
Smalley (Figure 5.20), Robert Curl, and Harold Kroto for their work in discovering a new form of carbon, the Cgo
buckminsterfullerene molecule (Figure 5.20). An entire class of compounds, including spheres and tubes of various
shapes, were discovered based on Cgo. This type of molecule, called a fullerene, shows promise in a variety of
applications. Because of their size and shape, fullerenes can encapsulate other molecules, so they have shown potential

in various applications from hydrogen storage to targeted drug delivery systems. They also possess unique electronic



and optical properties that have been put to good use in solar powered devices and chemical sensors.

=g

Figure 5.20 Richard Smalley (1943-2005), a professor of physics, chemistry, and astronomy at Rice University, was
one of the leading advocates for fullerene chemistry. Upon his death in 2005, the US Senate honored him as the

“Father of Nanotechnology.” (credit: United States Department of Energy)
Exceptions to the Octet Rule

Many covalent molecules have central atoms that do not have eight electrons in their Lewis structures. These

molecules fall into three categories:

e (Odd-electron molecules have an odd number of valence electrons, and therefore have an unpaired electron.
e Electron-deficient molecules have a central atom that has fewer electrons than needed for a noble gas
configuration.

e Hypervalent molecules have a central atom that has more electrons than needed for a noble gas configuration.
Odd-electron Molecules

We call molecules that contain an odd number of electrons free radicals. Nitric oxide, NO, is an example of an odd-
electron molecule; it is produced in internal combustion engines when oxygen and nitrogen react at high
temperatures.To draw the Lewis structure for an odd-electron molecule like NO, we follow the same five steps we
would for other molecules, but with a few minor changes:

Determine the total number of valence (outer shell) electrons. The sum of the valence electrons is 5 (from N)+ 6
(from O) = 11. The odd number immediately tells us that we have a free radical, so we know that not every
atom can have eight electrons in its valence shell.

Draw a skeleton structure of the molecule. We can easily draw a skeleton with an N-O single bond: N-O

Distribute the remaining electrons as lone pairs on the terminal atoms. In this case, there is no central atom, so we
distribute the electrons around both atoms. We give eight electrons to the more electronegative atom in these situations;

thus, oxygen has the filled valence shell:



Place all remaining electrons on the central atom. Since there are no remaining electrons, this step does not apply.

Rearrange the electrons to make multiple bonds with the central atom in order to obtain octets wherever possible. We
know that an odd-electron molecule cannot have an octet for every atom, but we want to get each atom as close to an
octet as possible. In this case, nitrogen has only five electrons around it. To move closer to an octet for nitrogen, we
take one of the lone pairs from oxygen and use it to form a NO double bond. (We cannot take another lone pair of

electrons on oxygen and form a triple bond because nitrogen would then have nine electrons:)

‘N=0:

Electron-deficient Molecules

We will also encounter a few molecules that contain central atoms that do not have a filled valence shell. Generally,
these are molecules with central atoms from groups 2 and 13, outer atoms that are hydrogen, or other atoms that do not
form multiple bonds. For example, in the Lewis structures of beryllium dihydride, BeH,, and boron trifluoride, BFs,
the beryllium and boron atoms each have only four and six electrons, respectively. It is possible to draw a structure
with a double bond between a boron atom and a fluorine atom in BFs, satisfying the octet rule, but experimental
evidence indicates the bond lengths are closer to that expected for B—F single bonds. This suggests the best Lewis
structure has three B—F single bonds and an electron deficient boron. The reactivity of the compound is also consistent
with an electron deficient boron. However, the B—F bonds are slightly shorter than what is actually expected for B—F

single bonds, indicating that some double bond character is found in the actual molecule.

H—Be—H

An atom like the boron atom in BF3, which does not have eight electrons, is very reactive. It readily combines with a
molecule containing an atom with a lone pair of electrons. For example, NH3 reacts with BF3; because the lone pair on

nitrogen can be shared with the boron atom:

F: " o
| - I
B + INmH ——>  F—B—N—H
‘F F: I |
H Fr H

5.5Formal Charges and Resonance

By the end of this section, you will be able to:

e Compute formal charges for atoms in any Lewis structure
e Use formal charges to identify the most reasonable Lewis structure for a given molecule

e Explain the concept of resonance and draw Lewis structures representing resonance forms for a given molecule



In the previous section, we discussed how to write Lewis structures for molecules and polyatomic ions. As we have
seen, however, in some cases, there is seemingly more than one valid structure for a molecule. We can use the concept

of formal charges to help us predict the most appropriate Lewis structure when more than one isreasonable.

Calculating Formal Charge

The formal charge of an atom in a molecule is the hypothetical charge the atom would have if we could redistribute
the electrons in the bonds evenly between the atoms. Another way of saying this is that formal charge results when
we take the number of valence electrons of a neutral atom, subtract the nonbonding electrons, and then subtract the
number of bonds connected to that atom in the Lewis structure.

Thus, we calculate formal charge as follows:

1
Formal charge = # valence shell electrons (free atom) — #lone pair electrons — 7 # bonding electrons

We can double-check formal charge calculations by determining the sum of the formal charges for the whole structure.
The sum of the formal charges of all atoms in a molecule must be zero; the sum of the formal charges in an ion should
equal the charge of the ion. We must remember that the formal charge calculated for an atom is not the actual charge
of the atom in the molecule. Formal charge is only a useful bookkeeping procedure; it does not indicate the presence
of actual charges.

Example 5.9

Calculating Formal Charge from Lewis Structures: Assign formal charges to each atom in the interhalogen ion
1C14 —.

Solution:

Step 1. We divide the bonding electron pairs equally for all I-ClI bonds:
3 cl:
SEI==I==E
c——C
Sidls
Step 2. We assign lone pairs of electrons to their atoms. Each Cl atom now has seven electrons assigned to it, and the
| atom has eight.
Step 3. Subtract this number from the number of valence electrons for the neutral atom:
0 7-8=-1
C.7-7=0

The sum of the formal charges of all the atoms equals —1, which is identical to the charge of the ion (-1).

Check Your Learning

Calculate the formal charge for each atom in the carbon monoxide molecule:
:C=0:

Answer: C -1, O +1



Example 5.10

Calculating Formal Charge from Lewis Structures: Assign formal charges to each atom in the interhalogen

molecule BrCls.
Solution:

Step 1. Assign one of the electrons in each Br—Cl bond to the Br atom and one to the Cl atom in that bond:
:CI—Br—Cl:
Step 2. Assign the lone pairs to their atom. Now each Cl atom has seven electrons and the Br atom has seven electrons.
Step 3. Subtract this number from the number of valence electrons for the neutral atom. This gives the formal charge:
Br:7-7=0
C.7-7=0
All atoms in BrCls have a formal charge of zero, and the sum of the formal charges totals zero, as it must in a neutral
molecule.
Check Your Learning

Determine the formal charge for each atom in NCls.

. .

:CI—N—Cl:

Answer: N: 0; all three Cl atoms: 0

Determine the formal charge on each atom of the nitrate ion, NOs’

:0:

N

o7 o

Answer:
we calculate formal charge as follows:
formal charge = # valence shell electrons (free atom) — # lone pair electrons — ; # bonding electrons
N — formal charge = 5-0-1/2(8) = 1
Top O — formal charge = 6-4-1/2(4) =0
Right and left O — formal charge = 6-6-1/2(2) = -1
Ho¥

N
. Q)



Using Formal Charge to Predict Molecular Structure

The arrangement of atoms in a molecule or ion is called its molecular structure. In many cases, following the steps
for writing Lewis structures may lead to more than one possible molecular structure—different multiple bond and
lone-pair electron placements or different arrangements of atoms, for instance. A few guidelines involving formal

charge can be helpful in deciding which of the possible structures is most likely for a particular molecule or ion:

1. A molecular structure in which all formal charges are zero is preferable to one in which some formal charges are
not zero.

2. If the Lewis structure must have nonzero formal charges, the arrangement with the smallest nonzero formal
charges is preferable.

3. Lewis structures are preferable when adjacent formal charges are zero or of the opposite sign.

4. When we must choose among several Lewis structures with similar distributions of formal charges, the structure

with the negative formal charges on the more electronegative atoms is preferable.

To see how these guidelines, apply, let us consider some possible structures for carbon dioxide, CO,. We know from
our previous discussion that the less electronegative atom typically occupies the central position, but formal charges
allow us to understand why this occurs. We can draw three possibilities for the structure: carbon in the center and

double bonds, carbon in the center with a single and triple bond, and oxygen in the center with double bonds:
0=c=0 :0=C—o0: 0=0=C Structure
0O O O +1 0 -1 0 +2 -2 Formalcharge
Comparing the three formal charges, we can definitively identify the structure on the left as preferable because it has
only formal charges of zero (Guideline 1).
As another example, the thiocyanate ion, an ion formed from a carbon atom, a nitrogen atom, and a sulfur atom, could
have three different molecular structures: CNS-, NCS~, or CSN~. The formal charges present in each of these

molecular structures can help us pick the most likely arrangement of atoms. Possible Lewis structures and the formal

charges for each of the three possible structures for the thiocyanate ion are shown here:

Structure I:: .N.:CZ.S'::I_ [:6=N=§:]_ [C:S:N ::I_

Formal charge -1 0 O -2 +1 0 -2 +2 -1

Note that the sum of the formal charges in each case is equal to the charge of the ion (-1). However, the first
arrangement of atoms is preferred because it has the lowest number of atoms with nonzero formal charges (Guideline
2). Also, it places the least electronegative atom in the center, and the negative charge on the more electronegative
element (Guideline 4).

Example 5.11

Using Formal Charge to Determine Molecular Structure: Nitrous oxide, N20, commonly known as laughing gas,

is used as an anesthetic in minor surgeries, such as the routine extraction of wisdom teeth. Which is the likely structure

for nitrous oxide?



N=N=O0 or N=O=N
Solution:

Determining formal charge yields the following:

:N:N:b.: :N:O:N:
-1 +1 0 -1 +2 -1

The structure with a terminal oxygen atom best satisfies the criteria for the most stable distribution of formal charge:

.

:N=N=O0:
The number of atoms with formal charges are minimized (Guideline 2), and there is no formal charge larger than one
(Guideline 2). This is again consistent with the preference for having the less electronegative atom in the central
position.
Check Your Learning

Which is the most likely molecular structure for the nitrite NO, ™ ion?

|si=g—:] o [:6=ii—g;|

Answer: ONO~

Resonance

You may have noticed that the nitrite anion in Example 5.11 can have two possible structures with the atoms in the

same positions. The electrons involved in the N-O double bond, however, are in different positions:

O=N—O0:

:O—N=O0

If nitrite ions do indeed contain a single and a double bond, we would expect for the two bond lengths to be different.

A double bond between two atoms is shorter (and stronger) than a single bond between the same two atoms.
Experiments show, however, that both N-O bonds in NO, ~ have the same strength and length, and are identical
inall other properties.

It is not possible to write a single Lewis structure for NOy — in which nitrogen has an octet and both bonds are

equivalent. Instead, we use the concept of resonance: if two or more Lewis structures with the same arrangement of

atoms can be written for a molecule or ion, the actual distribution of electrons is an average of that shown by the

various Lewis structures. The actual distribution of electrons in each of the nitrogen-oxygen bonds in NO, ™ is the

>

o Nooo |
:07% Do

.o .

0~ Do:

.o .

average of a double bond and a single bond. We call the individual Lewis structures resonance forms. The actual

electronic structure of the molecule (the average of the resonance forms) is called a resonance hybrid of the individual

resonance forms. A double-headed arrow between Lewis structures indicates that they are resonance forms. Thus, the

electronic structure of the NOy — ion is shown as:



We should remember that a molecule described as a resonance hybrid never possesses an electronic structure described
by either resonance form. It does not fluctuate between resonance forms; rather, the actual electronic structure is
always the average of that shown by all resonance forms. George Wheland, one of the pioneers of resonance theory,
used a historical analogy to describe the relationship between resonance forms and resonance hybrids. A medieval
traveler, having never before seen a rhinoceros, described it as a hybrid of a dragon and a unicorn because it had many
properties in common with both. Just as a rhinoceros is neither a dragon sometimes nor a unicorn at other times, a
resonance hybrid is neither of its resonance forms at any given time. Like a rhinoceros, it is a real entity that
experimental evidence has shown to exist. It has some characteristics in common with its resonance forms, but the

resonance forms themselves are convenient, imaginary images (like the unicorn and the dragon).

The carbonate anion, CO3 2*, provides a second example of resonance:

2— 2— 2—

One oxygen atom must have a double bond to carbon to complete the octet on the central atom. All oxygen atoms,
however, are equivalent, and the double bond could form from any one of the three atoms. This gives rise to three
resonance forms of the carbonate ion. Because we can write three identical resonance structures, we know that the
actual arrangement of electrons in the carbonate ion is the average of the three structures. Again, experiments show

that all three C—-O bonds are exactly the same.

/

The online Lewis Structure Make (http://openstaxcollege.org/l/16LewisMake)
openstax includes many examples to practice drawing resonance structures.

5.6 Molecular Structure and Polarity

By the end of this section, you will be able to:

e  Predict the structures of small molecules using valence shell electron pair repulsion (VSEPR) theory
e  Explain the concepts of polar covalent bonds and molecular polarity

e Assess the polarity of a molecule based on its bonding and structure

Thus far, we have used two-dimensional Lewis structures to represent molecules. However, molecular structure is
actually three-dimensional, and it is important to be able to describe molecular bonds in terms of their distances,

angles, and relative arrangements in space (Figure 5.21). A bond angle is the angle between any two bonds that


http://openstaxcollege.org/l/16LewisMake

include a common atom, usually measured in degrees. A bond distance (or bond length) is the distance between the
nuclei of two bonded atoms along the straight line joining the nuclei. Bond distances are measured in Angstroms (1
A =10"19m) or picometers (1 pm = 1012 m, 100 pm = 1 A).

H
Bond length (A)
(center to center)
118° O
Bond angle 1.21A
H

Figure 5.21 Bond distances (lengths) and angles are shown for the formaldehyde molecule, H,CO.

VSEPR Theory

Valence shell electron-pair repulsion theory (VSEPR theory) enables us to predict the molecular structure,
including approximate bond angles around a central atom, of a molecule from an examination of the number of bonds
and lone electron pairs in its Lewis structure. The VSEPR model assumes that electron pairs in the valence shell of a
central atom will adopt an arrangement that minimizes repulsions between these electron pairs by maximizing the
distance between them. The electrons in the valence shell of a central atom form either bonding pairs of electrons,
located primarily between bonded atoms, or lone pairs. The electrostatic repulsion of these electrons is reduced when
the various regions of high electron density assume positions as far from each other as possible.

VSEPR theory predicts the arrangement of electron pairs around each central atom and, usually, the correct
arrangement of atoms in a molecule. We should understand, however, that the theory only considers electron-pair
repulsions. Other interactions, such as nuclear-nuclear repulsions and nuclear-electron attractions, are also involved
in the final arrangement that atoms adopt in a particular molecular structure.

As a simple example of VSEPR theory, let us predict the structure of a gaseous BeF, molecule. The Lewis structure
of BeF, (Figure 5.22) shows only two electron pairs around the central beryllium atom. With two bonds and no lone
pairs of electrons on the central atom, the bonds are as far apart as possible, and the electrostatic repulsion between
these regions of high electron density is reduced to a minimum when they are on opposite sides of the central atom.
The bond angle is 180° (Figure 5.22).

180°
F Be F
Figure 5.22 The BeF, molecule adopts a Imear structure in which the two bonds are as far apart as possible, on

opposite sides of the Be atom.

Figure 5.23 illustrates this and other electron-pair geometries that minimize the repulsions among regions of high



electron density (bonds and/or lone pairs). Two regions of electron density around a central atom in a molecule form
a linear geometry; three regions form a trigonal planar geometry; four regions form a tetrahedral geometry; five
regions form a trigonal bipyramidal geometry; and six regions form an octahedral geometry.

Two regions of | Three regions Four regions Five regions of | Six regions of
high electron of high of high high electron high electron
Nifiber of density (bonds | electron electron density (bonds | density (bonds
roaions and/or density (bonds density (bonds and/or and/or
9 unshared and/or and/or unshared unshared
pairs) unshared unshared pairs) pairs)
pairs) pairs)
\ | | \
L 120° ‘ ) 90°
180° 109.5° \9'0° 30
Spatial iy /—\y il ‘) /: \. w - [ . )~
arrangement . VN - ~A g A TS §
g i & \120°
90°
\ | {
H F F
i " I | F F | F
Line-dash-wedge| . | & Fe—p for s
notation B o H |\F = | e
H H H E
F
Linear; Trigonal planar; | Tetrahedral; Trigonal Octahedral;
180° angle all angles 120° | all angles bipyramidal; all angles 90°
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. atom may be
Electrotn pair equatorial (in
geometry the plane of
the triangle) or
axial (above or
below the
plane of the
triangle).

Figure 5.23The basic electron-pair geometries predicted by VSEPR theory maximize the space around any region of
electron density (bonds or lone pairs).

Electron-pair Geometry versus Molecular Structure

It is important to note that electron-pair geometry around a central atom is not the same thing as its molecular structure.
The electron-pair geometries shown in Figure 5.23 describe all regions where electrons are located, bonds as well as
lone pairs. Molecular structure describes the location of the atoms, not the electrons.

We differentiate between these two situations by naming the geometry that includes all electron pairs the electron-

pair geometry. The structure that includes only the placement of the atoms in the molecule is called the molecular



structure. The electron-pair geometries will be the same as the molecular structures when there are no lone electron
pairs around the central atom, but they will be different when there are lone pairs present on the central atom.

For example, the methane molecule, CH4, which is the major component of natural gas, has four bonding pairs of
electrons around the central carbon atom; the electron-pair geometry is tetrahedral, as is the molecular structure
(Figure 5.24). On the other hand, the ammonia molecule, NHs, also has four electron pairs associated with the nitrogen
atom, and thus has a tetrahedral electron-pair geometry. One of these regions, however, is a lone pair, which is not

included in the molecular structure, and this lone pair influences the shape of the molecule (Figure 5.25).

Figure 5.24 The molecular structure of the methane molecule, CHa, is shown with a tetrahedral arrangement of the
hydrogen atoms. VSEPR structures like this one are often drawn using the wedge and dash notation, in which solid
lines represent bonds in the plane of the page, solid wedges represent bonds coming up out of the plane, and dashed
lines represent bonds going down into the plane.

Lone pair
.,:‘../ p  |

106.8° T

@ (b) (c)
Figure 5.25 (a) The electron-pair geometry for the ammonia molecule is tetrahedral with one lone pair and three single
bonds. (b) The trigonal pyramidal molecular structure is determined from the electron-pair geometry. (c) The actual
bond angles deviate slightly from the idealized angles because the lone pair takes up a larger region of space than do
the single bonds, causing the HNH angle to be slightly smaller than 109.5°.

As seen in Figure 5.25, small distortions from the ideal angles in Figure 5.23 can result from differences in repulsion
between various regions of electron density. VSEPR theory predicts these distortions by establishing an order of
repulsions and an order of the amount of space occupied by different kinds of electron pairs. The order of electron-
pair repulsions from greatest to least repulsion is:
lone pair — lone pair > lone pair — bonding pair > bonding pair — bonding pair
This order of repulsions determines the amount of space occupied by different regions of electrons. A lone pair of
electrons occupies a larger region of space than the electrons in a triple bond; in turn, electrons in a triple bond occupy
more space than those in a double bond, and so on. The order of sizes from largest to smallestis:
lone pair > triple bond > double bond > single bond

Consider formaldehyde, H,CO, which is used as a preservative for biological and anatomical specimens (Figure 5.21).



This molecule has regions of high electron density that consist of two single bonds and one double bond. The basic
geometry is trigonal planar with 120° bond angles, but we see that the double bond causes slightly larger angles (121°),
and the angle between the single bonds is slightly smaller (118°).

In the ammonia molecule, the three hydrogen atoms attached to the central nitrogen are not arranged in a flat, trigonal
planar molecular structure, but rather in a three-dimensional trigonal pyramid (Figure 5.25) with the nitrogen atom at
the apex and the three hydrogen atoms forming the base. The ideal bond angles in a trigonal pyramid are based on the
tetrahedral electron pair geometry. Again, there are slight deviations from the ideal because lone pairs occupy larger
regions of space than do bonding electrons. The H-N—H bond angles in NH3 are slightly smaller than the 109.5° angle
in a regular tetrahedron (Figure 5.23) because the lone pair-bonding pair repulsion is greater than the bonding pair-
bonding pair repulsion (Figure 5.25). Figure 5.26 illustrates the ideal molecular structures, which are predicted based
on the electron-pair geometries for various combinations of lone pairs and bonding pairs.
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Figure 5.26 The molecular structures are identical to the electron-pair geometries when there are no lone pairs present
(first column). For a particular number of electron pairs (row), the molecular structures for one or more lone pairs are

determined based on modifications of the corresponding electron-pair geometry.



According to VSEPR theory, the terminal atom locations (Xs in Figure 5.26) are equivalent within the linear, trigonal
planar, and tetrahedral electron-pair geometries (the first three rows of the table). It does not matter which X is
replaced with a lone pair because the molecules can be rotated to convert positions. For trigonal bipyramidal electron-
pair geometries, however, there are two distinct X positions, as shown in Figure 5.27: an axial position (if we hold a
model of a trigonal bipyramid by the two axial positions, we have an axis around which we can rotate the model) and
an equatorial position (three positions form an equator around the middle of the molecule). As shown in Figure 5.26,
the axial position is surrounded by bond angles of 90°, whereas the equatorial position has more space available
because of the 120° bond angles. In a trigonal bipyramidal electron-pair geometry, lone pairs always occupy equatorial
positions because these more spacious positions can more easily accommaodate the larger lone pairs.

Theoretically, we can come up with three possible arrangements for the three bonds and two lone pairs for the CIF;
molecule (Figure 5.27). The stable structure is the one that puts the lone pairs in equatorial locations, giving a T-
shaped molecular structure.

Equatorial : : :
| 1 1
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| : ‘ : ;
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q . Q[ ¢ . A 9 . & A
~ : /' i N * 1 N g
I F l ‘ ; F
() ! (b) 1 (© I (d)

Delete 5.27 (a) In a trigonal bipyramid, the two axial positions are located directly across from one another, whereas
the three equatorial positions are located in a triangular arrangement. (b—d) The two lone pairs (red lines) in CIF; have
several possible arrangements, but the T-shaped molecular structure (b) is the one actually observed, consistent with

the larger lone pairs both occupying equatorial positions.

When a central atom has two lone electron pairs and four bonding regions, we have an octahedral electron-pair
geometry. The two lone pairs are on opposite sides of the octahedron (180° apart), giving a square planar molecular
structure that minimizes lone pair-lone pair repulsions (Figure 5.26).

Predicting Electron Pair Geometry and Molecular Structure

The following procedure uses VSEPR theory to determine the electron pair geometries and the molecular structures:

1. Write the Lewis structure of the molecule or polyatomic ion.
2. Count the number of regions of electron density (lone pairs and bonds) around the central atom. A single, double,
or triple bond counts as one region of electron density.

3. Identify the electron-pair geometry based on the number of regions of electron density: linear, trigonal planar,



tetrahedral, trigonal bipyramidal, or octahedral (Figure 5.26, first column).

4. Use the number of lone pairs to determine the molecular structure (Figure 5.26). If more than one arrangement
of lone pairs and chemical bonds is possible, choose the one that will minimize repulsions, remembering that lone
pairs occupy more space than multiple bonds, which occupy more space than single bonds. In trigonal bipyramidal
arrangements, repulsion is minimized when every lone pair is in an equatorial position. In an octahedral arrangement

with two lone pairs, repulsion is minimized when the lone pairs are on opposite sides of the central atom.

The following examples illustrate the use of VSEPR theory to predict the molecular structure of molecules or ions
that have no lone pairs of electrons. In this case, the molecular structure is identical to the electron pair geometry.
Example 5.12

Predicting Electron-pair Geometry and Molecular Structure: CO2 and BCI3: Predict the electron-pair geometry

and molecular structure for each of the following:

€)] carbon dioxide, CO2, a molecule produced by the combustion of fossil fuels
(b) boron trichloride, BCI3, an important industrial chemical
Solution:

(a) We write the Lewis structure of CO2 as:

0=Cc=0
This shows us two regions of high electron density around the carbon atom—each double bond counts as one region,
and there are no lone pairs on the carbon atom. Using VSEPR theory, we predict that the two regions of electron
density arrange themselves on opposite sides of the central atom with a bond angle of 180°. The electron-pair geometry
and molecular structure are identical, and CO2 molecules are linear.

(b) We write the Lewis structure of BCI3 as:

:Cl—B—Cl:

Thus we see that BCI3 contains three bonds, and there are no lone pairs of electrons on boron. The arrangement of
three regions of high electron density gives a trigonal planar electron-pair geometry. The B—Cl bonds lie in a plane

with 120° angles between them. BCI3 also has a trigonal planar molecular structure (Figure 5.28).

W
Cl—B.
e

Figure 5.28

The electron-pair geometry and molecular structure of BCI3 are both trigonal planar. Note that the VSEPR geometry
indicates the correct bond angles (120°), unlike the Lewis structure shown above.

Check Your Learning

Carbonate, CO3 2—, is a common polyatomic ion found in various materials from eggshells to antacids. What are the
electron-pair geometry and molecular structure of this polyatomic ion?

Answer: The electron-pair geometry is trigonal planar, and the molecular structure is trigonal planar. Due to



resonance, all three C—O bonds are identical. Whether they are single, double, or an average of the two, each bond
counts as one region of electron density.
Example 5.13

Predicting Electron-pair Geometry and Molecular Structure: Ammonium: Two of the top 50 chemicals produced

in the United States, ammonium nitrate and ammonium sulfate, both used as fertilizers, contain the ammonium ion.
Predict the electron-pair geometry and molecular structure of the NH4 + cation.
Solution:
We write the Lewis structure of NH4 + as:
I

We can see that NH4 + contains four bonds from the nitrogen atom to hydrogen atoms and no lone pairs. We expect
the four regions of high electron density to arrange themselves so that they point to the corners of a tetrahedron with
the central nitrogen atom in the middle (Figure 5.26). Therefore, the electron pair geometry of NH4 + is tetrahedral,
and the molecular structure is also tetrahedral (Figure 5.29).

AL
H

N‘I
H” VH
H

Figure 5.29 The ammonium ion displays a tetrahedral electron-pair geometry as well as a tetrahedral molecular
structure.

Check Your Learning

Identify a molecule with trigonal bipyramidal molecular structure.

Answer: Any molecule with five electron pairs around the central atoms including no lone pairs will be trigonal
bipyramidal. PF5 is a common example.

The next several examples illustrate the effect of lone pairs of electrons on molecular structure.
Example 5.14

Predicting Electron-pair Geometry and Molecular Structure: Lone Pairs on the Central Atom: Predict the

electron-pair geometry and molecular structure of a water molecule.
Solution:
The Lewis structure of H20 indicates that there are four regions of high electron density around the oxygen atom: two

lone pairs and two chemical bonds



We predict that these four regions are arranged in a tetrahedral fashion (Figure 5.30), as indicated in Figure 5.26.
Thus, the electron-pair geometry is tetrahedral and the molecular structure is bent with an angle slightly less than

109.5°. In fact, the bond angle is 104.5°.

H

O 0O
&= Hée—

@ (b)

Figure 5.30 (a) H20 has four regions of electron density around the central atom, so it has a tetrahedral electron-pair
geometry. (b) Two of the electron regions are lone pairs, so the molecular structure is bent.

Check Your Learning
The hydronium ion, H30+, forms when acids are dissolved in water. Predict the electron-pair geometry and molecular

structure of this cation.
Answer: electron pair geometry: tetrahedral; molecular structure: trigonal pyramidal

Draw the Lewis structure and predict the molecular shape for: CH,Cl,, H,CCH,, CINNCI

Answer:
|
@O pbg » N_ O Nl &
:Cl

4 regions of 3 regions of 3 regions of electron
electron density electron density density around each
around carbon: 4 around each carbon: nitrogen: one lone pair
bonds; shape = 3 bonding regions; and 2 bonding
tetrahedral shape = trigonal regions; shape = bent

planar

Molecular Structure for Multicenter Molecules

When a molecule or polyatomic ion has only one central atom, the molecular structure completely describes the shape
of the molecule. Larger molecules do not have a single central atom but are connected by a chain of interior atoms
that each possess a “local” geometry. The way these local structures are oriented with respect to each other also
influences the molecular shape, but such considerations are largely beyond the scope of this introductory discussion.

For our purposes, we will only focus on determining the local structures.



Example 5.15
Predicting Structure in_Multicenter Molecules: The Lewis structure for the simplest amino acid, glycine,

H2NCH2CO2H, is shown here. Predict the local geometry for the nitrogen atom, the two carbon atoms, and the oxygen
atom with a hydrogen atom attached:
nl &0

S —e—(—(o)—I¥

H H
Solution:
:0
.
L ..
\C/ \0:
H 4> |
H H H

Consider each central atom independently. The electron-pair geometries:

. nitrogen—four regions of electron density; tetrahedral

. carbon (CH2)—four regions of electron density; tetrahedral

. carbon (CO2)—three regions of electron density; trigonal planar

. oxygen (OH)—four regions of electron density; tetrahedral The local structures:

. nitrogen—three bonds, one lone pair; trigonal pyramidal

. carbon (CH2)—four bonds, no lone pairs; tetrahedral

. carbon (CO2)—three bonds (double bond counts as one bond), no lone pairs; trigonal planar
. oxygen (OH)—two bonds, two lone pairs; bent (109°)

Check Your Learning
Another amino acid is alanine, which has the Lewis structure shown here. Predict the electron-pair geometry and local

structure of the nitrogen atom, the three carbon atoms, and the oxygen atom with hydrogen attached:

CH; :0
o [l
H—I‘lxl—(il—C— ]
H H

Answer: electron-pair geometries: nitrogen—tetrahedral; carbon (CH)—tetrahedral; carbon (CH3)—tetrahedral;
carbon (CO2)—trigonal planar; oxygen (OH)—tetrahedral; local structures: nitrogen—trigonal pyramidal; carbon
(CH)—tetrahedral; carbon (CH3)—tetrahedral; carbon (CO2)—trigonal planar; oxygen (OH)—Dbent (109°)
Example 5.16

Molecular Simulation: Using molecular shape simulator (http://openstaxcollege.org/l/16MolecShape) allows us to

control whether bond angles and/or lone pairs are displayed by checking or unchecking the boxes under “Options” on
the right. We can also use the “Name” checkboxes at bottom-left to display or hide the electron pair geometry (called
“electron geometry” in the simulator) and/or molecular structure (called “molecular shape” in the simulator).Build the
molecule HCN in the simulator based on the following Lewis structure:

H-C=N



Click on each bond type or lone pair at right to add that group to the central atom. Once you have the complete
molecule, rotate it to examine the predicted molecular structure. What molecular structure is this?
Solution:

The molecular structure is linear.
Check Your Learning
Build a more complex molecule in the simulator. Identify the electron-group geometry, molecular structure, and bond
angles. Then try to find a chemical formula that would match the structure you have drawn.
Answer: Answers will vary. For example, an atom with four single bonds, a double bond, and a lone pair has an
octahedral electron-group geometry and a square pyramidal molecular structure. XeOF4 is a molecule that adopts this

structure.

Predict the shape for the two carbon atoms and the SH, sulfur atom in the following structure

Answer:
CHjs — tetrahedral; C=S — trigonal planar; SH - bent
:S:
|
N
C S
H/ | 2
H

Link to Learning

L N . .
. The molecular shape simulator (http://openstaxcollege.org/l/16MolecShape)

lets you build various molecules and practice naming their electron-pair geometries

openstax
and molecular structures.

Molecular Polarity and Dipole Moment

As discussed previously, polar covalent bonds connect two atoms with differing electronegativities, leaving one atom
with a partial positive charge (6+) and the other atom with a partial negative charge (3-), as the electrons are pulled
toward the more electronegative atom. This separation of charge gives rise to a bond dipole moment. The magnitude
of a bond dipole moment is represented by the Greek letter mu () and is given by the formula shown here, where Q
is the magnitude of the partial charges (determined by the electronegativity difference) and r is the distance between

the charges:

u=Qr


http://openstaxcollege.org/l/16MolecShape

This bond moment can be represented as a vector, a quantity having both direction and magnitude (Figure 5.31).
Dipole vectors are shown as arrows pointing along the bond from the less electronegative atom toward the more
electronegative atom. A small plus sign is drawn on the less electronegative end to indicate the partially positive end
of the bond. The length of the arrow is proportional to the magnitude of the electronegativity difference between the

two atoms.

!

() (b)
Figure 5.31 (a) There is a small difference in electronegativity between C and H, represented as a short vector. (b)

The electronegativity difference between B and F is much larger, so the vector representing the bond moment is much

longer.

A whole molecule may also have a separation of charge, depending on its molecular structure and the polarity of each
of its bonds. If such a charge separation exists, the molecule is said to be a polar molecule (or dipole); otherwise the
molecule is said to be nonpolar. The dipole moment measures the extent of net charge separation in the molecule as
a whole. We determine the dipole moment by adding the bond moments in three-dimensional space, taking into
account the molecular structure.

For diatomic molecules, there is only one bond, so its bond dipole moment determines the molecular polarity.
Homonuclear diatomic molecules such as Br, and N have no difference in electronegativity, so their dipole moment
is zero. For heteronuclear molecules such as CO, there is a small dipole moment. For HF, there is a larger dipole
moment because there is a larger difference in electronegativity.

When a molecule contains more than one bond, the geometry must be taken into account. If the bonds in a molecule
are arranged such that their bond moments cancel (vector sum equals zero), then the molecule is nonpolar. This is the
situation in CO; (Figure 5.32). Each of the bonds is polar, but the molecule as a whole is nonpolar. From the Lewis
structure, and using VSEPR theory, we determine that the CO, molecule is linear with polar C=0 bonds on opposite
sides of the carbon atom. The bond moments cancel because they are pointed in opposite directions. In the case of the
water molecule (Figure 5.32), the Lewis structure again shows that there are two bonds to a central atom, and the
electronegativity difference again shows that each of these bonds has a nonzero bond moment. In this case, however,
the molecular structure is bent because of the lone pairs on O, and the two bond moments do not cancel. Therefore,

water does have a net dipole moment and is a polar molecule (dipole).



Bond moments Bond moments

N /N
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Overall dipole moment = 0 Overall dipole moment
(@) (b)
Figure 5.32 The overall dipole moment of a molecule depends on the individual bond dipole moments and how they
are arranged. (a) Each CO bond has a bond dipole moment, but they point in opposite directions so that the net CO,

molecule is nonpolar. (b) In contrast, water is polar because the OH bond moments do not cancel out.

The OCS molecule has a structure similar to CO, but a sulfur atom has replaced one of the oxygen atoms. To
determine if this molecule is polar, we draw the molecular structure. VSEPR theory predicts a linear molecule:

The C-O bond is considerably polar. Although C and S have very similar electronegativity values, S is slightly more
Bond moments

S2cs

t
/

Overall dipole moment
electronegative than C, and so the C-S bond is just slightly polar. Because oxygen is more electronegative than sulfur,

the oxygen end of the molecule is the negative end.
Chloromethane, CHsCl, is another example of a polar molecule. Although the polar C-Cl and C—H bonds are arranged
in a tetrahedral geometry, the C—ClI bonds have a larger bond moment than the C—H bond, and the bond moments do

not completely cancel each other. All of the dipoles have an upward component in the orientation shown, since carbon

%'4
is more electronegative than hydrogen and less electronegative than chlorine:
When we examine the highly symmetrical molecules BF; (trigonal planar), CH. (tetrahedral), PFs (trigonal
bipyramidal), and SFg (octahedral), in which all the polar bonds are identical, the molecules are nonpolar. The bonds
in these molecules are arranged such that their dipoles cancel. However, just because a molecule contains identical
bonds does not mean that the dipoles will always cancel. Many molecules that have identical bonds and lone pairs on
the central atoms have bond dipoles that do not cancel. Examples include H,S and NHs. A hydrogen atom is at the

positive end and a nitrogen or sulfur atom is at the negative end of the polar bonds in these molecules:



5+ H 5 H
Si5  STH—N:I&
8+ H 5 H

To summarize, to be polar, a molecule must:

1. Contain at least one polar covalent bond.
2. Have a molecular structure such that the sum of the vectors of each bond dipole moment does not cancel.

Avre the following molecules polar? CH,Cl, H,CCHa, CINNCI

b

Answer:

(b) H\\‘ /;4 (© N

@ =g SO, AL
:c1%™ N
IR
polar non-polar non-polar

Properties of Polar Molecules

Polar molecules tend to align when placed in an electric field with the positive end of the molecule oriented toward
the negative plate and the negative end toward the positive plate (Figure 5.33). We can use an electrically charged
object to attract polar molecules, but nonpolar molecules are not attracted. Also, polar solvents are better at dissolving

polar substances, and nonpolar solvents are better at dissolving nonpolar substances.

Electric field

N w4 N\ i
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Figure 5.33 (a) Molecules are always randomly distributed in the liquid state in the absence of an electric field. (b)

N

)/



When an electric field is applied, polar molecules like HF will align to the dipoles with the field direction.

Key Terms

axial position location in a trigonal bipyramidal geometry in which there is another atom at a 180° angle and the
equatorial positions are at a 90° angle

bond angle angle between any two covalent bonds that share a common atom

bond dipole moment separation of charge in a bond that depends on the difference in electronegativity and the bond
distance represented by partial charges or a vector

bond distance (also, bond length) distance between the nuclei of two bonded atoms

bond energy (also, bond dissociation energy) energy required to break a covalent bond in a gaseous substance

bond length distance between the nuclei of two bonded atoms at which the lowest potential energy is achieved
covalent bond bond formed when electrons are shared between atoms

dipole moment property of a molecule that describes the separation of charge determined by the sum of the individual
bond moments based on the molecular structure

double bond covalent bond in which two pairs of electrons are shared between two atoms

electron-pair geometry arrangement around a central atom of all regions of electron density (bonds, lone pairs, or
unpaired electrons)

electronegativity tendency of an atom to attract electrons in a bond to itself

equatorial position one of the three positions in a trigonal bipyramidal geometry with 120° angles between them; the
axial positions are located at a 90° angle

formal charge charge that would result on an atom by taking the number of valence electrons on the neutral atom and
subtracting the nonbonding electrons and the number of bonds (one-half of the bonding electrons)

free radical molecule that contains an odd number of electrons

hypervalent molecule molecule containing at least one main group element that has more than eight electrons in its
valence shell

inert pair effect tendency of heavy atoms to form ions in which their valence s electrons are not lost

ionic bond strong electrostatic force of attraction between cations and anions in an ionic compound

Lewis structure diagram showing lone pairs and bonding pairs of electrons in a molecule or an ion

Lewis symbol symbol for an element or monatomic ion that uses a dot to represent each valence electron in the
element or ion

linear shape in which two outside groups are placed on opposite sides of a central atom

lone pair two (a pair of) valence electrons that are not used to form a covalent bond

molecular structure arrangement of atoms in a molecule or ion

molecular structure structure that includes only the placement of the atoms in the molecule

octahedral shape in which six outside groups are placed around a central atom such that a three-dimensional shape is

generated with four groups forming a square and the other two forming the apex of two pyramids, one above and one



below the square plane

octet rule guideline that states main group atoms will form structures in which eight valence electrons interact with
each nucleus, counting bonding electrons as interacting with both atoms connected by the bond

polar covalent bond covalent bond between atoms of different electronegativities; a covalent bond with a positive

end and a negative end

polar molecule (also, dipole) molecule with an overall dipole moment

pure covalent bond (also, nonpolar covalent bond) covalent bond between atoms of identical electronegativities
resonance situation in which one Lewis structure is insufficient to describe the bonding in a molecule and the average
of multiple structures is observed

resonance forms two or more Lewis structures that have the same arrangement of atoms but different arrangements
of electrons

resonance hybrid average of the resonance forms shown by the individual Lewis structures

single bond bond in which a single pair of electrons is shared between two atoms

tetrahedral shape in which four outside groups are placed around a central atom such that a three-dimensional shape
is generated with four corners and 109.5° angles between each pair and the central atom

trigonal bipyramidal shape in which five outside groups are placed around a central atom such that three form a flat
triangle with 120° angles between each pair and the central atom, and the other two form the apex of two pyramids,
one above and one below the triangular plane

trigonal planar shape in which three outside groups are placed in a flat triangle around a central atom with 120°
angles between each pair and the central atom

triple bond bond in which three pairs of electrons are shared between two atoms

valence shell electron-pair repulsion theory (VSEPR) theory used to predict the bond angles in a molecule based
on positioning regions of high electron density as far apart as possible to minimize electrostatic repulsion

vector quantity having magnitude and direction

Key Equations

formal charge = # valence shell elcetrons(free atom) — #one pair electrons —% # bonding electrons

Summary

5.1 Chemical Formulas

A molecular formula uses chemical symbols and subscripts to indicate the exact numbers of different atoms in a
molecule or compound. An empirical formula gives the simplest, whole-number ratio of atoms in a compound. A
structural formula indicates the bonding arrangement of the atoms in the molecule. Ball-and-stick and space-filling
models show the geometric arrangement of atoms in a molecule. Isomers are compounds with the same molecular

formula but different arrangements of atoms.



5.2 Molecular and lonic Compounds

Metals (particularly those in groups 1 and 2) tend to lose the number of electrons that would leave them with the same
number of electrons as in the preceding noble gas in the periodic table. By this means, a positively charged ion is
formed. Similarly, nonmetals (especially those in groups 16 and 17, and, to a lesser extent, those in Group 15) can
gain the number of electrons needed to provide atoms with the same number of electrons as in the next noble gas in
the periodic table. Thus, nonmetals tend to form negative ions. Positively charged ions are called cations, and
negatively charged ions are called anions. lons can be either monatomic (containing only one atom) or polyatomic
(containing more than one atom).

Compounds that contain ions are called ionic compounds. lonic compounds generally form from metals and
nonmetals. Compounds that do not contain ions, but instead consist of atoms bonded tightly together in molecules
(uncharged groups of atoms that behave as a single unit), are called covalent compounds. Covalent compounds usually
form from two nonmetals.

5.3 Chemical Nomenclature

Chemists use nomenclature rules to clearly name compounds. lonic and molecular compounds are named using
somewhat-different methods. Binary ionic compounds typically consist of a metal and a nonmetal. The hame of the
metal is written first, followed by the name of the nonmetal with its ending changed to —ide. For example, KO is
called potassium oxide. If the metal can form ions with different charges, a Roman numeral in parentheses follows
the name of the metal to specify its charge. Thus, FeCl; is iron (I1) chloride and FeCls is iron (111) chloride. Some
compounds contain polyatomic ions; the names of common polyatomic ions should be memorized. Molecular
compounds can form compounds with different ratios of their elements, so prefixes are used to specify the numbers
of atoms of each element in a molecule of the compound. Examples include SFe, sulfur hexafluoride, and N2Oa4,

dinitrogen tetroxide.

5.4 lonic Bonding

Atoms gain or lose electrons to form ions with particularly stable electron configurations. The charges of cations
formed by the representative metals may be determined readily because, with few exceptions, the electronic structures
of these ions have either a noble gas configuration or a completely filled electron shell. The charges of anions formed
by the nonmetals may also be readily determined because these ions form when nonmetal atoms gain enough electrons
to fill their valence shells.

5.5 Covalent Bonding

Covalent bonds form when electrons are shared between atoms and are attracted by the nuclei of both atoms. In pure
covalent bonds, the electrons are shared equally. In polar covalent bonds, the electrons are shared unequally, as one
atom exerts a stronger force of attraction on the electrons than the other. The ability of an atom to attract a pair of
electrons in a chemical bond is called its electronegativity. The difference in electronegativity between two atoms
determines how polar a bond will be. In a diatomic molecule with two identical atoms, there is no difference in
electronegativity, so the bond is nonpolar or pure covalent. When the electronegativity difference is very large, as is

the case between metals and nonmetals, the bonding is characterized as ionic.



5.6 Lewis Symbols and Structures

Valence electronic structures can be visualized by drawing Lewis symbols (for atoms and monatomic ions) and Lewis
structures (for molecules and polyatomic ions). Lone pairs, unpaired electrons, and single, double, or triple bonds are
used to indicate where the valence electrons are located around each atom in a Lewis structure. Most structures—
especially those containing second row elements—obey the octet rule, in which every atom (except H) is surrounded
by eight electrons. Exceptions to the octet rule occur for odd-electron molecules (free radicals), electron- deficient
molecules, and hypervalent molecules.

5.7 Formal Charges and Resonance

In a Lewis structure, formal charges can be assigned to each atom by treating each bond as if one-half of the electrons
are assigned to each atom. These hypothetical formal charges are a guide to determining the most appropriate Lewis
structure. A structure in which the formal charges are as close to zero as possible is preferred. Resonance occurs in
cases where two or more Lewis structures with identical arrangements of atoms, but different distributions of electrons
can be written. The actual distribution of electrons (the resonance hybrid) is an average of the distribution indicated
by the individual Lewis structures (the resonance forms).

5.8 Molecular Structure and Polarity

VSEPR theory predicts the three-dimensional arrangement of atoms in a molecule. It states that valence electrons will
assume an electron-pair geometry that minimizes repulsions between areas of high electron density (bonds and/ or
lone pairs). Molecular structure, which refers only to the placement of atoms in a molecule and not the electrons, is
equivalent to electron-pair geometry only when there are no lone electron pairs around the central atom. A dipole
moment measures a separation of charge. For one bond, the bond dipole moment is determined by the difference in
electronegativity between the two atoms. For a molecule, the overall dipole moment is determined by both the
individual bond moments and how these dipoles are arranged in the molecular structure. Polar molecules (those with

an appreciable dipole moment) interact with electric fields, whereas nonpolar molecules do not.

Exercises

5.1 Chemical Formulas

19. Explain why the symbol for an atom of the element oxygen and the formula for a molecule of oxygen
differ.
20. Explain why the symbol for the element sulfur and the formula for a molecule of sulfur differ.
21. Write the molecular and empirical formulas of the following compounds:
(a)
0=C=0
(b)

H—C=C—H



(©)

H H
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€=C
/
H H
(d)
1
o—?— —H
O—H

30. Write the molecular and empirical formulas of the following compounds:

(@)

H H
N
c=C—C—C—H
/ ||
H H H
(b)
| |
H—(l:—CEc—cl:—H
H H
(c)
C|:I ('i‘l
CI—Sli—Si—CI
H H
(d)
?—H
O—IID—O—H
O—H
31. Determine the empirical formulas for the following compounds:
() caffeine, CgH1oN4O>
(b) fructose, C12H22011
(c) hydrogen peroxide, H202

—

)
)

d) glucose, CgH1206

(e) ascorbic acid (vitamin C), CgHgOs¢

32. Determine the empirical formulas for the following compounds:
() acetic acid, C2H40>

b) citric acid, CeHgO7

—_ o~

d

e) butane, C4sH1o

)
)
¢) hydrazine, N2Hs4
) nicotine, C1gH14N>
)

—

33. Write the empirical formulas for the following compounds:



(@)

(b)
H O H H
|l ||
H—CiZ—C—O—Clt—?—H
H H H
A Open the Build a Molecule simulation (http://openstaxcollege.org/l/26molbuilding) and select the

“Larger Molecules” tab. Select an appropriate atoms “Kit” to build a molecule with two carbon and six hydrogen
atoms. Drag atoms into the space above the “Kit” to make a molecule. A name will appear when you have made an
actual molecule that exists (even if it is not the one you want). You can use the scissors tool to separate atoms if you
would like to change the connections. Click on “3D” to see the molecule and look at both the space-filling and ball-
and-stick possibilities.

(a) Draw the structural formula of this molecule and state its name.

(b) Can you arrange these atoms in any way to make a different compound?

35 Use the Build a Molecule simulation (http://openstaxcollege.org/l/16molbuilding) to repeat

Exercise 2.34, but build a molecule with two carbons, six hydrogens, and one oxygen.

@ Draw the structural formula of this molecule and state its name.
(b) Can you arrange these atoms to make a different molecule? If so, draw its structural formula and state its name.
(9] How are the molecules drawn in (a) and (b) the same? How do they differ? What are they called (the type of

relationship between these molecules, not their names).

36. Use the Build a Molecule simulation (http://openstaxcollege.org/l/16molbuilding) to repeat

Exercise 2.34, but build a molecule with three carbons, seven hydrogens, and one chlorine.

@ Draw the structural formula of this molecule and state its name.
(b) Can you arrange these atoms to make a different molecule? If so, draw its structural formula and state its name.
(9] How are the molecules drawn in (a) and (b) the same? How do they differ? What are they called (the type of

relationship between these molecules, not their names)?

5.2 Molecular and lonic Compounds

37. Using the periodic table, predict whether the following chlorides are ionic or covalent: KCI, NCls, ICI,
MgCly, PCls, and CCl..

38. Using the periodic table, predict whether the following chlorides are ionic or covalent: SiCls, PCls, CaCls,
CsCl, CuCly, and CrCls.

39. For each of the following compounds, state whether it is ionic or covalent. If it is ionic, write the symbols

for the ions involved:


http://openstaxcollege.org/l/16molbuilding
http://openstaxcollege.org/l/16molbuilding
http://openstaxcollege.org/l/16molbuilding

40. For each of the following compounds, state whether it is ionic or covalent, and if it is ionic, write the

symbols for the ions involved:

(f) Co(NOs).
41.  For each of the following pairs of ions, write the formula of the compound they will form:

(a) Ca2*, s2~
(b) NHg ™, 5042

) ARt Br~

(d) Na*, HPO, 2~

(e) Mg2+, PO, 3~

42, For each of the following pairs of ions, write the formula of the compound they will form:

(a) Kt 02~

(b) NHg ", P04 3~

() AI3*, 02~

(d) Na*, co32~

() BaZ¥, PO, 3~

5.3 Chemical Nomenclature
43 Name the following compounds:
(a) CsClI
(b) BaO
(c) KzS
(d) BeCl;
(e) HBr



() AlF;
44, Name the following compounds:
(a) NaF
(b) Rb2O
(c) BCls
(d) H.Se
(e) P4Os
() ICl5
45, Write the formulas of the following compounds:
(a) rubidium bromide
(b) magnesium selenide
(c) sodium oxide
(d) calcium chloride
(e) hydrogen fluoride
(f) gallium phosphide
(9) aluminum bromide
(h) ammonium sulfate
46. Write the formulas of the following compounds:
(a) lithium carbonate
(b) sodium perchlorate
(c) barium hydroxide
(d) ammonium carbonate
(e) sulfuric acid
(f) calcium acetate
(g) magnesium phosphate
(h) sodium sulfite
47. Write the formulas of the following compounds:
(a) chlorine dioxide
(b) dinitrogen tetraoxide
(c) potassium phosphide
(d) silver(l) sulfide
(e) aluminum nitride
() silicon dioxide
48. Write the formulas of the following compounds:
(a) barium chloride
(b) magnesium nitride

(c) sulfur dioxide



(d) nitrogen trichloride
() dinitrogen trioxide
(F) tin(1V) chloride
49, Each of the following compounds contains a metal that can exhibit more than one ionic charge. Name these

compounds:

50. Each of the following compounds contains a metal that can exhibit more than one ionic charge. Name these
compounds:
(a) NiCOs
(b) MoOs
(¢) Co(NOs3),
(d) V205
(e) MnO;
(f) Fe20s
51 The following ionic compounds are found in common household products. Write the formulas for each
compound:
(a) potassium phosphate
(b) copper(ll) sulfate
(c) calcium chloride
(d) titanium(1V) oxide
(e) ammonium nitrate
(f) sodium bisulfate (the common name for sodium hydrogen sulfate)
52.  The following ionic compounds are found in common household products. Name each of the compounds:
(@) Ca(H2PO4)

53. What are the IUPAC names of the following compounds?
(a) manganese dioxide

(b) mercurous chloride (Hg»Cl.)



(c) ferric nitrate [Fe(NO3)s]
(d) titanium tetrachloride
(e) cupric bromide (CuBry)

5.4 lonic Bonding

1. Does a cation gain proton to form a positive charge or does it lose electrons?
2. Iron(111) sulfate [Fe2(SOs)s] is composed of Fe3* and SOy 2= jons. Explain why a sample of iron(l11) sulfate

is uncharged.
3. Which of the following atoms would be expected to form negative ions in binary ionic compounds and which
would be expected to form positive ions: P, I, Mg, Cl, In, Cs, O, Pb, Co?
4. Which of the following atoms would be expected to form negative ions in binary ionic compounds and which
would be expected to form positive ions: Br, Ca, Na, N, F, Al, Sn, S, Cd?
5. Predict the charge on the monatomic ions formed from the following atoms in binary ionic compounds:
@P
(b) Mg
(c) Al
(d)o
(e) Cl
(f) Cs
6. Predict the charge on the monatomic ions formed from the following atoms in binary ionic compounds:
@l
(b) Sr
(K
(d)N
(e S
(f) In
7. Write the electron configuration for each of the following ions:

@ As3—
(b) I
(c) Be2*
(d) cd2*
(e) 02~
(f) Ga3*
(g) Li*
(h) N3~



(i) sn2*

(j) Co?*

(k) Fe2*

(1) As3*
8. Write the electron configuration for the monatomic ions formed from the following elements (which form
the greatest concentration of monatomic ions in seawater):

(@ Cl

(b) Na

(c) Mg

(d) Ca

(K

(f) Br

(9) Sr

(h F
9. Write out the full electron configuration for each of the following atoms and for the monatomic ion found in
binary ionic compounds containing the element:

(@) Al

(b) Br

(c) Sr

(d) Li

(e) As

s
10. From the labels of several commercial products, prepare a list of six ionic compounds in the products. For

each compound, write the formula. (You may need to look up some formulas in a suitable reference.)

5.5 Covalent Bonding
11. Why is it incorrect to speak of a molecule of solid NaCI?
12. What information can you use to predict whether a bond between two atoms is covalent or ionic?
13. Predict which of the following compounds are ionic and which are covalent, based on the location of their
constituent atoms in the periodic table:
(a) Cl.CO
(b) MnO
(c) NCls
(d) CoBr;
(e) KzS
(f) C



14. Explain the difference between a nonpolar covalent bond, a polar covalent bond, and an ionic bond.
15. From its position in the periodic table, determine which atom in each pair is more electronegative:
(@) BrorCl
(b) Nor O
(c)Sor0O
(dPorS
(e)SiorN
() BaorP
() NorK
16. From its position in the periodic table, determine which atom in each pair is more electronegative:
(@ NorP
(b) N or Ge
(c)SorF
(dClors
(e)HorC
(f) SeorP
() CorsSi
17. From their positions in the periodic table, arrange the atoms in each of the following series in order of
increasing electronegativity:
@ C,F,H,N,O
(®) Br,CI, F,H, I
(© F,H,O,P,S
d Al, H,Na, O,P
(e) Ba,H, N, O, As
18. From their positions in the periodic table, arrange the atoms in each of the following series in order of
increasing electronegativity:
@ As,H,N,P,Sh
() CI,H,P,S,Si
© Br,Cl, Ge, H, Sr
@ Ca, H, K, N, Si
@© ClI, Cs, Ge, H, Sr

19. Which atoms can bond to sulfur so as to produce a positive partial charge on the sulfur atom?



20. Which is the most polar bond?
(@ c-C
(b) C-H
(c) N-H
(d)O-H
(e) Se-H
21. ldentify the more polar bond in each of the following pairs of bonds:
(a) HF or HCI
(b) NO or CO
(c) SH or OH
(d) PCl or SCI
(e) CHor NH
(f) SO or PO
() CN or NN
22. Which of the following molecules or ions contain polar bonds?
(a) Os
(b) Ss

(©) 092~
(d) NO3~
(e) CO2
(f) H2S

(@) BHs

5.6 Lewis Symbols and Structures

23. Write the Lewis symbols for each of the following ions:
@ As3—
() I~
(c) Be2*
(d) 0%~
(e) Ga3*
(f) Li*

(g) N>
24. Many monatomic ions are found in seawater, including the ions formed from the following list of elements.
Write the Lewis symbols for the monatomic ions formed from the following elements:

(@) Cl



(b) Na

(c) Mg

(d) Ca

(K

(f) Br

(9) Sr

(h) F
25. Write the Lewis symbols of the ions in each of the following ionic compounds and the Lewis symbols of
the atom from which they are formed:

(a) MgS

(b) Al,Os

(c) GaCls;

(d) K20

(e) LisN

(f) KF
26. In the Lewis structures listed here, M and X represent various elements in the third period of the periodic

table. Write the formula of each compound using the chemical symbols of each element:

()
.
[M2+] [: X :]
(b)
[M3+] [: X :]
w7l
(©
o 2=
[M*:I [: X ::I
L
(d)
o 2-
[M?’*] [: X :]
2Lk d3
21. Write the Lewis structure for the diatomic molecule P2, an unstable form of phosphorus found in high-

temperature phosphorus vapor.
28, Write Lewis structures for the following:



29, Write Lewis structures for the following:

30. Write Lewis structures for the following:

(C) BF3
(d) PFe
3L Write Lewis structures for the following:
(@) SeFs
(b) XeFs
© seclz®
(d) CI,BBCI; (contains a B-B bond)

32 Write Lewis structures for:

@ POy3~
() IClg~

(© SO3%~
(d) HONO

33 Correct the following statement: “The bonds in solid PbCl, are ionic; the bond in a HCI molecule is

covalent. Thus, all of the valence electrons in PbCl, are located on the CI~ ions, and all of the valence electrons in a

HCI molecule are shared between the H and Cl atoms.”



A, Write Lewis structures for the following molecules or ions:

(a) SbH3
(b) XeF:

(c) Ses (a cyclic molecule with a ring of eight Se atoms)

3. Methanol, HsCOH, is used as the fuel in some race cars. Ethanol, C;HsOH, is used extensively as motor
fuel in Brazil. Both methanol and ethanol produce CO, and H2O when they burn. Write the chemical equations for
these combustion reactions using Lewis structures instead of chemical formulas.

36. Many planets in our solar system contain organic chemicals including methane (CH4) and traces of
ethylene (C2H.), ethane (C2Hs), propyne (HsCCCH), and diacetylene (HCCCCH). Write the Lewis structures for each
of these molecules.

37. Carbon tetrachloride was formerly used in fire extinguishers for electrical fires. It is no longer used for this
purpose because of the formation of the toxic gas phosgene, CI.CO. Write the Lewis structures for carbon tetrachloride
and phosgene.

3. The arrangement of atoms in several biologically important molecules is given here. Complete the Lewis

structures of these molecules by adding multiple bonds and lone pairs. Do not add any moreatoms.

(a) the amino acid serine:

(I)—H
H—C—H
H 0]

(b) urea:

pyruvic acid:

(c) uracil:

carbonic acid:

H—O—C—O0—H
3. A compound with a molar mass of about 28 g/mol contains 85.7% carbon and 14.3% hydrogen by mass.



Write the Lewis structure for a molecule of the compound.

0. A compound with a molar mass of about 42 g/mol contains 85.7% carbon and 14.3% hydrogen by mass.

Write the Lewis structure for a molecule of the compound.

41, Two arrangements of atoms are possible for a compound with a molar mass of about 45 g/mol that contains

52.2% C, 13.1% H, and 34.7% O by mass. Write the Lewis structures for the two molecules.

42, How are single, double, and triple bonds similar? How do they differ?

5.7 Formal Charges and Resonance
43, Write resonance forms that describe the distribution of electrons in each of these molecules or ions.

(a) selenium dioxide, OSeO

(b) nitrate ion, NO3

(c) nitric acid, HNO3 (N is bonded to an OH group and two O atoms)
(d) benzene, CsHe:

H
I
H C H
~ & Ser”
5
Rl P
[
H
(e) the formate ion:
(@]
|
H—C—O
44, Write resonance forms that describe the distribution of electrons in each of these molecules or ions.

(@) sulfur dioxide, SO;
(b) carbonate ion, CO3 2=

(c) hydrogen carbonate ion, HCO3  (C is bonded to an OH group and two O atoms)

(d) pyridine:



®)

the allyl ion:

45, Write the resonance forms of ozone, Os, the component of the upper atmosphere that protects the Earth
from ultraviolet radiation.

46. Sodium nitrite, which has been used to preserve bacon and other meats, is an ionic compound. Write the

resonance forms of the nitrite ion, NO2 —

H H H

H—C—C—C—H

H O H O
| |
H—C—C—0O—H H—C—C—0
I
H H
47, In terms of the bonds present, explain why acetic acid, CH3CO;H, contains two distinct types of carbon-

oxygen bonds, whereas the acetate ion, formed by loss of a hydrogen ion from acetic acid, only contains one type of
carbon- oxygen bond. The skeleton structures of these species are shown:

48, Write the Lewis structures for the following, and include resonance structures where appropriate. Indicate
which has the strongest carbon-oxygen bond.

CO;

CO

49, Toothpastes containing sodium hydrogen carbonate (sodium bicarbonate) and hydrogen peroxide are
widely used. Write Lewis structures for the hydrogen carbonate ion and hydrogen peroxide molecule, with resonance
forms where appropriate.

50. Determine the formal charge of each element in the following:

(a) HCI
(b) CF4
(c) PCls
(d) PFs

@
(b)

51 Determine the formal charge of each element in the following:
Hs0*

S042"

52, Calculate the formal charge of chlorine in the molecules Cl,, BeCl,, and CIFs.

53, Calculate the formal charge of each element in the following compounds and ions:



(c) BFg

(@ SnCl3~
(&) H.CCH;
(f) CIF3
(9) SeFs

(h) PO43~
4, Draw all possible resonance structures for each of these compounds. Determine the formal charge on each
atom in each of the resonance structures:

() Os

(b) SO

(©) NO2

(d) NO3
55. Based on formal charge considerations, which of the following would likely be the correct arrangement of
atoms in nitrosyl chloride: CINO or CION?

56. Based on formal charge considerations, which of the following would likely be the correct arrangement of

atoms in hypochlorous acid: HOCI or OCIH?

57. Based on formal charge considerations, which of the following would likely be the correct arrangement of
atoms in sulfur dioxide: OSO or SOO?
58. Draw the structure of hydroxylamine, HsNO, and assign formal charges; look up the structure. Is the actual

structure consistent with the formal charges?
59, lodine forms a series of fluorides (listed here). Write Lewis structures for each of the four compounds and
determine the formal charge of the iodine atom in each molecule:
@) IF
(b) IF5
(c) IFs
(d) IF7
60. Write the Lewis structure and chemical formula of the compound with a molar mass of about 70 g/mol that
contains 19.7% nitrogen and 80.3% fluorine by mass and determine the formal charge of the atoms in this compound.
61. Which of the following structures would we expect for nitrous acid? Determine the formal charges:
H
10—N=0 or H—O0—N=0
62. Sulfuric acid is the industrial chemical produced in greatest quantity worldwide. About 90 billion pounds
are produced each year in the United States alone. Write the Lewis structure for sulfuric acid, H2SO4, which has two
oxygen atoms and two OH groups bonded to the sulfur.
63. Which bond in each of the following pairs of bonds is the strongest?



80.
8L

82.

(@C-CorCc=C
(b) C-NorC=N
(cc=0o0orCc=0

5.8 Molecular Structure and Polarity

76. Explain why the HOH molecule is bent, whereas the HBeH molecule is linear.

7. What feature of a Lewis structure can be used to tell if a molecule’s (or ion’s) electron-pair geometry and
molecular structure will be identical?

78. Explain the difference between electron-pair geometry and molecular structure.
79. Why is the H-N—-H angle in NHs smaller than the H-C—H bond angle in CH4? Why is the H-N-H angle
in

NHg4 * identical to the H-C—H bond angle in CH,?

Explain how a molecule that contains polar bonds can be nonpolar.

As a general rule, MX;, molecules (where M represents a central atom and X represents terminal atoms; n =2 —

5) are polar if there is one or more lone pairs of electrons on M. NHz (M = N, X = H, n = 3) is an example. There are
two molecular structures with lone pairs that are exceptions to this rule. What are they?

Predict the electron pair geometry and the molecular structure of each of the following molecules orions:

(a) SFe
(b) PClIs
(c) BeH;

@ CcH3™

83. Identify the electron pair geometry and the molecular structure of each of the following molecules orions:

@ IFe™
(t) CFs
© BFs
d SiFg
) BeCl,

84. What are the electron-pair geometry and the molecular structure of each of the following molecules or

ions?

(a) CIFs

(b) ClOy~

() TeClg 2™
(d) PCls
(e) SeFs4



(f) PH2
85. Predict the electron pair geometry and the molecular structure of each of the following ions:
(@) HsO"
(b) PClg
(c) SnClz

(d) BrClg
(e) ICl3
(f) XeF4
(9) SF2

86. Identify the electron pair geometry and the molecular structure of each of the following molecules:
(a) CINO (N is the central atom)
(b) CS,
(c) CI,.CO (C is the central atom)
(d) CI,SO (S is the centralatom)
(e) SOzF; (S is the central atom)
(f) XeOzF; (Xe is the central atom)

(g) CIOF> * (Cl is the central atom)

87. Predict the electron pair geometry and the molecular structure of each of the following:
(@) 10Fs (I is the central atom)
(b) POCI; (P is the central atom)
(c) Cl.SeO (Se is the central atom)

(d) CISO* (S is the centralatom)
(e) F2SO (S is the central atom)

() NO2
(9) Si0q4
88. Which of the following molecules and ions contain polar bonds? Which of these molecules and ions have

dipole moments?
(a) CIFs

(b) Clop ™~
() TeClg 2™

(d) PCls
(e) SeF4

(f PH2



(9) XeF;
89. Which of these molecules and ions contain polar bonds? Which of these molecules and ions have dipole

moments?
(8) HsO"
(b) PClg
(c) SnClz

(d) BrClg
(e) ICls
(f) XeF4
(9) SF2

90. Which of the following molecules have dipole moments?
(@ CS2
(b) SeS;
(c) CClaF;
(d) PCls (P is the central atom)
(e) CINO (N is the central atom)
91.  Identify the molecules with a dipole moment:

(@) SFs4

(b) CFs4
(c) CI,.CCBr,
(d) CHsCI
(e) H.CO

101. The molecule XFs; has a dipole moment. Is X boron or phosphorus?

102. The molecule XClI; has a dipole moment. Is X beryllium or sulfur?
103. Is the CI:BBCI, molecule polar or nonpolar?
104. There are three possible structures for PCI,F3 with phosphorus as the central atom. Draw them and discuss

how measurements of dipole moments could help distinguish among them.

105. Describe the molecular structure around the indicated atom or atoms:
(@) the sulfur atom in sulfuric acid, H,SO4 [(HO)2SO;]
(b) the chlorine atom in chloric acid, HCIO3; [HOCIO;]
(c) the oxygen atom in hydrogen peroxide, HOOH
(d) the nitrogen atom in nitric acid, HNO3; [HONO,]
(e) the oxygen atom in the OH group in nitric acid, HNO3 [HONO;]
() the central oxygen atom in the ozone molecule, O

(9) each of the carbon atoms in propyne, CH3;CCH



(h) the carbon atom in Freon, CClyF;
(i) each of the carbon atoms in allene, H,CCCH,

106. Draw the Lewis structures and predict the shape of each compound or ion:
(@) CO;

(b) NO2

(d) SO32~
107. A molecule with the formula AB», in which A and B represent different atoms, could have one of three
different shapes. Sketch and name the three different shapes that this molecule might have. Give an example of a
molecule or ion for each shape.
108. A molecule with the formula AB3, in which A and B represent different atoms, could have one of three
different shapes. Sketch and name the three different shapes that this molecule might have. Give an example of a
molecule or ion that has each shape.
109. Draw the Lewis electron dot structures for these molecules, including resonance structures where
appropriate:

(@) CS32~

(b) CS2

(c) CS

(d) predict the molecular shapes for CS3 2~ and CS; and explain how you arrived at your predictions

110. What is the molecular structure of the stable form of FNO,? (N is the central atom.)
111. A compound with a molar mass of about 42 g/mol contains 85.7% carbon and 14.3% hydrogen. What is
its molecular structure?
112. Use the simulation (http://openstaxcollege.org/l/16MolecPolarity) to perform the followingexercises
for a two-atom molecule:
@ Adjust the electronegativity value so the bond dipole is pointing toward B. Then determine what the
electronegativity values must be to switch the dipole so that it points toward A.

(b) With a partial positive charge on A, turn on the electric field and describe what happens.

(© With a small partial negative charge on A, turn on the electric field and describe what happens.

(d) Reset all, and then with a large partial negative charge on A, turn on the electric field and describe what happens.
113. Use the simulation (http://openstaxcollege.org/l/16MolecPolarity) to perform the followingexercises
for a real molecule. You may need to rotate the molecules in three dimensions to see certain dipoles.

(@) Sketch the bond dipoles and molecular dipole (if any) for Oz Explain your observations.

(b) Look at the bond dipoles for NHs. Use these dipoles to predict whether N or H is more electronegative.

(c) Predict whether there should be a molecular dipole for NHz and, if so, in which direction it will point. Check
the molecular dipole box to test your hypothesis.

114. Use the Molecule Shape simulator (http://openstaxcollege.org/l/16MolecShape) to build a molecule.


http://openstaxcollege.org/l/16MolecPolarity
http://openstaxcollege.org/l/16MolecPolarity
http://openstaxcollege.org/l/16MolecShape

Starting with the central atom, click on the double bond to add one double bond. Then add one single bond and one
lone pair. Rotate the molecule to observe the complete geometry. Name the electron group geometry and molecular
structure and predict the bond angle. Then click the check boxes at the bottom and right of the simulator to check your
answers.

115. Use the Molecule Shape simulator (http://openstaxcollege.org/l/16MolecShape) to explore real
molecules. On the Real Molecules tab, select H,O. Switch between the “real” and “model” modes. Explain the

difference observed.


http://openstaxcollege.org/l/16MolecShape

