Black smokers form when
superheated water, rich in

. minerals, flows out onto the
ocean floor through the lava
on an ocean volcano. The
hydrogen sulfide present
converts the metals to
insoluble metal sulfides. The
' models show hydrogen

" sulfide, metal ions, and a

. metal sulfide.
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1.OOK AHEAD

We begin by studying the properties of solutions prepared by dissolving substances in
wiiter, called aqueous solutions. Aqueous solutions can be classified as nonelectrolyte
or electrolyte, depending on their ability to conduct electricity. (4.1)

We will see that precipitation reactions are those in which the product is an insoluble
compound. We learn to represent these reactions using ionic equations and net jonic
cjuations. (4.2).

Next, we learn acid-base reactions, which involve the transfer of proton (H) from an
ucid to a base. (4.3)

We then learn oxidation-reduction (redox) reactions in which electrons are transferred
between reactants. We will see that there are several types of redox reactions (4.4)

‘Io carry out quantitative studies of solutions, we learn how to express the concentra-
lion of a solution in molarity. (4.5)

linally, we will apply our knowledge of the mole method from Chapter 3 to the three
types of reactions studied here. We will see how gravimetric analysis is used to study
|recipitation reactions, and the titration technique is used to study acid-base and redox
reactions. (4.6, 4.7, and 4.8)

Muny chemical reactions and virtually all biological processes take place in water. In this
chapter we will discuss three major categories of reactions that occur in aqueous solu-
e precipitation reactions, acid-base reactions, and redox reactions. In later chapters we will
sy the structural characteristics and properties of water—the so-called universal solvent—
Al s solutions.

@ Interactive
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Animation:

Strong Electrolytes, Weak
Electrolytes, and
Nonelectrolytes

ARIS, Animations

Figure 4.1 An arrangement for
distinguishing between electrolytes
and nonelectrolytes. A solution’s
ability to conduct electricity
depends on the number of ions it
contains. (a) A nonelectrolyte
solution does not contain ions,
and the lightbulb is not lit. (b) A
weak electrolyte solution contains
a small number of ions, and the
lightbulb is dimly lit. (c) A strong
electrolyte solution contains a
large number of ions, and the
lightbulb is brightly lit. The molar
amounts of the dissolved solutes
are equal in all three cases.

Reactions in Aqueous Solutions

4.1 General Properties of Aqueous Solutions

A solution is a homogeneous mixture of two or more substances. The solute is 1l
substance present in a smaller amount, and the solvent is the substance present in
larger amount. A solution may be gaseous (such as air), solid (such as an alloy), ¢
liquid (seawater, for example). In this section we will discuss only aqueous solutiony,
in which the solute initially is a liquid or a solid and the solvent is water.

Electrolytic Properties

All solutes that dissolve in water fit into one of two categories: electrolytes and noil
electrolytes. An electrolyte is a substance that, when dissolved in water, results in (|
solution that can conduct electricity. A nonelectrolyte does not conduct electricily
when dissolved in water. Figure 4.1 shows an easy and straightforward method of dix
tinguishing between electrolytes and nonelectrolytes. A pair of inert electrodes (cop
per or platinum) is immersed in a beaker of water. To light the bulb, electric curretif
must flow from one electrode to the other, thus completing the circuit. Pure water i
a very poor conductor of electricity. However, if we add a small amount of sodiunj
chloride (NaCl), the bulb will glow as soon as the salt dissolves in the water. Solid
NaCl, an ionic compound, breaks up into Na" and C1~ ions when it dissolves in watcr,
The Na* ions are attracted to the negative electrode, and the C1™ ions to the positiv¢
electrode. This movement sets up an electric current that is equivalent to the flow of
electrons along a metal wire. Because the NaCl solution conducts electricity, we suy
that NaCl is an electrolyte. Pure water contains very few ions, so it cannot conduc|
electricity.

Comparing the lightbulb’s brightness for the same molar amounts of dissolved
substances helps us distinguish between strong and weak electrolytes. A character
istic of strong electrolytes is that the solute is assumed to be 100 percent dissoci
ated into ions in solution. (By dissociation we mean the breaking up of the
compound into cations and anions.) Thus, we can represent sodium chloride dis:
solving in water as

NaCl(s) 225 Na*(ag) + Cl (ag)

This equation says that all sodium chloride that enters the solution ends up as Na'
and Cl1~ ions; there are no undissociated NaCl units in solution.
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4.1 General Properties of Aqueous Solutions

L:INER M Classification of Solutes in Aqueous Solution

Strong Electrolyte Weak Electrolyte Nonelectrolyte
Nl CH;COOH (NH,),CO (urea)
1INO; HF CH;0H (methanol)
HCIO,4 HNO, C,HsOH (ethanol)
11,504* NH; CeH 1,06 (glucose)
NaOH H,0f C,H»,0,, (sucrose)
Hi(OH),

lonic compounds

11,404 has two ionizable H* ions.
ity water is an extremely weak electrolyte.

Table 4.1 lists examples of strong electrolytes, weak electrolytes, and non-
¢lectrolytes. Ionic compounds, such as sodium chloride, potassium iodide (KI), and
{ileium nitrate [Ca(NOs),], are strong electrolytes. It is interesting to note that
linman body fluids contain many strong and weak electrolytes.

Water is a very effective solvent for ionic compounds. Although water is an
¢lectrically neutral molecule, it has a positive region (the H atoms) and a nega-
{ive region (the O atom), or positive and negative “poles™; for this reason it is a
polar solvent. When an ionic compound such as sodium chloride dissolves in
Wiler, the three-dimensional network of ions in the solid is destroyed. The Na*
il C1™ ions are separated from each other and undergo hydration, the process
i which an ion is surrounded by water molecules arranged in a specific manner.
flach Na* ion is surrounded by a number of water molecules orienting their neg-
itive poles toward the cation. Similarly, each Cl™ ion is surrounded by water mol-
guules with their positive poles oriented toward the anion (Figure 4.2). Hydration
lielps to stabilize ions in solution and prevents cations from combining with
Hitons.

Acids and bases are also electrolytes. Some acids, including hydrochloric acid
{11C'}) and nitric acid (HNO3), are strong electrolytes. These acids are assumed to ion-
{z¢ completely in water; for example, when hydrogen chloride gas dissolves in water,
i forms hydrated H* and C1~ ions:

HCl(g) =22 H* (ag) + C1 (aq)

fi other words, all the dissolved HCI molecules separate into hydrated H* and C1™
lons. Thus, when we write HCl(ag), it is understood that it is a solution of only H+(aq)
il €17 (aq) ions and that there are no hydrated HC1 molecules present. On the other
find, certain acids, such as acetic acid (CH;COOH), which gives vinegar its tart

.‘
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Animation:
Hydration
ARIS, Animations

ure 4.2 Hydration of

Na™ and CI™ ions.
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CH;COOH

There are different types of chemical
equilibrium. We will return to this very
important topic in Chapter 14.

~ Animation:
» Precipitation Reactions
w ARIS, Animations

122 Reactions in Aqueous Solutions

Figure 4.3 Formation of yeliow Pbl» precipitate as a solution of Pb(NO3). is added to a solution of KI.

flavor, do not ionize completely and are weak electrolytes. We represent the ionivi
tion of acetic acid as

CH,COOH(ag) == CH,COO (ag) + H" (ag)

where CH;COO™ is called the acetate ion. We use the term ionization to describe (I
separation of acids and bases into ions. By writing the formula of acetic acid uf
CH,COOH we indicate that the ionizable proton is in the COOH group.

The ionization of acetic acid is written with a double arrow to show that it is i
reversible reaction; that is, the reaction can occur in both directions. Initially, a num
ber of CH;COOH molecules break up into CH;COO ™ and H™ ions. As time goes ot
some of the CH;COO™ and H* ions recombine into CH;COOH molecules. Eventually,
a state is reached in which the acid molecules ionize as fast as the ions recombin¢
Such a chemical state, in which no net change can be observed (although activity I
continuous on the molecular level), is called chemical equilibrium. Acetic acid, then,
is a weak electrolyte because its ionization in water is incomplete. By contrast, in (i
hydrochloric acid solution the H* and Cl™ ions have no tendency to recombine an
form molecular HCL. We use a single arrow to represent complete ionizations.

4.2 Precipitation Reactions

One common type of reaction that occurs in aqueous solution is the precipitation
reaction, which results in the formation of an insoluble product, or precipitate. A pres
cipitate is an insoluble solid that separates from the solution. Precipitation reactions
usually involve ionic compounds. For example, when an aqueous solution of lead
nitrate [Pb(NQ5),] is added to an aqueous solution of potassium iodide (KI), a yels
low precipitate of lead iodide (Pbl) is formed:

Pb(NO,),(aq) + 2KI(ag) — Pbl,(s) + 2KNOs(aq)

Potassium nitrate remains in solution. Figure 4.3 shows this reaction in progress.
The preceding reaction is an example of a metathesis reaction (also called a double-

displacement reaction), a reaction that involves the exchange of parts between the two

compounds. (In this case, the cations in the two compounds exchange anions, SO Pb’'
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4.2 Precipitation Reactions

1IN %-B Solubility Rules for Common lonic Compounds in Water at 25°C

Soluble Compounds Exceptions

Compounds containing

ulkali metal ions (Li*, Na",
K*,Rb", Cs*) and the
sminonium ion (NH3)
Nitrates (NO;3'), bicarbonates
(HCO3), and chlorates
(ClO3)

lalides (C17,Br—,17) Halides of Ag*, Hg2*, and Pb**

Sulfates (SO37) Sulfates of Ag*, Ca®*, Sr**, Ba®>", Hg3?, and Pb>*
Insoluble Compounds Exceptions
Carbonates (CO%7), phosphates Compounds containing alkali metal ions
(PO37), chromates (CrO27), and the ammonium ion
sulfides (8%7)
llydroxides (OH ™) Compounds containing alkali metal ions
and the Ba>" ion \

ends up with I~ as Pbl, and K™ ends up with NO; as KNO;.) As we will see, the pre-
vipitation reactions discussed in this chapter are examples of metathesis reactions.

Solubility

lHow can we predict whether a precipitate will form when a compound is added to a
sulution or when two solutions are mixed? It depends on the solubility of the solute,
which is defined as the maximum amount of solute that will dissolve in a given quan-
Ity of solvent at a specific temperature. Chemists refer to substances as soluble,
ulightly soluble, or insoluble in a qualitative sense. A substance is said to be soluble
I a fair amount of it visibly dissolves when added to water. If not, the substance is
tlescribed as slightly soluble or insoluble. All ionic compounds are strong electrolytes,
but they are not equally soluble.

Table 4.2 classifies a number of common ionic compounds jas soluble or insolu-
ble. Keep in mind, however, that even insoluble compounds dissolve to a certain
vxtent. Figure 4.4 shows several precipitates.

Example 4.1 applies the solubility rules in Table 4.2.

Example 4.1

Classify the following ionic compounds as soluble or insoluble: (a) silver sulfate
(Ag,S0,), (b) calcium carbonate (CaCOs), (c) sodium phosphate (NazPO,).

Strategy Although it is not necessary to memorize the solubilities of compounds, you
should keep in mind the following useful rules: all ionic compounds containing alkali
metal cations; the ammonium ion; and the nitrate, bicarbonate, and chlorate ions are
soluble. For other compounds, we need to refer to Table 4.2.

(Continued)
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| Figure 4.4 Appearance of
several precipitates. From left to
’ right: CdS, PbS, Ni(OH)2, and

‘ l | 124 Reactions in Aqueous Solutions
|\ AIOH)3.

A

Wil

Solution (a) According to Table 4.2, Ag,80, is insoluble.
(b) This is a carbonate and Ca is a Group 2A metal. Therefore, CaCO; is insoluble.

Similar problems: 4.19, 4.20. (c) Sodium is an alkali metal (Group 1A) so Na;PO, is soluble.

Practice Exercise Classify the following ionic compounds as soluble or insoluble:
(a) CuS, (b) Ca(OH),, (¢) Zn(NOs),.

Molecular Equations, Ionic Equations, and Net Ionic Equations

The equation describing the precipitation of lead iodide on page 122 is called a molec-
ular equation because the formulas of the compounds are written as though all specicy
existed as molecules or whole units. A molecular equation is useful because it identi
fies the reagents (that is, lead nitrate and potassium iodide). If we wanted to bring about
this reaction in the laboratory, we would use the molecular equation. However, a molec
ular equation does not describe in detail what actually is happening in solution.

i As pointed out earlier, when ionic compounds dissolve in water, they break apart

into their component cations and anions. To be more realistic, the equations should
show the dissociation of dissolved ionic compounds into ions. Therefore, returning 0
the reaction between potassium iodide and lead nitrate, we would write

Pb’*(aq) + 2NO; (ag) + 2K " (ag) + 21 (ag) —>
Pbl,(s) + 2K* (ag) + 2NOj (aq)

The preceding equation is an example of an ionic equation, which shows dis-
solved species as free ions. To see whether a precipitate might form from this solu-
tion, we first combine the cation and anion from different compounds; that is, Pbl,
and KNO;. Referring to Table 4.2, we see that Pbl, is an insoluble compound and
KNO; is soluble. Therefore, the dissolved KNO; remains in solution as separate K'
and NOj3 ions, which are called spectator ions, or ions that are not involved in the
overall reaction. Because spectator ions appear on both sides of an equation, they can
be eliminated from the ionic equation

Pb2*(ag) + 2NOT(ag) + 2K*ag) + 21 (aq) —>
Pbl,(s) + 2K ag) + 2NO5tay)
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4.2 Precipitation Reactions 125

nlly, we end up with the net ionic equation, which shows only the species that
ually take part in the reaction:

Pb’"(aq) + 21” (ag) — Pbl,(s)

looking at another example, we find that when an aqueous solution of barium

s hloride (BaCly) is added to an aqueous solution of sodium sulfate (Na,SO,), a white

jecipitate is formed (Figure 4.5). Treating this as a metathesis reaction, the products

Wle BaSO,4 and NaCl. From Table 4.2 we see that only BaSQ, is insoluble. Therefore,
Wu write the molecular equation as

BaCly(aq) + Na,SO4(ag) —> BaSO,(s) + 2NaCl(aq)
The ionic equation for the reaction is

W' "(ag) + 2C1 (ag) + 2Na*(ag) + SOZ (ag) —>
BaSO,(s) + 2Na*(aq) + 2Cl (aq)

{unceling the spectator ions (Na* and C17) on both sides of the equation gives us
{he net ionic equation

Ba’"(aq) + SO (ag) —> BaSO,(s)
The following four steps summarize the procedure for writing ionic and net ionic
gijuitions:

|, Write a balanced molecular equation for the reaction, using the correct formulas
for the reactant and product ionic compounds. Refer to Table 4.2 to decide which
of the products is insoluble and therefore will appear as a precipitate.

. Write the ionic equation for the reaction. The compound that does not appear as
the precipitate should be shown as free ions.

). ldentify and cancel the spectator ions on both sides of the equation. Write the net
ionic equation for the reaction.

I Check that the charges and number of atoms balance in the net ionic equation.

These steps are applied in Example 4.2.

li’xample 4.2

I'redict what happens when a potassium phosphate (K5PO,) solution is mixed with a
culcium nitrate [Ca(NOs),] solution. Write a net ionic equation for the reaction.

Strategy From the given information, it is useful to first write the unbalanced equation
K3PO4(agq) + Ca(NOs);(ag) —> ?

What happens when ionic compounds dissolve in water? What ions are formed from the
dissociation of K3PO, and Ca(NO;),? What happens when the cations encounter the
inions in solution?

Solution In solution, K3PO, dissociates into K* and PO} ions and Ca(NO,), dissociates
into Ca?* and NO3 ions. According to Table 4.2, calcium ions (Ca?*) and phosphate ions
(I’O;:_) will form an insoluble compound, calcium phosphate [Cas(PO,4),], while the other
product, KNOs, is soluble and remains in solution. Therefore, this is a precipitation reaction.
We follow the stepwise procedure just outlined.

(Continued)
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Interactivity:
Construct a Net lonic Equation
ARIS, Interactives

Figure 4.5 Formation of BaSO.
precipitate.

Precipitate formed by the reaction
between K;PO4(aq) and Ca(NOa).(aq).




imestone (CaCO5) and dolomite (CaCO; - MgCOs3), which

are widespread on Earth’s surface, often enter the water sup-
ply. According to Table 4.2, calcium carbonate is insoluble in
water. However, in the presence of dissolved carbon dioxide
(from the atmosphere), calcium carbonate is converted to solu-
ble calcium bicarbonate [Ca(HCO3),]:

CaCOs(s) + CO,(aq) + H,0() —>
Ca**(ag) + 2HCO3 (aq)

where HCOj' is the bicarbonate ion.

Water containing Ca*and/or Mg”* ions is called hard wa-
ter, and water that is mostly free of these ions is called soft water:
Hard water is unsuitable for some household and industrial uses.

When water containing Ca>* and HCOj ions is heated or
boiled, the solution reaction is reversed to produce the CaCO;
precipitate

Ca**(aq) + 2HCO5 (aq) —>
CaCOs(s) + CO,(aq) + H,0()

and gaseous carbon dioxide is driven off:
COs(aq) —> COx(g)

Solid calcium carbonate formed in this way is the main component
of the scale that accumulates in boilers, water heaters, pipes, and
teakettles. A thick layer of scale reduces heat transfer and

Step 1: The balanced molecular equation for this reaction is
2K;3PO4(aq) + 3Ca(NOs)(ag) —> Ca3(POy)y(s) + 6KNOs(aq)
Step 2: To write the ionic equation, the soluble compounds are shown as dissociated ions:
6K*(ag) + 2P0} (ag) + 3Ca’"(ag) + 6NO3 (ag) —>
Step 3: Canceling the spectator ions (K™ and NO3) on each side of the equation, we
obtain the net ionic equation:
3Ca’*(aq) + 2PO; ™ (ag) —> Ca3(PO4)y(s)
Step 4: Note that because we balanced the molecular equation first, the net ionic

equation is balanced as to the number of atoms on each side and the number of
positive (+6) and negative (—6) charges on the left-hand side is the same.

Similar problems: 4.21, 4.22.

Practice Exercise Predict the precipitate produced by mixing an AI(NO;); solution
with a NaOH solution. Write the net ionic equation for the reaction.

(?HEM.ISTRY
in Action

An Undesirable Precipitation Reaction

RNV
) ",4;.\
Q)

Boiler scale almost fills this hot-water pipe. The deposits consist mostly (&
CaCO; with some MgCOa.

decreases the efficiency and durability of boilers, pipes, and appl|
ances. In household hot-water pipes it can restrict or totally blo¢
the flow of water. A simple method used by plumbers to remov
scale deposits is to introduce a small amount of hydrochloric acid;
which reacts with (and therefore dissolves) CaCOs:

CaCOs(s) + 2HCl(aq) —
CaCly(aq) + H,0(l) + CO,(g)

In this way, CaCO; is converted to soluble CaCl,.

6K*(ag) + 6NO; (ag) + Cas(PO,),(s)
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‘The Chemistry in Action on p. 126 discusses some practical problems associated
{h precipitation reactions.

3 Acid-Base Reactions

vldy and bases are as familiar as aspirin and milk of magnesia although many peo-

Iy (o not know their chemical names—acetylsalicylic acid (aspirin) and magnesium

yiroxide (milk of magnesia). In addition to being the basis of many medicinal and
lschold products, acid-base chemistry is important in industrial processes and

sential in sustaining biological systems. Before we can discuss acid-base reactions,
e need to know more about acids and bases themselves.

{icneral Properties of Acids and Bases

|l Scction 2.7 we defined acids as substances that ionize in water to produce H*
Juns and bases as substances that ionize in water to produce OH™ ions. These def-
liiltions were formulated in the late nineteenth century by the Swedish chemist
Svinte Arrhenius' to classify substances whose properties in aqueous solutions were
wull known.

\

Acids

* Acids have a sour taste; for example, vinegar owes its sourness to acetic acid,
and lemons and other citrus fruits contain citric acid.

* Acids cause color changes in plant dyes; for example, they change the color of
litmus from blue to red.

¢ Acids react with certain metals, such as zinc, magnesium, and iron, to produce
hydrogen gas. A typical reaction is that between hydrochloric acid and magnesium:

2HCl(agq) + Mg(s) —> MgCl,(agq) + Hy(g)

« Acids react with carbonates and bicarbonates, such as Na,CO,;, CaCOj;, and
NaHCOs, to produce carbon dioxide gas (Figure 4.6). For example,

2HCl(aq) + CaCO;(s) — CaCl,y(aq) + H,O(l) + CO»(g)
HCl(ag) + NaHCO;(s) —> NaCl(aq) + H,O() + CO,(g)

* Aqueous acid solutions conduct electricity.

Buses
* Bases have a bitter taste.
+ Bases feel slippery; for example, soaps, which contain bases, exhibit this property.

* Bases cause color changes in plant dyes; for example, they change the color of
litmus from red to blue. '

* Aqueous base solutions conduct electricity.

'Svante August Arrhenius (1859-1927). Swedish chemist. Arrhenius made important contributions in the
sudy of chemical kinetics and electrolyte solutions. He also speculated that life had come to Earth from
iilicr planets, a theory now known as panspermia. Arrhenius was awarded the Nobel Prize in Chemistry
i 1903.

Figure 4.6 A piece of blackboard
chalk, which is mostly CaCQOj,
reacts with hydrochloric acid.




128 Reactions in Aqueous Solutions

Figure 4.7 lonization of HC! in
water to form the hydronium ion
and the chloride ion.
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Acid and Base Reactions
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Electrostatic potential map of the H,0*
ion. In the rainbow cotor spectrum rep-
resentation, the most electron-rich region
is red and the most electron-poor region
is blue.
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Brgnsted Acids and Bases

Arrhenius’s definitions of acids and bases are limited in that they apply only to aque:
ous solutions. Broader definitions were proposed by the Danish chemist Johanney
Brgnsted” in 1932; a Brgnsted acid is a proton donor, and a Brgnsted base is a pro:
ton acceptor. Note that Brgnsted’s definitions do not require acids and bases to be i)
aqueous solution.

Hydrochloric acid is a Brgnsted acid because it donates a proton in water:

HCl(ag) — H"(ag) + Cl (ag)

Note that the H" ion is a hydrogen atom that has lost its electron; that is, it is jusl
a bare proton. The size of a proton is about 10™'°> m, compared to a diameter of
107" m for an average atom or ion. Such an exceedingly small charged particle can
not exist as a separate entity in aqueous solution owing to its strong attraction for
the negative pole (the O atom) in H,O. Consequently, the proton exists in the
hydrated form as shown in Figure 4.7. Therefore, the ionization of hydrochloric acid
should be written as

HCl(aq) + H,0() — H3;0%(ag) + Cl (aq)

The hydrated proton, H;0", is called the hydronium ion. This equation shows a reac
tion in which a Brgnsted acid (HCI) donates a proton to a Brgnsted base (H,0).

Experiments show that the hydronium ion is further hydrated so that the proton may
have several water molecules associated with it. Because the acidic properties of the pro-
ton are unaffected by the degree of hydration, in this text we will generally use H™ (ag)
to represent the hydrated proton. This notation is for convenience, but H;O" is closer to
reality. Keep in mind that both notations represent the same species in aqueous solution.

Acids commonly used in the laboratory include hydrochloric acid (HCI), nitric
acid (HNO;), acetic acid (CH;COOH), sulfuric acid (H,SO,), and phosphoric acid
(H3PO,). The first three are monoprotic acids; that is, each unit of the acid yieldy
one hydrogen ion upon ionization:

HCl(ag) — H(aq) + Cl (aq)
HNO;(ag) — H™(ag) + NO; (ag)
CH3COOH(aq) == CH,COO0 (aq) + H* (aq)

As mentioned earlier, because the ionization of acetic acid is incomplete (note the
double arrows), it is a weak electrolyte. For this reason it is called a weak acid (see
Table 4.1). On the other hand, HCl and HNOj are strong acids because they are strong
electrolytes, so they are completely ionized in solution (note the use of single arrows).

Sulfuric acid (H,SO,) is a diprotic acid because each unit of the acid gives up
two H™ ions, in two separate steps:

Johannes Nicolaus Brgnsted (1879-1947). Danish chemist. In addition to his theory of acids and bases,
Brgnsted worked on thermodynamics and the separation of mercury into its isotopes.
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4.3 Acid-Base Reactions

H,S0,4(aq) —> H*(ag) + HSO; (aq)
HSO; (ag) == H" (aq) + SO} (aq)

180, is a strong electrolyte or strong acid (the first step of ionization is complete),
il [SO, is a weak acid or weak electrolyte, and we need a double arrow to repre-
il its incomplete ionization.

Triprotic acids, which yield three H" ions, are relatively few in number. The best
liown triprotic acid is phosphoric acid, whose ionizations are

H3PO4(ag) == H*(ag) + H,PO; (aq)
H,PO; (aq) = H(aq) + HPO} (aq)
HPO3 (aq) == H"(aqg) + PO} (aq)

All three species (H5PO,, H,PO,, and HPO2™) in this case are weak acids, and we
ihe the double arrows to represent each ionization step. Anions such as HPO; and
{107 are found in aqueous solutions of phosphates such as NaH,PO, and Na,HPO,.
Jible 4.3 lists several common strong and weak acids.

Table 4.1 shows that sodium hydroxide (NaOH) and barium hydroxide [Ba(OH),]
Wie strong electrolytes. This means that they are completely ionized in solution:

NaOH(s) > Na*(aq) + OH (aq)
Ba(OH),(s) 2> Ba*(aq) + 20H (ag)

Ilie OH™ ion can accept a proton as follows:
H"(aq) + OH (ag) — H0())

Ihus, OH™ is a Brgnsted base.
Ammonia (NH3) is classified as a Brgnsted base because it can accept a H* ion
{I'gure 4.8):

NHs(ag) + H,O() == NHI(aq) + OH (ag)

Ainmonia is a weak electrolyte (and therefore a weak base) because only a small frac-
llon of dissolved NH; molecules react with water to form NH and OH™ ions.

The most commonly used strong base in the laboratory is sodium hydroxide. It is
theap and soluble. (In fact, all of the alkali metal hydroxides are soluble.) The most
tommonly used weak base is aqueous ammonia solution, which is sometimes erro-
Hitously called ammonium hydroxide; there is no evidence that the species NH,OH actu-
lly. exists. All of the Group 2A elements form hydroxides of the type M(OH),, where
M (lenotes an alkaline earth metal. Of these hydroxides, only Ba(OH), is soluble. Mag-
fivsium and calcium hydroxides are used in medicine and industry. Hydroxides of other
Metals, such as AI(OH); and Zn(OH), are insoluble and are not used as bases.

Example 4.3 classifies substances as Brgnsted acids or Brgnsted bases.

©

¢

NH; + H,O

i Igure 4.8 /onization of ammonia in water to form the ammonium ion and the hydroxide ion.

TABLE 4.3

129

Some Common Strong
and Weak Acids

Strong Acids
Hydrochloric HCl1
acid

Hydrobromic HBr
acid

Hydroiodic HI
acid

Nitric acid HNO;
Sulfuric acid H,SO,
Perchloric acid HCIO,
Weak Acids
Hydrofluoric HF
acid

Nitrous acid HNO,
Phosphoric acid H;PO,
Acetic acid CH,COOH

Note that this bottle of aqueous ammonia

is erroneously labeled.

>, ©°

= NH} + OH™
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Similar problems: 4.31, 4.32.

..‘

Animation:
Neutralization Reactions
ARIS, Animations

Acid-base reactions generally go to
completion.

Example 4.3

Classify each of the following species in aqueous solution as a Brgnsted acid or base:
(a) HBr, (b) NO;, (c) HCO;3 .

Strategy What are the characteristics of a Brgnsted acid? Does it contain at least an
H atom? With the exception of ammonia, most Brgnsted bases that you will encounter
at this stage are anions.

Solution (a) We know that HCI is an acid. Because Br and Cl are both halogens
(Group 7A), we expect HBr, like HCI, to ionize in water as follows:

HBr(aq) — H*(ag) + Br (aq)

Therefore HBr is a Brgnsted acid.
(b) In solution the nitrite ion can accept a proton from water to form nitrous acid:

NO; (ag) + H" (ag) —> HNO,(ag) '

This property makes NO, a Brgnsted base.
(c) The bicarbonate ion is a Brgnsted acid because it ionizes in solution as follows: !

HCO; (ag) == H'" (aq) + CO% (ag)
It is also a Brgnsted base because it can accept a proton to form carbonic acid:
HCO; (ag) + H' (ag) == H,CO0s(aq)

Comment The HCO3 species is said to be amphoteric because it possesses both
acidic and basic properties. The double arrows show that this is a reversible reaction.

Practice Exercise Classify each of the following species as a Brgnsted acid or base:
(a) SO;, (b) HL

Acid-Base Neutralization

A neutralization reaction is a reaction between an acid and a base. Generally, aquc-
ous acid-base reactions produce water and a salt, which is an ionic compound made
up of a cation other than H* and an anion other than OH™ or 0% :

acid + base —— salt + water
The substance we know as table salt, NaCl, is a product of the acid-base reaction
HCl(aq) + NaOH(aq) — NaCl(aq) + H,0(!)

However, because both the acid and the base are strong electrolytes, they are com-
pletely ionized in solution. The ionic equation is

H"(ag) + Cl (aq) + Na*(ag) + OH (ag) — Na™(aq) + Cl (ag) + H,0O())
Therefore, the reaction can be represented by the net ionic equation

H"(ag) + OH™ (ag) — H,0())

Both Na* and Cl™ are spectator ions.

If we had started the preceding reaction with equal molar amounts of the acid
and the base, at the end of the reaction we would have only a salt and no leftover
acid or base. This is a characteristic of acid-base neutralization reactions.

1
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A reaction between a weak acid such as hydrocyanic acid (HCN) and a strong

e is
(o HCN(ag) + NaOH(ag) —> NaCN(ag) + H,0(l)
Teast an puanuse HCN is a weak acid, it does not ionize appreciably in solution. Thus, the
T lnic equation is written as
HCN(ag) + Na*(aq) + OH ™ (aq) —> Na*(ag) + CN™(aq) + H,O()
gens

Al the net ionic equation is
HCN(aq) + OH (agq) —> CN (ag) + HO()

Note that only Na™* is a spectator ion; OH™ and CN™ are not.
acid: ‘The following are also examples of acid-base neutralization reactions, represented
hy molecular equations:

HF(aq) + KOH(aq) — KF(agq) + H,O(])
H,S04(aq) + 2NaOH(aq) — Na,S04(aq) + 2H,0(!)
HNOs;(aq) + NHs(ag) —> NH4NO;(aq)

sllows:

I'he last equation looks different because it does not show water as a product. How-
: acid: wver, if we express NHs(ag) as NH7 (ag) and OH (ag), as discussed earlier, then the
#ijuntion becomes

HNOs(aq) + NHZ (ag) + OH (ag) —> NH,NOs(ag) + H,0()

both

Facton, Acid-Base Reactions Leading to Gas Formation

St use: { ‘¢itnin salts like carbonates (containing the CO3™ ion), bicarbonates (containing the
1O, ion), sulfites (containing the SO3 ion), and sulfides (containing the $2” ion)
joict with acids to form gaseous products. For example, the molecular equation for the
jeuction between sodium carbonate (Na,CQO3) and HCl(aq) is

lerally, aque- N32CO3(aq) + 2HCl(aq) e 2NaC1(aq) + H2CO3(aq)

pound made { ‘nrbonic acid is unstable and if present in solution in sufficient concentrations decom-
jlses as follows:

H,CO3(ag) —> H,0(!) + COx(g)
e reaction

Himilar reactions involving other mentioned salts are

NaHCO;(aq) + HCl(aq) — NaCl(aq) + H,0(l) + CO,(g)
\ey are com- Na,SO;(agq) + 2HCl(aq) — 2NaCl(aq) + H,O(l) + SO,(g)
K>S(aq) + 2HCl(ag) —> 2KCl(aq) + H,S(g)

+ H,0()
4.4 Oxidation-Reduction Reactions X
Whercas acid-base reactions can be characterized as proton-transfer processes, the
vlngs of reactions called oxidation-reduction, or redox, reactions are considered
glectron-transfer reactions. Oxidation-reduction reactions are very much a part of the
s of the acid world around us. They range from the burning of fossil fuels to the action of house-
1 no leftover hold bleach. Additionally, most metallic and nonmetallic elements are obtained from

Al

S. {licir ores by the process of oxidation or reduction.




A useful mnemonic for redox is OILRIG:

Oxidation Is Loss (of electrons) and Reduc-

tion Is Gain {of electrons).

Oxidizing agents are always reduced and
reducing agents are always oxidized. This
statement may be somewhat confusing,
but it is simply a consequence of the

r definitions of the two processes.

Reactions in Aqueous Solutions

Figure 4.9 Magnesium burns in oxygen to form magnesium oxide.

Many important redox reactions take place in water, but not all redox reactions
occur in aqueous solution. We begin our discussion with a reaction in which two ele-
ments combine to form a compound. Consider the formation of magnesium oxide¢
(MgO) from magnesium and oxygen (Figure 4.9):

2Mg(s) + Ox(g) —> 2MgO(s)

Magnesium oxide (MgO) is an ionic compound made up of Mg?* and O~ ions. I
this reaction, two Mg atoms give up or transfer four electrons to two O atoms (in Oy).
For convenience, we can think of this process as two separate steps, one involving
the loss of four electrons by the two Mg atoms and the other being the gain of four
electrons by an O, molecule:

2Mg —> 2Mg?* + 4e”
0, + 4¢~ —> 207

Each of these steps is called a half-reaction, which explicitly shows the electrony
involved in a redox reaction. The sum of the half-reactions gives the overall reaction;

2Mg + Oy + de” —> 2Mg?* + 207 + de”
or, if we cancel the electrons that appear on bc;th sides of the equation,
2Mg + 0, —> 2Mg?* + 20%~
Finally, the Mg®* and O~ ions combine to form MgO:

2Mg** + 20" —> 2MgO

The term oxidation reaction refers to the half-reaction that involves loss of elec-
trons. Chemists originally used “oxidation” to denote the combination of elements with
oxygen. However, it now has a broader meaning that includes reactions not involving
oxygen. A reduction reaction is a half-reaction that involves gain of electrons. In the
formation of magnesium oxide, magnesium is oxidized. It is said to act as a reducing
agent because it donates electrons to oxygen and causes oxygen to be reduced. Oxygen
is reduced and acts as an oxidizing agent because it accepts electrons from magnesium,
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When a piece of copper wire is
placed in an aqueous AgNO5; solution
Cu atoms enter the solution as Cu?* ions,
and Ag* ions are converted to solid Ag.

converted to Cu atoms.
Zn atoms enter the
solution as Zn?* ions.

(a)

(b)
: !lum‘t' 4.10 Metal displacement reactions in solution. (a) First beaker: A zinc strip is placed in a biue CuSO, solution. Immediately Cu?*
1% (o reduced to metallic Cu in the form of a dark layer. Second beaker: In time, most of the Cu®* ions are reduced and the solution
I,: YOmos colorless. (b) First beaker: A piece of Cu wire is placed in a colorless AGNQj3 solution. Ag™ ions are reduced to metaliic Ag.
o beaker: As time progresses, most of the Ag™ ions are reduced and the solution acquires the characteristic blue color due to the
uionce of hydrated Cu? ions.

Lilising magnesium to be oxidized. Note that the extent of oxidation in a redox reaction
sl be equal to the extent of reduction; that is, the number of electrons lost by a reduc-
Jlp ngent must be equal to the number of electrons gained by an oxidizing agent.

The occurrence of electron transfer is more apparent in some redox reactions than
Wihers. When metallic zinc is added to a solution containing copper(Il) sulfate

1L'150,), zinc reduces Cu®>* by donating two electrons to it:

%

Animation:
Oxidation-Reduction Reactions
ARIS, Animations

Zn(s) + CuSO4(aq) —> ZnSO4(aq) + Cu(s)

1) Ihe process the solution loses the blue color that characterizes the presence of
ydrated Cu®™ ions (Figure 4.10):

Zn(s) + Cu’*(ag) — Zn*"(ag) + Cu(s)
| e oxidation and reduction half-reactions are

Zn —> Zn*t + 2e”
Cu’" +2¢” —> Cu
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| Similarly, metallic copper reduces silver ions in a solution of silver nitrate (AgN()y

(i l\ Cu(s) + 2AgNO5(ag) —> Cu(NOs)(aq) + 2Ag(s)
1501

or

Cu(s) + 2Ag" (ag) —> Cu**(ag) + 2Ag(s)

Oxidation Number

The definitions of oxidation and reduction in terms of loss and gain of electrons apl

to the formation of ionic compounds such as MgO and the reduction of Cu®™" il

by Zn. However, these definitions do not accurately characterize the formation {
X hydrogen chloride (HC!) and sulfur dioxide (SO,):

H,(g) + Cl(g) — 2HCl(g)
S(s) + Oy(g) —> SOx(g)

Because HCI and SO, are not ionic but molecular compounds, no electrons are aclil
ally transferred in the formation of these compounds, as they are in the case of Mg()
Nevertheless, chemists find it convenient to treat these reactions as redox reactioll
because experimental measurements show that there is a partial transfer of electroif
(from H to Cl in HCI and from S to O in SO,).

To keep track of electrons in redox reactions, it is useful to assign oxidation nunj
bers to the reactants and products. An atom’s oxidation number, also called oxidas
tion state, signifies the number of charges the atom would have in a molecule (or ai
ionic compound) if electrons were transferred completely. For example, we can rewril
the above equations for the formation of HCI and SO, as follows:

0 0 +1-1
Ha,(g) + Cly(g) — 2HCl(g)
0 0 +4-2

S(s) + O2(8) —> SO:(g)

The numbers above the element symbols are the oxidation numbers. In both of the
reactions shown, there is no charge on the atoms in the reactant molecules. Thus, theil
oxidation number is zero. For the product molecules, however, it is assumed that con
plete electron transfer has taken place and that atoms have gained or lost electrony,
The oxidation numbers reflect the number of electrons “transferred.”

Oxidation numbers enable us to identify elements that are oxidized and reducced
at a glance. The elements that show an increase in oxidation number—hydrogen and
sulfur in the preceding examples—are oxidized. Chlorine and oxygen are reduced,
so their oxidation numbers show a decrease from their initial values. Note that the
sum of the oxidation numbers of H and Cl in HCI (+1 and —1) is zero. Likewisc,
if we add the charges on S (+4) and two atoms of O [2 X (—2)], the total is zero,
The reason is that the HCI and SO, molecules are neutral, so the charges must cancel.

We use the following rules to assign oxidation numbers:

1. In free elements (that is, in the uncombined state), each atom has an oxidation

number of zero. Thus, each atom in H,, Br,, Na, Be, K, O,, and P, has the samc
oxidation number: zero.

2. For ions composed of only one atom (that is, monatomic ions), the oxidation
number is equal to the charge on the ion. Thus, Li" ion has an oxidation num-
ber of +1; Ba2* ion, +2; Fe®* ion, +3; 1™ ion, —1; 0%~ ion, —2; and so on. All
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ulkali metals have an oxidation number of +1 and all alkaline earth metals have
i oxidation number of +2 in their compounds. Aluminum has an oxidation num-
her of +3 in all its compounds.

‘I'ic oxidation number of oxygen in most compounds (for example, MgO and
I1,0) is —2, but in hydrogen peroxide (H,0,) and peroxide ion (037), it'is —1.
I'he oxidation number of hydrogen is +1, except when it is bonded to metals in
hinary compounds. In these cases (for example, LiH, NaH, CaHy,), its oxidation
thimber is —1.

}'luorine has an oxidation number of —1 in all its compounds. Other halogens
(C1, Br, and I) have negative oxidation numbers when they occur as halide ions
i their compounds. When combined with oxygen—for example in oxoacids and
uxoanions (see Section 2.7)—they have positive oxidation numbers.

I a neutral molecule, the sum of the oxidation numbers of all the atoms must be
s¢ro. In a polyatomic ion, the sum of oxidation numbers of all the elements in the ion
must be equal to the net charge of the ion. For example, in the ammonium ion, NH4+,
ihe oxidation number of N is —3 and that of H is + 1. Thus the sum of the oxidation
numbers is —3 + 4(+1) = +1, which is equal to the net charge of the ion.

Oxidation numbers do not have to be integers. For example, the oxidation num-
her of O in the superoxide ion, O, is —%.

We apply the preceding rules to assign oxidation numbers in Example 4.4.

lixample 4.4

Ansign oxidation numbers to all the elements in the following compounds and ion:
(1) 1.i,0, (b) HNO3, (c) Cr,05™.

Strategy In general, we follow the rules just listed for assigning oxidation numbers.
Jlumember that all alkali metals have an oxidation number of +1, and in most cases
hydrogen has an oxidation number of +1 and oxygen has an oxidation number of

2 in their compounds.

Solution (a) By rule 2 we see that lithium has an oxidation number of +1 (Li*) and
oxygen’s oxidation number is —2 (0%7).

{(h) This is the formula for nitric acid, which yields a H" ion and a NO3 ion in solution.
From rule 4 we see that H has an oxidation number of +1. Thus the other group
(the nitrate ion) must have a net oxidation number of —1. Oxygen has an oxidation
number of —2, and if we use x to represent the oxidation number of nitrogen, then
the nitrate ion can be written as

N0 )"

s0 that g8 ar A=) = =1l

or x = +5

(¢) From rule 6 we see that the sum of the oxidation numbers in the dichromate ion
Cr,0% must be —2. We know that the oxidation number of O is —2, so all that
remains is to determine the oxidation number of Cr, which we call y. The dichromate
ion can be written as

[CY0F 7P

(Continued)
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Similar problems: 4.47, 4.49.

so that 2(y) + 7(=2) = =2
or y = +6

Check In each case, does the sum of the oxidation numbers of all the atoms equal the
net charge on the species?

Practice Exercise Assign oxidation numbers to all the elements in the following
compound and ion: (a) PF;, (b) MnOy.

Figure 4.11 shows the known oxidation numbers of the familiar elementf

arranged according to their positions in the periodic table. We can summarize the col|
tent of this figure as follows:

« Metallic elements have only positive oxidation numbers, whereas nonmetallic cl¢
ments may have either positive or negative oxidation numbers.

1 18
1A 8A
1 2
H He

+1
-1
2 13 14 15 16 17
2A 3A 4A SA 6A TA
3 4 5 6 7 8 9 10
Li Be B C N (o) F Ne
+1 +2 +3 +¢2t Ii +2 -1
+ -
-4 +% "Ll'
b -
+1 -2
-3
11 12 13 14 15 16 17 18
Na M; Al Si P ) Cl Ar
+1 + +3 +4 +5 +6 +7
-4 +3 +4 +
-3 +% b
3 4 5 6 7 8 9 10 11 12 - i
3B 4B 5B 6B 7B 88— 1B 2B =
19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
K Ca Sc Ti Vv Cr | Mn | Fe Co Ni Cu Zn Ga Ge As Se Br Kr
+1 +2 +3 +4 +5 +6 +7 +3 +3 +2 +2 +2 +3 +4 +5 +6 +5 +4
+3 +4 +5 +6 +2 +2 +1 —4 +3 +4 +3 +2
+2 +3 +4 +4 -3 -2 +1
+2 +3 +3 -1
+2 +2
37 38 39 40 41 4 43 44 45 46 47 48 49 50 51 52 53 54
Rb Sr Y Zr Nb | Mo | Te Ru | Rh Pd AF Cd In Sn Sb Te I Xe
+1 +2 +3 +4 +5 +6 +7 +8 +4 +4 + +2 +3 +4 +5 +6 +7 +6
+4 +4 +6 +6 +3 +2 +2 +3 +4 +5 +4
+3 +4 +4 +2 -3 -2 +1 +2
+3 -1
55 56 57 72 73 74 75 76 77 78 79 80 . 81 82 83 84 85 86
Cs Ba La Hf Ta W Re Os Ir Pt Au Hf Tl Pb Bi Po At Rn
+1 +2 +3 +4 +5 +6 +7 +8 +4 +4 +3 +: +3 +4 +5 +2 -1
+4 Ig +4 +3 +2 +1 +1 +1 +2 +3

Figure 4.11 The oxidation numbers of elements in their compounds. The more common oxidation numbers are in color.




‘The highest oxidation number an element in Groups 1A—7A can have is its group

number. For example, the halogens are in Group 7A, so their highest possible
oxidation number is +7.

‘The transition metals (Groups 1B, 3B-8B) usually have several possible oxida-

Huaithe fion numbers.

ving pes of Redox Reactions /
jong the most common oxidation-reduction reactions are combination, decomposi-
i, combustion, and displacement reactions. A more involved type is called dispro-
)ilionation reactions, which will also be discussed in this section.

! elements, vinbination Reactions

ize the con-

combination reaction is a reaction in which two or more substances combine to

. Wi a single product. Figure 4.12 shows some combination reactions. For example,
netallic ele-

0 0 +4-2
S(s) + O2(8) —> SOx(g)
0 0 +3-1

;i 2Al(s) + 3Br,()) —> 2AIBr;(s)
;e Decomposition Reactions
})ecomposition reactions are the opposite of combination reactions. Specifically, a
ducomposition reaction is the breakdown of a compound into two or more compo-
Jents (Figure 4.13). For example,
1{& +2 -2 0 0
2HgO(s) — 2Hg() + 02(g)
+5-2 -1 0
2KClO5(s) — 2KCl(s) + 30,(g)
% +1-1 0 0
Ar 2NaH(s) —> 2Na(s) + Ha(g)
36
Kr
+4
+2
54
Xe
+6
+4
+2
86
Rn
(a) (b)
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Not all combination reactions are redox in
nature. The same holds for decomposition
reactions.

We show oxidation numbers only for
elements that are oxidized or reduced.

©)

Vigure 4.12 Some simple combination redox reactions. (a) Sulfur burning in air to form sulfur dioxide. (b) Sodium burning in chiorine to
form sodium chioride. (c) Aluminum reacting with bromine to form aluminum bromide.
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Figure 4.13 (a) On heating,
mercury(ll) oxide (HQO) decomposes
to form mercury and oxygen. (b)
Heating potassium chlorate
(KCIO3) produces oxygen, which
supports the combustion of the
wood splint.

(a) (b)

Combustion Reactions

All combustion reactions are redox A combustion reaction is a reaction in which a substance reacts with oxygen, usi
processes.

ally with the release of heat and light to produce a flame. The reactions between mag:
nesium and sulfur with oxygen described earlier are combustion reactions. Another
example is the burning of propane (C3Hg), a component of natural gas that is used
for domestic heating and cooking:

CsHg(g) + 50,(g) —> 3CO,(g) + 4H0())

Assigning an oxidation number to C atoms in organic compounds is more involved. Here,
we focus only on the oxidation number of O atoms, which changes from 0 to —2.

Displacement Reactions

In a displacement reaction, an ion (or atom) in a compound is replaced by an ion
(or atom) of another element: Most displacement reactions fit into one of three sub-
categories: hydrogen displacement, metal displacement, or halogen displacement.

1. Hydrogen Displacement. All alkali metals and some alkaline earth metals (Ca,
Sr, and Ba), which are the most reactive of the metallic elements, will displace hydro-
gen from cold water (Figure 4.14):

0 +1 +1 +1 0
2Na(s) + 2H,0()) — 2NaOH(aq) + H,(g)
0 +1 +2 41 0

Ca(s) + 2H,0(/) — Ca(OH),(s) + Hx(g)

Many metals, including those that do not react with water, are capable of dis-
placing hydrogen from acids. For example, zinc (Zn) and magnesium (Mg) do not
react with cold water but do react with hydrochloric acid, as follows:

0 +1 +2 0
Zn(s) + 2HCl(aq) — ZnCly(aq) + Hj(g)
® 0 +1 +2 0
Figure 4.14 Reactions of (a) Mg(s) + 2HCl(ag) —> MgCly(ag) + H,(g)

sodium (Na) and (b) calcium (Ca)
ith cold water. Note that th . . . . . .
:Velact?on ,-Swmge vggrouz witeh Ng  Figure 4.15 shows the reactions between hydrochloric acid (HCI) and iron (Fe), zinc (Zn),

than with Ca. and magnesium (Mg). These reactions are used to prepare hydrogen gas in the laboratory.
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1, Metal Displacement. A metal in a compound can be displaced by another metal
1) Ihe elemental state. We have already seen examples of zinc replacing copper ions
Wil copper replacing silver ions (see p. 133). Reversing the roles of the metals would
jusiilt in no reaction. Thus, copper metal will not displace zinc ions from zinc sulfate,
il silver metal will not displace copper ions from copper nitrate.

An easy way to predict whether a metal or hydrogen displacement reaction will
yetually occur is to refer to an activity series (sometimes called the electrochemical
wries), shown in Figure 4.16. Basically, an activity series is a convenient summary of
the results of many possible displacement reactions similar to the ones already discussed.
According to this series, any metal above hydrogen will displace it from water or from

Li—Lit + e—
K— K* + e~
 Ba— Ba2* +2¢-
Ca—>Ca2t + 2e~
Na— Na* + e~
Mg —> Mg2+ + 2e—
Al > A3+ + 3e—
Zn > Zn2+ + 2e—
Cr— Cr3* + 3e-
Fe — Fe2* + 2¢—
|| Cd—Cd2t + 2e—

React with cold
water to produce H;

React with steam
to produce H,

= Co — Co2+ + 2e~
| Ni — Ni2*+ + 2e—  React with acids

g: Sn— Sn2* + 2e—
% || PooPb2+ + 2e-
| Hy—2H* + 2¢-
| Cu— Cu2* + 2¢-
| Ag—>Ag* +e-
1
g

to produce H,

Do not react with water

2+ -
He 3 dly winds or acids to produce H;

Pt —» P2t + 2e~
{ Au— Audt + 3e—

4.4 Oxidation-Reduction Reactions
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Figure 4.15 Reactions of

(a) iron (Fe), (b) zinc (Zn), and (c)
magnesium (Mg) with hydrochloric
acid to form hydrogen gas and the
metal chlorides (FeCly, ZnCl,
MgCl,). The reactivity of these
metals is reflected in the rate of
hydrogen gas evolution, which is
slowest for the least reactive
metal, Fe, and fastest for the
most reactive metal, Mg.

Figure 4.16 The activity series
for metals. The metals are arranged
according to their ability to displace
hydrogen from an acid or water. Li
(lithium) is the most reactive metal,
and Au (gold) is the least reactive.
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The halogens.

an acid, but metals below hydrogen will not react with either water or an acid. In fagf
any metal listed in the series will react with any metal (in a compound) below it. I
example, Zn is above Cu, so zinc metal will displace copper ions from copper sulfl¢

Metal displacement reactions find many applications in metallurgical processtj
the goal of which is to separate pure metals from their ores. For example, vanadiuj
is obtained by treating vanadium(V) oxide with metallic calcium:

V,05(s) + 5Ca(l) — 2V () + 5Ca0(s)
Similarly, titanium is obtained from titanium(IV) chloride according to the reaction
TiCly(g) + 2Mg(l) — Ti(s) + 2MgClL,(!)

In each case, the metal that acts as the reducing agent lies above the metal that i}
reduced (that is, Ca is above V and Mg is above Ti) in the activity series. We will
see more examples of this type of reaction in Chapter 19.

3. Halogen Displacement. Another activity series summarizes the halogens’ behavs
ior in halogen displacement reactions:

F2 > Clz > BI'2 > 12

The power of these elements as oxidizing agents decreases as we move down Grouj)
7A from fluorine to iodine, so molecular fluorine can replace chloride, bromide, an
iodide ions in solution. In fact, molecular fluorine is so reactive that it also attacks
water; thus these reactions cannot be carried out in aqueous solutions. On the other
hand, molecular chlorine can displace bromide and iodide ions in aqueous solution,
The displacement equations are

0 -1 -1 ]
Cly(g) + 2KBr(ag) — 2KCl(aq) + Bry(0)
0 -1 -1 0

Cly(g) + 2Nal(ag) —> 2NaCl(aq) + I,(s)

The ionic equations are

0 -1 -1 0
Cly(g) + 2Br(aq) — 2C1 (aq) + Bry())
0 -1 -1 0

Cly(g) + 21" (ag) — 2C1 (aq) + I(s)
Molecular bromine, in turn, can displace iodide ion in solution:

0 -1 -1 0
Bry(l) + 21" (ag) — 2Br (aq) + Ly(s)

Reversing the roles of the halogens produces no reaction. Thus, bromine cannot dis-
place chloride ions, and iodine cannot displace bromide and chloride ions.

The halogen displacement reactions have a direct industrial application. The halo-
gens as a group are the most reactive of the nonmetallic elements. They are all strong
oxidizing agents. As a result, they are found in nature in the combined state (with
metals) as halides and never as free elements. Of these four elements, chlorine is by
far the most important industrial chemical. In 2005 the amount of chlorine produced
in the United States was about 25 billion pounds, making chlorine the tenth-ranking
industrial chemical. The annual production of bromine is only one-hundredth that of
chlorine, while the amounts of fluorine and iodine produced are even less.




a acid. In fact,
) below it. For
copper sulfate,
cal processes,
ple, vanadium

+ the reaction

: metal that is
eries. We will

ogens’ behav-

¢ down Group
bromide, and
it also attacks
. On the other
eous solution,

ne cannot dis-
ons.

sion. The halo-
r are all strong
ed state (with
chlorine is by
rrine produced
- tenth-ranking
dredth that of
less.

liecovering the halogens from their halides requires an oxidation process, which
presented by

2XT —> X, + 2¢7

gic X denotes a halogen element. Seawater and natural brine (for example, under-
i water in contact with salt deposits) are rich sources of C1~, Br™, and I ions.
Iierals such as fluorite (CaF,) and cryolite (Na3;AlFg) are used to prepare fiuorine.
vuuse fluorine is the strongest oxidizing agent known, there is no way to convert
lons to F, by chemical means. The only way to carry out the oxidation is by
vliolytic means, the details of which will be discussed in Chapter 19. Industrially,
llovine, like fluorine, is produced electrolytically.
l3romine is prepared industrially by oxidizing Br~ ions with chlorine, which is a
jung cnough oxidizing agent to oxidize Br ions but not water:

2Br (aq) —> Bry(l) + 2¢~

ji¢ of the richest sources of Br~ ions is the Dead Sea—about 4000 parts per million
)jin) by mass of all dissolved substances in the Dead Sea is Br. Following the oxi-
Wilon of Br~ ions, bromine is removed from the solution by blowing air over the solu-
i1, und the air-bromine mixture is then cooled to condense the bromine (Figure 4.17).

lodine is also prepared from seawater and natural brine by the oxidation of 1"
i with chlorine. Because Br™ and I™ ions are invariably present in the same source,
Wiey are both oxidized by chlorine. However, it is relatively easy to separate Br, from
|, because iodine is a solid that is sparingly soluble in water. The air-blowing proce-
Jire will remove most of the bromine formed but will not affect the iodine present.

{)isproportionation Reaction

A special type of redox reaction is the disproportionation reaction. In a disproportiona-
Hlon reaction, an element in one oxidation state is simultaneously oxidized and reduced.
{)ie reactant in a disproportionation reaction always contains an element that can have
il least three oxidation states. The element itself is in an intermediate oxidation state;
{lil is, both higher and lower oxidation states exist for that element in the products. The
(lecomposition of hydrogen peroxide is an example of a disproportionation reaction:

-1 -2 0
2H,05(aq) —> 2H,0()) + O,(g)

Hure the oxidation number of oxygen in the reactant (—1) both increases to zero in
(), und decreases to —2 in H,0O. Another example is the reaction between molecular
thlorine and NaOH solution: ‘

0 +1 -1
Cly(g) + 20H (ag) —> ClO (ag) + Cl (ag) + H,0()

This reaction describes the formation of household bleaching agents, for it is the
hypochlorite ion (C107) that oxidizes the color-bearing substances in stains, convert-
ing them to colorless compounds.

Finally, it is interesting to compare redox reactions and acid-base reactions. They
ire analogous in that acid-base reactions involve the transfer of protons while redox
jeictions involve the transfer of electrons. However, while acid-base reactions are
(uite easy to recognize (because they always involve an acid and a base), there is no
ximple procedure for identifying a redox process. The only sure way is to compare
{he oxidation numbers of all the elements in the reactants and products. Any change
in oxidation number guarantees that the reaction is redox in nature.

4.4 Oxidation-Reduction Reactions
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Figure 4.17 The industrial
manufacture of liquid bromine by
oxidizing an aqueous solution
containing Br~ ions with chlorine
gas.

Bromine is a fuming red liquid.

5A6A7A] |
q ~[o
78

18 28) p[s]ci
Jed Bi
] 1

Elements that are most likely to undergo
disproportionation.

Note that the oxidation number of H
remains unchanged at +1.



Similar problems: 4.55, 4.56.
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The classification of different types of redox reactions is illustrated in Example 4.5,

Example 4.5

Classify the following redox reactions and indicate changes in the oxidation numbers of
the elements:

(@) 2N20(g) — 2Na(g) + 02(g)

(b) 6Li(s) + N,(g) —> 2Li3N(s)

(¢) Ni(s) + Pb(NO;3),(aq) — Pb(s) + Ni(NO;),(aq)

(d) 2NO,(g) + H,0(l) — HNOs(aq) + HNO;(aq)

Strategy Review the definitions of combination reactions, decomposition reactions,
displacement reactions, and disproportionation reactions.

Solution (a) This is a decomposition reaction because one reactant is converted to two
different products. The oxidation number of N changes from +1 to 0, while that of
O changes from —2 to 0.

(b) This is a combination reaction (two reactants form a single product). The oxidation
number of Li changes from 0 to +1 while that of N changes from 0 to —3.

(c) This is a metal displacement reaction. The Ni metal replaces (reduces) the Pb?*ion.
The oxidation number of Ni increases from 0 to +2 while that of Pb decreases
from +2 to 0.

(d) The oxidation number of N is +4 in NO, and it is +3 in HNO, and +5 in HNO;.
Because the oxidation number of the same element both increases and decreases,
this is a disproportionation reaction.

Practice Exercise Identify the following redox reactions by type:

(a) Fe + H,SO, — FeSO, + H,
(b) S + 3F, — SF,

(¢) 2CuCl — Cu + CuCl,

(d) 2Ag + PtCl, —> 2AgCl + Pt

The Chemistry in Action on p. 143 describes how law enforcement makes use of
a redox reaction to apprehend drunk drivers.

4.5 Concentration of Solutions

To study solution stoichiometry, we must know how much of the reactants are pres-
ent in a solution and also how to control the amounts of reactants used to bring about
a reaction in aqueous solution.

The concentration of a solution is the amount of solute present in a given quantity
of solvent or solution. (For this discussion, we will assume the solute is a liquid or a
solid and the solvent is a liquid.) The concentration of a solution can be expressed in
many different ways, as we will see in Chapter 12. Here we will consider one of the
most commonly used units in chemistry, molarity (M), or molar concentration, which
is the number of moles of solute per liter of solution. Molarity is defined as

moles of solute
liters of solution

molarity = “.1)
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reathalyzer

very year in the United States about 25,000 people are
Lskilled and 500,000 more are injured as a result of drunk
iiving. In spite of efforts to educate the public about the dan-
j% of driving while intoxicated and stiffer penalties for drunk
living offenses, law enforcement agencies still have to devote
Wicut deal of work to removing drunk drivers from America’s
Pinls,
~ I'he police often use a device called a breathalyzer to test
Ilvers suspected of being drunk. The chemical basis of this de-
Hloe is a redox reaction. A sample of the driver’s breath is
jywn into the breathalyzer, where it is treated with an acidic
Jlution of potassium dichromate. The alcohol (ethanol) in the
Bonih is converted to acetic acid as shown in the following
Hjlntion:

iC H3CH20H T 2K2Cr207 W 8H2804 —r

ethanol potassium sulfuric
dichromate acid
(orange yellow)
J(H,COOH + 2Cry(S04) + 2K,80, + 11H0
neetic acid chromium(III) potassium
sulfate (green) sulfate

Ii this reaction, the ethanol is oxidized to acetic acid and the
romium(VI) in the orange-yellow dichromate ion is reduced
1 the green chromium(III) ion (see Figure 4.22). The driver’s

Light
source

Filter

K2Cl'207
solution

liquation (4.1) can also be expressed algebraically as

M=

<|=

in liters.

<+— Breath

C.HEM.ISTRY
in Action

A driver being tested for blood alcohol content with a handheld
breathalyzer.

blood alcohol level can be determined readily by measuring the
degree of this color change (read from a calibrated meter on the
instrument). The current legal limit of blood alcohol content in
most states is 0.1 percent by mass. Anything higher constitutes
intoxication.

Schematic diagram of a breathalyzer. The
alcohol in the driver’s breath is reacted
with a potassium dichromate solution.
The change in the absorption of light due
to the formation of chromium(lll) sulfate is
registered by the detector and shown on
a meter, which directly displays the alco-
o Y/ hol content in biood. The filter selects only

Meter one wavelength of light for measurement.

Photocell
detector

(4.2)

where n denotes the number of moles of solute and V is the volume of the solution
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A 1.46 molar glucose (CgH;,0¢) solution, written as 1.46 M CgH,,05, cont:ilk
1.46 moles of the solute (C¢H,,0¢) in 1 L of the solution. Of course, we do not alwa
work with solution volumes of 1 L. Thus, a 500-mL solution containing 0.730 mo
of C¢H|,0¢ also has a concentration of 1.46 M:

0.730 mol C¢H ,0¢ % 1000 mE-soln

larity =
molarity 500 mLsoln 1 L soln

= 1.46 MC6H1206

Note that concentration, like density, is an intensive property, so its value does i
depend on how much of the solution is present.

It is important to keep in mind that molarity refers only to the amount of solul¢
originally dissolved in water and does not take into account any subsequent processch;
such as the dissociation of a salt or the ionization of an acid. Consider what happcuf
when a sample of potassium chloride (KCl) is dissolved in enough water to make |
1 M solution: 1

KCl(s) =2 K*(aq) + Cl (aq)

Because KCl is a strong electrolyte, it undergoes complete dissociation in solution,
Thus, a 1 M KCl solution contains 1 mole of K* ions and 1 mole of Cl~ ions, and
no KCl units are present. The concentrations of the ions can be expressed as [K*] =
1 M and [C] ] = 1 M, where the square brackets [ ] indicate that the concentratiol
is expressed in molarity. Similarly, in a 1 M barium nitrate [Ba(NOs),] solution

Ba(NO5),(s) —> Ba**(ag) + 2NO3 (ag)

we have [Ba’"] = 1 M and {NO;] = 2 M and no Ba(NOs), units at all.

h Animation: The procedure for preparing a solution of known molarity is as follows. First, the
Y r::‘s""i:ri:"‘l’;f: solute is accurately weighed and transferred to a volumetric flask through a funncl

(Figure 4.18). Next, water is added to the flask, which is carefully swirled to dissolv¢
the solid. After all the solid has dissolved, more water is added slowly to bring the
level of solution exactly to the volume mark. Knowing the volume of the solution in
the flask and the quantity of compound (the number of moles) dissolved, we can cal
culate the molarity of the solution using Equation (4.1). Note that this procedure does
not require knowing the amount of water added, as long as the volume of the final
solution is known.

Examples 4.6 and 4.7 illustrate the applications of Equations (4.1) and (4.2).

Example 4.6

How many grams of potassium dichromate (K»Cr,0,) are required to prepare a 250-mL
solution whose concentration is 2.16 M?

Strategy How many moles of K,Cr,0, does a 1-L (or 1000 mL) 2.16 M K,Cr,0,
solution contain? A 250-mL solution? How would you convert moles to grams?

Solution The first step is to determine the number of moles of K,Cr,0O5 in 250 mL or
0.250 L of a 2.16 M solution. Rearranging Equation (4.1) gives

moles of solute = molarity X L soln
A K,Cr;07 solution.

(Continued)
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Figure 4.18 Preparing a solution
of known molarity. (a) A known
amount of a solid solute is
transferred into the volumetric
flask; then water is added through
a funnel. (b) The solid is slowly
dissolved by gently swirling the
flask. (c) After the solid has
completely dissolved, more water
is added to bring the level of
solution to the mark. Knowing the
volume of the solution and the

= Marker showing = L~ Meniscus amount of solute dissolved in it,
known volume | we can calculate the molarity of
of solution ;‘ the prepared solution.
LN
o hs o =
(@) (®) ©
1'hus,
2.16 mol K2Cr207
les of K,Cr,0; = —————————— X 0.250 Lsoln
moles O 2L U7 | = n
= 0.540 mol K,Cr,0,
I'he molar mass of K,Cr,O; is 294.2 g, so we write
2942 g K2Cr207
grams of K,Cr,0; needed = 0.540 molH5ER0; X W
=159 g ‘chr207
('heck As a ball-park estimate, the mass should be given by [molarity (mol/L) X volume
(1.) X molar mass (g/mol)] or [2 mol/L X 0.25 L X 300 g/mol] = 150 g. So the
nnswer is reasonable. Similar problems: 4.62, 4.63.

Practice Exercise What is the molarity of an 85.0-mL ethanol (C,HsOH) solution
containing 1.77 g of ethanol?

IExample 4.7

In a biochemical essay, a chemist needs to add 0.381 g of glucose to a reaction mixture.
Calculate the volume in milliliters of a 2.53 M glucose solution she should use for the
addition.

Strategy We must first determine the number of moles contained in 3.81 g of glucose
and then use Equation (4.2) to calculate the volume.

(Continued)
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Note that we have carried an additional
digit past the number of significant figures
for the intermediate step.

Similar problem: 4.65.

Q‘

Animation:
5 Preparing a Solution by Dilution
# ARIS, Animations

Two KMnO, solutions of different
concentrations.

Solution From the molar mass of glucose, we write

1 mol C6H|206
180.2 g CeH:05

Next, we calculate the volume of the solution that contains 2.114 X 1072 mole of the
solute. Rearranging Equation (4.2) gives

3.81 g CeHi306 X = 2.114 X 1072 mol C¢H,,0¢

n
A .
_ 2114 X 107* mol C¢H;,06 1000 mL soln
~ 2.53 mol C¢H,,0¢/L soln 1L soln
= 8.36 mL soln

Check One liter of the solution contains 2.53 moles of CgH,,0¢. Therefore, the
number of moles in 8.36 mL or 8.36 X 107> L is (2.53 mol X 8.36 X 1073 or
2.12 X 1072 mol. The small difference is due to the different ways of rounding off.

Practice Exercise What volume (in milliliters) of a 0.315 M NaOH solution contains
6.22 g of NaOH?

Dilution of Solutions

Concentrated solutions are often stored in the laboratory stockroom for use as
needed. Frequently we dilute these “stock” solutions before working with them. Dilu-
tion is the procedure for preparing a less concentrated solution from a more con
centrated one.

Suppose that we want to prepare 1 L of a 0.400 M KMnO, solution from a solu-
tion of 1.00 M KMnQ,. For this purpose we need 0.400 mole of KMnQO,. Because
there is 1.00 mole of KMnO, in 1 L of a 1.00 M KMnO, solution, there is 0.40(
mole of KMnQ, in 0.400 L of the same solution:

1.00mol _ 0.400 mol
1L soln 0.400 L soln

Therefore, we must withdraw 400 mL from the 1.00 M KMnQO, solution and dilute
it to 1000 mL by adding water (in a 1-L volumetric flask). This method gives us 1 L
of the desired solution of 0.400 M KMnO,. '

In carrying out a dilution process, it is useful to remember that adding more sol-
vent to a given amount of the stock solution changes (decreases) the concentration of
the solution without changing the number of moles of solute present in the solution
(Figure 4.19). In other words,

moles of solute before dilution = moles of solute after dilution

Molarity is defined as moles of solute in one liter of solution, so the number of moles
of solute is given by [see Equation (4.2)]

moles of solute

liters of soln
—_

M _ |4 n

X volume of soln (in liters) = moles of solute

g v
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Figure 4.19 The dilution of a
more concentrated solution (a) to
a less concentrated one (b) does

‘ ‘ ) not change the total number of
solute particles (18).

MV =n

genuse all the solute comes from the original stock solution, we can conclude that
{emains the same; that is,

MV; = MV

moles of solute moles of solute 4.3)
before dilution after dilution

Wlere M; and M; are the initial and final concentrations of the solution in molarity
Wikl V, and V; are the initial and final volumes of the solution, respectively. Of course,
llip units of V; and V; must be the same (mL or L) for the calculation to work. To
‘hieck the reasonableness of your results, be sure that M; > M¢and Vi > V.

We apply Equation (4.3) in Example 4.8.

li'xample 4.8

|. IDescribe how you would prepare 5.00 X 10° mL of a 1.75 M H,SO, solution, starting
with an 8.61 M stock solution of H,SO,.

~ Sirategy Because the concentration of the final solution is less than that of the original
one, this is a dilution process. Keep in mind that in dilution, the concentration of the
aolution decreases but the number of moles of the solute remains the same.

Solution We prepare for the calculation by tabulating our data:

Mi =861M Mf =175M
V,=1? Ve = 5.00 X 10> mL

Substituting in Equation (4.3),

(8.61 M)(V;) = (1.75 M)(5.00 X 10° mL)
(175 M)(5.00 X 10’ mL)
S emee ¥5 61y
102 mL

Thus, we must dilute 102 mL of the 8.61 M H,SO, solution with sufficient water to
r give a final volume of 5.00 X 10> mL in a 500-mL volumetric flask to obtain the
(lesired concentration.

(Continued)
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I ‘ Similar problems: 4.71, 4.72. Check The initial volume is less than the final volume, so the answer is reasonable.

| ‘ Practice Exercise How would you prepare 2.00 X 10% mL of a 0.866 M NaOH
solution, starting with a 5.07 M stock solution?

Now that we have discussed the concentration and dilution of sclutions, we ci
examine the quantitative aspects of reactions in aqueous solution, or solution stoichi)
etry. Sections 4.6—4.8 focus on two techniques for studying solution stoichiomelr
gravimetric analysis and titration. These techniques are important tools of quantitatiy
analysis, which is the determination of the amount or concentration of a substan(
in a sample.

4.6 Gravimetric Analysis

Gravimetric analysis is an analytical technique based on the measurement of musi
One type of gravimetric analysis experiment involves the formation, isolation, an
mass determination of a precipitate. Generally, this procedure is applied to ionic con
pounds. First, a sample substance of unknown composition is dissolved in water an
allowed to react with another substance to form a precipitate. Then the precipitate |
filtered off, dried, and weighed. Knowing the mass and chemical formula of the pr¢
cipitate formed, we can calculate the mass of a particular chemical component (thil
is, the anion or cation) of the original sample. Finally, from the mass of the compo
nent and the mass of the original sample, we can determine the percent compositioi
by mass of the component in the original compound.

A reaction that is often studied in gravimetric analysis, because the reactants cui|
be obtained in pure form, is

AgNO;(ag) + NaCl(aq) —> NaNOs(aq) + AgCl(s)
The net ionic equation is
Ag*(aq) + Cl™(aq) —> AgCI(s)

This procedure would enable us to deter-  The precipitate is silver chloride (see Table 4.2). As an example, let us say thl

mine the purity of the NaCl sample. we wanted to determine experimentally the percent by mass of Cl in NaCl. Firs,
we would accurately weigh out a sample of NaCl and dissolve it in water. Next, w¢
would add enough AgNO; solution to the NaCl solution to cause the precipitatioi
of all the C1  ions present in solution as AgCl. In this procedure, NaCl is the lin-
iting reagent and AgNO; the excess reagent. The AgCl precipitate is separated fron
the solution by filtration, dried, and weighed. From the measured mass of AgCl,
we can calculate the mass of Cl using the percent by mass of Cl in AgCl. Becaust
this same amount of Cl was present in the original NaCl sample, we can calculate
the percent by mass of Cl in NaCl. Figure 4.20 shows how this procedure is
performed.

Gravimetric analysis is a highly accurate technique, because the mass of a sam-
ple can be measured accurately. However, this procedure is applicable only to reac-
tions that go to completion, or have nearly 100 percent yield. Thus, if AgCl werc
slightly soluble instead of being insoluble, it would not be possible to remove all the
Cl" ions from the NaCl solution and the subsequent calculation would be in error.

Example 4.9 shows the calculations involved in a gravimetric experiment.
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| | jre 4.20 Basic steps for gravimetric analysis. (a) A solution containing a known amount of NaCl in a beaker. (b) The precipitation of

4 Lpon the addition of AGNOjg solution from a measuring cylinder. In this reaction, AgNOj is the excess reagent and NaCl is the limiting
Hiunt. (c) The solution containing the AgCl precipitate is filtered through a preweighed sintered-disk crucible, which allows the liquid (but
{ 110 precipitate) to pass through. The crucible is then removed from the apparatus, dried in an oven, and weighed again. The difference
Iwnon this mass and that of the empty crucible gives the mass of the AgCl precipitate.

lixample 4.9

A (.5662-g sample of an ionic compound containing chloride ions and an unknown
metal is dissolved in water and treated with an excess of AgNOs. If 1.0882 g of AgCl
piecipitate forms, what is the percent by mass of Cl in the original compound?

Strategy We are asked to calculate the percent by mass of Cl in the unknown sample,
which is

mass of Cl
G & ==X 0%
i 0.5662 g sample )

he only source of Ci~ ions is the original compound. These chloride ions eventually
ond up in the AgCl precipitate. Can we calculate the mass of the Cl™ ions if we know
the percent by mass of Cl in AgCl1?

Solution The molar masses of Cl and AgCl are 35.45 g and 143.4 g, respectively.
‘I'herefore, the percent by mass of Cl in AgCl is given by

gl = 458 h0g
7T 1434 g AgCl "

= 24.72%

Next, we calculate the mass of Cl in 1.0882 g of AgCl. To do so we convert 24.72
percent to 0.2472 and write

mass of Cl = 0.2472 X 1.0882 g
= 0.2690 g

(Continued)
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Similar problem: 4.78.

Potassium hydrogen phthalate.

KHP is a weak acid.

Because the original compound also contained this amount of Cl™ ions, the percent by
mass of Cl in the compound is

%l = 2208 00
7T 0.5662 ¢ ’

=47.51%

Practice Exercise A sample of 0.3220 g of an ionic compound containing the
bromide ion (Br) is dissolved in water and treated with an excess of AgNO;. If the
mass of the AgBr precipitate that forms is 0.6964 g, what is the percent by mass of Br
in the original compound? i

Note that gravimetric analysis does not establish the whole identity of the
unknown. Thus, in Example 4.9 we still do not know what the cation is. Howevel
knowing the percent by mass of Cl greatly helps us to narrow the possibilitich
Because no two compounds containing the same anion (or cation) have the same pei
cent composition by mass, comparison of the percent by mass obtained from gravi:
metric analysis with that calculated from a series of known compounds would revei
the identity of the unknown.

4.7 Acid-Base Titrations

Quantitative studies of acid-base neutralization reactions are most conveniently ca’
ried out using a technique known as titration. In titration, a solution of accurately.
known concentration, called a standard solution, is added gradually to another soli:
tion of unknown concentration, until the chemical reaction between the two solutiony
is complete. If we know the volumes of the standard and unknown solutions used il
the titration, along with the concentration of the standard solution, we can calculalg
the concentration of the unknown solution.

Sodium hydroxide is one of the bases commonly used in the laboratory. How
ever, it is difficult to obtain solid sodium hydroxide in a pure form because it has u
tendency to absorb water from air, and its solution reacts with carbon dioxide. For
these reasons, a solution of sodium hydroxide must be standardized before it can be
used in accurate analytical work. We can standardize the sodium hydroxide solution
by titrating it against an acid solution of accurately known concentration. The acid
often chosen for this task is a monoprotic acid .called potassium hydrogen phthalate
(KHP), for which the molecular formula is KHCgH40,. KHP is a white, soluble solid

that is commercially available in highly pure form. The reaction between KHP and
sodium hydroxide is

KHCgH,O4(aq) + NaOH(ag) —> KNaCgH;04(aq) + H,O(])

and the net ionic equation is
HCgH,0; (ag) + OH™ (ag) — CgH,05" (ag) + H,0(D)

The procedure for the titration is shown in Figure 4.21. First, a known amount of
KHP is transferred to an Erlenmeyer flask and some distilled water is added to make
up a solution. Next, NaOH solution is carefully added to the KHP solution from a
buret until we reach the equivalence point, that is, the point at which the acid has
completely reacted with or been neutralized by the base. The equivalence point is
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b Figure 4.21 (3} Apparatus for

F0E0Y acid-base titration. A NaOH
solution is added from the buret to
a KHP solution in an Erlenmeyer
flask. (b) A reddish-pink color
appears when the equivalence
point is reached. The color here
has been intensified for visual
display.

ff the

s of Br

ity of the

. However,

»ssibilities.

: same per-

rom gravi-

duld reveal

iiently car- illy signaled by a sharp change in the color of an indicator in the acid solution.

“accurately | ncid-base titrations, indicators are substances that have distinctly different colors
other solu- W wcidic and basic media. One commonly used indicator is phenolphthalein, which
o solutions volorless in acidic and neutral solutions but reddish pink in basic solutions. At the
ons used in juivalence point, all the KHP present has been neutralized by the added NaOH and

wn calculate lu solution is still colorless. However, if we add just one more drop of NaOH solu-

lim from the buret, the solution will immediately turn pink because the solution is

wory. How- jinw basic. Example 4.10 illustrates such a titration.
use it has a
lioxide. For
re it can be B !
: : ,xample 4.10
ide solution p
n. The acid In n titration experiment, a student finds that 23.48 mL of a NaOH solution are needed to
:n phthalate ficutralize 0.5468 g of KHP. What is the concentration (in molarity) of the NaOH solution?
Oh;g_;)wh:: Strategy We want to determine the molarity of the NaOH solution. What is the
n a} fefinition of molarity?
l) need to find
molarity of NaOH = mol N2OE
L soln
want to calculate given
I volume of NaOH solution is given in the problem. Therefore, we need to find the
1 amount of wmber of moles of NaOH to solve for molarity. From the preceding equation for the
ded to make jeaction between KHP and NaOH shown in the text we see that 1 mole of KHP neutralizes

ition from @ | mole of NaOH. How many moles of KHP are contained in 0.5468 g of KHP?
the acid has

) (Continued)
nce point is
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Similar problems: 4.85, 4.86.

¢
)

H,S0, has two ionizable protons.

Solution First we calculate the number of moles of KHP consumed in the titration:

= 1 mol KHP
KHP = 0. o= g
moles of KHP = 0.5468 gJéﬁI/’ 2042

= 2.678 X 10 * mol KHP
Because 1 mol KHP = 1 mol NaOH, there must be 2.678 X 102 mole of NaOH in

23.48 mL of NaOH solution. Finally, we calculate the number of moles of NaOH in 1 L
of the solution or the molarity as foilows:

2.678 X 10 > mol NaOH _ 1000 mL-sotii
23.48 mL-soln 1 L soln

= 0.1141 mol NaOH/1 L soln = 0.1141 M

molarity of NaOH soln =

Practice Exercise How many grams of KHP are needed to neutralize 18.64 mL of a
0.1004 M NaOH solution?

The neutralization reaction between NaOH and KHP is one of the simplest typo
of acid-base neutralization known. Suppose, though, that instead of KHP, we wanted
to use a diprotic acid such as H,SO, for the titration. The reaction is represented hy

2NaOH(agq) + H,SO04(aq) —> Na,SO4(agq) + 2H,0(0)

Because 2 mol NaOH = 1 mol H,80,, we need twice as much NaOH to reac|
completely with a H,SO, solution of the same molar concentration and volumg
as a monoprotic acid like HCl. On the other hand, we would need twice the¢
amount of HCI to neutralize a Ba(OH), solution compared to a NaOH solutiol|
having the same concentration and volume because 1 mole of Ba(OH), yields 2
moles of OH™ ions:

2HCl(aq) + Ba(OH);(aq) — BaCly(aq) + 2H,O())

In calculations involving acid-base titrations, regardless of the acid or base that takes
place in the reaction, keep in mind that the total number of moles of H" ions thil
have reacted at the equivalence point must be equal to the total number of moles o
OH" ions that have reacted.

Example 4.11 shows the titration of a NaOH solution with a diprotic acid.

Example 4.11

How many milliliters (mL) of a 0.610 M NaOH solution are needed to neutralize
20.0 mL of a 0.245 M H,SO, solution?

Strategy We want to calculate the volume of the NaOH solution. From the definition
of molarity [see Equation (4.1)], we write

need to find

mol NaOH
molarity
want to calculate given

L soln =

(Continued)
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.

4.8 Redox Titrations

uin the equation for the neutralization reaction just shown, we see that 1 mole of
50, neutralizes 2 moles of NaOH. How many moles of H,SO, are contained in

() mL of a 0.245 M H,SO, solution? How many moles of NaOH would this quantity
11,80, neutralize?

ulution First we calculate the number of moles of H,SO, in a 20.0 mL solution:

0.245 mol H,SO, o0
1000 mL soii Sk

= 4.90 X 107> mol H,S0,

moles H,SO, =

juin the stoichiometry we see that 1 mol H,SO, = 2 mol NaOH. Therefore, the
inber of moles of NaOH reacted must be 2 X 4.90 X 10~> mole, or 9.80 X 103
wle, From the definition of molarity {see Equation (4.1)], we have

moles of solute
molarity

liters of soln =

9.80 X 10> mo! NaOH
0.610 mol/L soln

=0.0161 L or 16.1 mL

volume of NaOH =

I'ructice Exercise How many milliliters of a 1.28 M H,SO, solution are needed to
fieutralize 60.2 mL of a 0.427 M KOH solution?

4.8 Redox Titrations '

Ax mentioned earlier, redox reactions involve the transfer of electrons, and acid-base
{¢nctions involve the transfer of protons. Just as an acid can be titrated against a base,
Wo Can titrate an oxidizing agent against a reducing agent, using a similar procedure.
Wo can, for example, carefully add a solution containing an oxidizing agent to a solu-
lion containing a reducing agent. The equivalence point is reached when the reduc-
Il ngent is completely oxidized by the oxidizing agent.

l.ike acid-base titrations, redox titrations normally require an indicator that clearly

Ilicator is characteristic of its reduced form. The indicator assumes the color of its
Ukldized form when it is present in an oxidizing medium. At or near the equivalence
fiulnt, a sharp change in the indicator’s color will occur as it changes from one form
fi} the other, so the equivalence point can be readily identified.

Two common oxidizing agents are potassium permanganate (KMnO,) and
jutussium dichromate (K>Cr,05). As Figure 4.22 shows, the colors of the perman-
jginate and dichromate anions are distinctly different from those of the reduced

ijecies:
MnO; —> Mn?*
purple light
pink
Cr, 03~ — Cr**

orange green
yellow

Similar problem: 4.87(b}, {(c).
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There are not as many redox indicators as
inges color. In the presence of large amounts of reducing agent, the color of the '"erear acid-base indicators.



i "
: Figure 4.22 Left to right:
Mn?*, Cr,0%", and Cr®™ ions.

| l Solutions containing the MnOy,
| |

Addition of a KMnO, solution from a buret
to a FeS0O, solution.
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Thus, these oxidizing agents can themselves be used as internal indicator in a red
titration because they have distinctly different colors in the oxidized and reduced forni

acid-base neutralizations. The difference is that the equations and the stoichiometry teig
to be more complex for redox reactions. The following is an example of a redox titratiol|

Redox titrations require the same type of calculations (based on the mole method) |

Example 4.12

A 16.42-mL volume of 0.1327 M KMnO, solution is needed to oxidize 25.00 mL of a
FeSO, solution in an acidic medium, What is the concentration of the FeSO, solution in
molarity? The net ionic equation is

5Fe’™ + MnO; + 8H" — Mn?* + 5F’* + 4H,0

Strategy We want to calculate the molarity of the FeSO, solution. From the definition
of molarity

need to find

molarity of FeSO, = %

want to calculate given

The volume of the FeSO, solution is given in the problem. Therefore, we need to find
the number of moles of FeSO, to solve for the molarity. From the net ionic equation,

what is the stoichiometric equivalence between Fe?* and MnO; ? How many moles of
KMnOQ, are contained in 16.42 mL of 0.1327 M KMnO, solution?

Solution The number of moles of KMnOy in 16.42 mL of the solution is

0.1327 mol KMnO,
1 = X 16.42
moles of KMnO, 1000 = 6.42 ml

= 2.179 X 10" mol KMnO,

From the net ionic equation we see that 5 mol Fe?* = 1 mol MnO); . Therefore, the
number of moles of FeSO, oxidized is

= 5 mol FeSO
moles FeSO, = 2.179 X 103 molKMAO, X 1——-—n—“4

= 1.090 X 10~2 mol FeSO,

(Continued)
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fietal from the Sea

Ignesium is a valuable, lightweight metal used as a struc-
lural material as well as in alloys, in batteries, and in
i hlenl synthesis. Although magnesium is plentiful in Earth’s
h9l, 11 is cheaper to “mine” the metal from seawater. Magne-
Wil forms the second most abundant cation in the sea (after
Slium); there are about 1.3 g of magnesium in a kilogram of
wiiler, The process for obtaining magnesium from seawater
{loys all three types of reactions discussed in this chapter:
I Ipitation, acid-base, and redox reactions.
~ I the first stage in the recovery of magnesium, limestone
1 4('0),) is heated at high temperatures to produce quicklime,
vilcium oxide (Ca0):

CaCO;(s) —> Ca0(s) + CO,(g)

¥ lien calcium oxide is treated with seawater, it forms calcium
Wilioxide [Ca(OH),], which is slightly soluble and ionizes to
i 2k =2

dvo (‘" and OH™ ions:

Ca0(s) + H,0(l) — Ca**(aq) + 20H (agq)
Hiv surplus hydroxide ions cause the much less soluble magne-
it hydroxide to precipitate:
Mg’" (aq) + 20H" (aq) —> Mg(OH)y(s)
1lio #olid magnesium hydroxide is filtered and reacted with hy-
iiuhloric acid to form magnesium chloride (MgCl,):
Mg(OH),(s) + 2HCl(aq) —> MgCly(aq) + 2H,0(!)

Her the water is evaporated, the solid magnesium chloride is
Molied in a steel cell. The molten magnesium chloride contains
jIh Mg>* and C1~ ions. In a process called electrolysis, an

. mol FeSO,
molarity of FeSO, = W

1.090 X 1072 mol FeSO,

C.)HEM.ISTRY
in Action

Magnesium hydroxide is obtained from seawater in settling ponds at the
Dow Chemical Company in Freeport, Texas.

electric current is passed through the cell to reduce the Mg?™*
ions and oxidize the C1™ ions. The haif-reactions are

Mg>* + 2¢7 —> Mg
2CI" —> Cl, + 2¢

The overall reaction is
MgCly () — Mg(!) + Cly(g)

This is how magnesium metal is produced. The chlorine gas
generated can be converted to hydrochloric acid and recycled
through the process.

The concentration of the FeSO, solution in moles of FeSO, per liter of solution is

1000 mi-soln

25.00 mL-soln
= 04360 M

1 L soln

Similar problems: 4.91, 4.92.

Practice Exercise How many milliliters of a 0.206 M HI solution are needed to
teduce 22.5 mL of a 0.374 M KMnO, solution according to the following equation:

10HI + 2KMnO, + 3H,SO, — 5L, + 2MnSO, + K,S0, + 8H,0

The Chemistry in Action above describes an industrial process that involves the

Aypes of reactions discussed in this chapter.
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Summary of Facts and Concepts

. Aqueous solutions are electrically conducting if the

solutes are electrolytes. If the solutes are nonelec-
trolytes, the solutions do not conduct electricity.

. Three major categories of chemical reactions that

take place in aqueous solution are precipitation reac-
tions, acid-base reactions, and oxidation-reduction
reactions.

. From general rules about solubilities of ionic com-

pounds, we can predict whether a precipitate will form
in a reaction.

. Arrhenius acids ionize in water to give H" ions, and Ar-

rhenius bases ionize in water to give OH ™ ions. Brgn-
sted acids donate protons, and Brgnsted bases accept
protons.

. The reaction of an acid and a base is called neutralization.
. In redox reactions, oxidation and reduction always oc-

cur simultaneously. Oxidation is characterized by the
loss of electrons, reduction by the gain of electrons.

. Oxidation numbers help us keep track of charge

distribution and are assigned to all atoms in a com-
pound or ion according to specific rules. Oxidation
can be defined as an increase in oxidation number;
reduction can be defined as a decrease in oxidation
number.

. Many redox reactions can be subclassified as combina-

tion, decomposition, combustion, displacement, or dis-
proportionation reactions.

Key Words

10.

11.

12.

13.

The concentration of a solution is the amount of sohil
present in a given amount of solution. Molarity ¢
presses concentration as the number of moles of solul
in 1 L of solution.

Adding a solvent to a solution, a process known as dlilil
tion, decreases the concentration (molarity) of the soll
tion without changing the total number of moles (
solute present in the solution.

Gravimetric analysis is a technique for determining (}
identity of a compound and/or the concentration of a s
lution by measuring mass. Gravimetric experiments o
ten involve precipitation reactions.

In acid-base titration, a solution of known concentratiti
(say, a base) is added gradually to a solution of u
known concentration (say, an acid) with the goal of ¢
termining the unknown concentration. The point il
which the reaction in the titration is complete, as showij
by the change in the indicator’s color, is called th¢
equivalence point.

Redox titrations are similar to acid-base titrations. Th¢
point at which the oxidation-reduction reaction is conj:
plete is called the equivalence point.
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jestions and Problems

perties of Aqueous Solutions
i Questions

Iefine solute, solvent, and solution by describing the
pnocess of dissolving a solid in a liquid.

What is the difference between a nonelectrolyte and
in clectrolyte? Between a weak electrolyte and a
strong electrolyte?

{Describe hydration. What properties of water enable
{14 molecules to interact with ions in solution?

What is the difference between the following symbols
I chemical equations: — and ==?

Water is an extremely weak electrolyte and therefore
cannot conduct electricity. Why are we often cau-
fioned not to operate electrical appliances when our
hunds are wet?

[.ithium fluoride (LiF) is a strong electrolyte. What
#pecies are present in LiF(ag)?

hlcms

7 'I'hc aqueous solutions of three compounds are shown
in the diagram. Identify each compound as a nonelec-
{rolyte, a weak electrolyte, and a strong electrolyte.

Q@ ©
0'0

(4) (b) )

N Which of the following diagrams best represents the
hydration of NaCl when dissolved in water? The C1~
ion is larger in size than the Na* ion.

® & ® ) @
e |0% .o | @°
L ™) Q o A \ Y P :@
S0 o |09 o &
® & @ @ ®
e®o 206 %
Q ’
(a) (b) ©)

) Identify each of the following substances as a strong
clectrolyte, weak electrolyte, or nonelectrolyte: (a) H,O,
(b) KCl, (c) HNO;, (d) CH3COOH, (e) C ,H,,0;,.

Questions and Problems

157

4.10 Identify each of the following substances as a strong

electrolyte, weak electrolyte, or nonelectrolyte: (a)
Ba(NO3),, (b) Ne, (c) NH3, (d) NaOH.

The passage of electricity through an electrolyte solu-
tion is caused by the movement of (a) electrons only,
(b) cations only, (c) anions only, (d) both cations and
anions.

Predict and explain which of the following systems
are electrically conducting: (a) solid NaCl, (b) moiten
Na(l, (c) an aqueous solution of NaCl.

You are given a water-soluble compound X. Describe
how you would determine whether it is an electrolyte
or a nonelectrolyte. If it is an electrolyte, how would
you determine whether it is strong or weak?

Explain why a solution of HCI in benzene does not
conduct electricity but in water it does.

4.11

4.12

4.13

4.14

Precipitation Reactions

Review Questions

4.15 What is the difference between an ionic equation and
a molecular equation?

4.16 What is the advantage of writing net ionic equations?

Problems

4.17 Two aqueous solutions of AgNO; and NaCl are
mixed. Which of the following diagrams best repre-
sents the mixture?

Na™(ag) Ag"(aq) Na*(aq)

Cl™ (aq) Cl ™ (aq) NO3(aq)

Ag*(ag) AgCl(s)

NO3(aq) NaNO;(s) AgCl(s) NaNO;(s)
(a) (b) (©) (d)

4.18 Two aqueous solutions of KOH and MgCl, are mixed.
Which of the following diagrams best represents the

mixture?
Mg**(ag) K™ (ag) K*(ag)
OH (aq) Cl (aq) Cl (aq)
Mg>"(ag) | | KCKs)
KCl(s) Mg(OH),(s) OH™ (aq) Mg(OH),(s)
(@) (b) (c) (d

4.19 Characterize the following compounds as soluble
or insoluble in water: (a) Ca;(PQ,),, (b) Mn(OH),,
(c) AgClO3, (d) K,S.
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4.20

4.21

4.22

4.23

4.24

Reactions in Aqueous Solutions

Characterize the following compounds as soluble
or insoluble in water: (a) CaCQs;, (b) ZnSO,,
(c) Hg(NO3),, (d) HgSOy,, (e) NH,CIO,.

Write ionic and net ionic equations for the following
reactions:

(a) AgNOs(ag) + NaSO4(agq) —

(b) BaCl,(ag) + ZnSOy4(aq) —

(c) (NH4),CO5(aq) + CaCly(ag) —

Write ionic and net ionic equations for the following
reactions:

(a) Na,S(aq) + ZnCly(ag) —

(b) K3POy(ag) + 3Sr(NO3)2(aq) —>

(c) Mg(NOs),(ag) + 2NaOH(ag) —>

Which of the following processes will likely result in
a precipitation reaction? (a) Mixing a NaNOj; solution
with a CuSOy, solution. (b) Mixing a BaCl, solution
with a K,SO, solution. Write a net ionic equation for
the precipitation reaction.

With reference to Table 4.2, suggest one method by
which you might separate (a) K* from Ag*, (b) Ba>"
from Pb2*, (c) NH} from Ca**, (d) Ba’>" from
Cu*. All cations are assumed to be in aqueous solu-
tion, and the common anion is the nitrate ion.

Acid-Base Reactions
Review Questions

4.25
4.26

4.27

4.28

4.29

4.30

List the general properties of acids and bases.

Give Arrhenius’s and Brgnsted’s definitions of an acid
and a base. Why are Brgnsted’s definitions more use-
ful in describing acid-base properties?

Give an example of a monoprotic acid, a diprotic acid,
and a triprotic acid.

What are the characteristics of an acid-base neutral-
ization reaction?

What factors qualify a compound as a salt? Specify
which of the following compounds are salts: CHy,
NaF, NaOH, CaO, BaSO,4, HNO;, NH;, KBr?
Identify the following as a weak or strong acid or
base: (a) NH3, (b) H3PO,, (c) LiOH, (d) HCOOH
(formic acid), (e) H,SO,, (f) HF, (g) Ba(OH),.

Problems

4.31

4.32

4.33

Identify each of the following species as a Brgnsted
acid, base, or both: (a) HI, (b) CH;COO™, (c) H,POy,
(d) HSO, .

Identify each of the following species as a Brgnsted acid,
base, or both: PO?;—, (b) C10,, (c) NH3, (d) HCO;5 .
Balance the following equations and write the corre-
sponding ionic and net ionic equations (if appropriate):
(a) HBr(ag) + NHj(agq) —

(b) Ba(OH),(aq) + H3PO4(ag) —

(c) HClO4(aq) + Mg(OH),(s) —>

4.34 Balance the following equations and write the coll
sponding ionic and net ionic equations (if appropriuf¢
(a) CH;COOH(aq) + KOH(agq) —
(b) H,CO3(aq) + NaOH(aq) —
(c) HNOs(ag) + Ba(OH);(ag) —>

Oxidation-Reduction Reactions
Review Questions

4.35 Give an example of a combination redox reaction,
decomposition redox reaction, and a displacement (¢
dox reaction.

4.36 All combustion reactions are redox reactions. Tru¢
false? Explain.

4,37 What is an oxidation number? How is it used to ide|i
tify redox reactions? Explain why, except for ioi
compounds, oxidation number does not have ull
physical significance.

4.38 (a) Without referring to Figure 4.11, give the oxidil
tion numbers of the alkali and alkaline earth metals |
their compounds. (b) Give the highest oxidation nuij
bers that the Groups 3A-7A elements can have.

4.39 How is the activity series organized? How is it used [f
the study of redox reactions?

4.40 Use the following reaction to define redox reactiol|
half-reaction, oxidizing agent, reducing agent:

4Na(s) + O,(g) — 2Na,O(s)
4.41 Is it possible to have a reaction in which oxidation o¢

curs and reduction does not? Explain.

442 What is the requirement for an element to undery(
disproportionation reactions? Name five common el
ments that are likely to take part in such reactions.

Problems

4.43 For the complete redox reactions given here, (i) brei
down each reaction into its half-reactions; (ii) iden
tify the oxidizing agent; (iii) identify the reducing
agent.

(a) 28r + O, —> 2810
(b) 2Li + H, — 2LiH
(¢) 2Cs + Br, —> 2CsBr
(d) 3Mg + N —> Mg;N,

4.44 For the complete redox reactions given here, write th¢
half-reactions and identify the oxidizing and reducing
agents:

(a) 4Fe + 30, —> 2Fe,0;

(b) Cl, + 2NaBr — 2NaCl + Br;
(c) Si + 2F, — SiF,

(d) H, + Cl, — 2HCI

4.45 Arrange the following species in order of increasing
oxidation number of the sulfur atom: (a) H,S, (b) Sy,
(c) H,S0,, (d) $%7, (e) HS 7, (f) SO,, (g) SOs.
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I"osphorus forms many oxoacids. Indicate the oxida-
{ion number of phosphorus in each of the following
mids: (a) HPO;, (b) H3PO,, (¢) H3POs, (d) H3PO,,
(¢) HyP>O7, (f) HsP30,,.

(iive the oxidation number of the underlined atoms in
the following molecules and ions: (a) CIF, (b) IF,,
{¢) CHy, (d) C,H,, (€) CHy, (f) Ko CrO4, (g) K>Crr04,
(1) KMnOy, (i) NaHCOs, (j) Li, (k) NalOs, (1) KO,
(m) PFg , (n) KAuCl,.

(iive the oxidation number for the following species:
115, Seg, Py, O, U, Asy, Bs.

(ilive oxidation numbers for the underlined atoms in
the following molecules and ions: (a) Cs,0, (b) Cal,,
(¢) ALOs, (d) H3AsO;, (¢) TiO,, (f) MoOj",
() PtCIE™, (h) PXCIg ™, (i) SnF, (j) CIF3, (k) SbFg .
(Ciive the oxidation numbers of the underlined atoms in
the following molecules and ions: (a) MgsN,,
(b) CsQy, (c) CaCy, (d) CO3 ™, (e) C,05 ™, () Zn03 ™,
() NaBH,, (h) WO3 ™.

Nitric acid is a strong oxidizing agent. State which of
the following species is least likely to be produced
when nitric acid reacts with a strong reducing agent
such as zinc metal, and explain why: N,O, NO, NO,,
N,04, N,Os, NHY .

Which of the following metals can react with water?
(1) Au, (b) Li, (c) Hg, (d) Ca, (e) Pt.

On the basis of oxidation number considerations, one
of the following oxides would not react with molecu-
lar oxygen: NO, N,O, SO,, SO;, P4O¢. Which one is
it"? Why?

Predict the outcome of the reactions represented by
the following equations by using the activity series,
and balance the equations.

(1) Cu(s) + HCl(aq) —

(b) I,(s) + NaBr(agq) —

(¢) Mg(s) + CuSOq4(aq) —

(d) Cly(g) + KBr(ag) —

Classify the following redox reactions:

(a) 2H,0, — 2H,0 + O,

(b) Mg + 2AgNO; — Mg(NO;), + 2Ag

(¢) NH,NO, — N, + 2H,0

(d) H, + Br, — 2HBr

Classify the following redox reactions:

(a) P4 + 10Cl, — 4PCl;

(b) 2NO —> N, + O,

(¢) Cl, + 2KI —> 2KCl + I,

(d) 3HNO, —> HNO; + H,0 + 2NO

{ 'oncentration of Solutions
Review Questions

4.57

Write the equation for calculating molarity. Why is
molarity a convenient concentration unit in chemistry?

458
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Describe the steps involved in preparing a solution of
known molar concentration using a volumetric flask.

Problems

4.59

4.60

4.61

4.62

4.63

4.64

4.65

4.66

Calculate the mass of KI in grams required to prepare
5.00 X 10% mL of a 2.80 M solution.

Describe how you would prepare 250 mL of a 0.707 M
NaNO; solution.

How many moles of MgCl, are present in 60.0 mL of
0.100 M MgCl, solution?

How many grams of KOH are present in 35.0 mL of a
5.50 M solution?

Calculate the molarity of each of the following solu-
tions: (a) 29.0 g of ethanol (C,H;OH) in 545 mL of
solution, (b) 15.4 g of sucrose (C;,H,,0,;) in 74.0 mL
of solution, (¢) 9.00 g of sodium chloride (NaCl) in
86.4 mL of solution.

Calculate the molarity of each of the following solutions:
(a) 6.57 g of methanol (CH;0H) in 1.50 X 10? mL of
solution, (b) 10.4 g of calcium chloride (CaCl,) in
2.20 X 10> mL of solution, (c) 7.82 g of naphthalene
(C,oHg) in 85.2 mL of benzene solution.

Calculate the volume in mL of a solution required to
provide the following: (a) 2.14 g of sodium chloride
from a 0.270 M solution, (b) 4.30 g of ethanol from a
1.50 M solution, (c) 0.85 g of acetic acid (CH;COOH)
from a 0.30 M solution.

Determine how many grams of each of the following
solutes would be needed to make 2.50 X 10° mL of a
0.100 M solution: (a) cesium iodide (Csl), (b) sulfuric
acid (H,S0,), (¢) sodium carbonate (Na,CO3), (d)
potassium dichromate (K,Cr,0-), () potassium per-
manganate (KMnO,).

Dilution of Solutions
Review Questions

4.67

4.68

Describe the basic steps involved in diluting a solution
of known concentration.

Write the equation that enables us to calculate the con-

centration of a diluted solution. Give units for all the
terms.

Problems

4.69

4.70

4.71

4.72

Describe how to prepare 1.00 L of 0.646 M HCl solu-
tion, starting with a 2.00 M HCl solution.

Water is added to 25.0 mL of a 0.866 M KNO; solu-
tion until the volume of the solution is exactly
500 mL. What is the concentration of the final solution?
How would you prepare 60.0 mL of 0.200 M HNO,
from a stock solution of 4.00 M HNO;?

You have 505 mL of a 0.125 M HCl solution and you
want to dilute it to exactly 0.100 M. How much water
should you add?
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473 A 35.2-mL, 1.66 M KMnO, solution is mixed with
16.7 mL of 0.892 M KMnOQ, solution. Calculate the
concentration of the final solution.

4.74 A 46.2-mL, 0.568 M calcium nitrate [Ca(NO;),] so-
lution is mixed with 80.5 mL of 1.396 M calcium ni-
trate solution. Calculate the concentration of the final
solution.

Gravimetric Analysis
Review Questions

4.75 Describe the basic steps involved in gravimetric
analysis. How does this procedure help us determine
the identity of a compound or the purity of a com-
pound if its formula is known?

4.76 Distilled water must be used in the gravimetric analy-
sis of chlorides. Why?

Problems

4.77 1f 30.0 mL of 0.150 M Ca(l, is added to 15.0 mL of
0.100 M AgNOs;, what is the mass in grams of AgCl
precipitate?

4.78 A sample of 0.6760 g of an unknown compound
containing barium ions (Ba") is dissolved in water
and treated with an excess of Na,SQ,. If the mass of
the BaSO, precipitate formed is 0.4105 g, what is
the percent by mass of Ba in the original unknown
compound?

4.79 How many grams of NaCl are required to precipitate
most of the Ag* ions from 2.50 X 10> mL of
0.0113 M AgNO; solution? Write the net ionic equa-
tion for the reaction.

4.80 The concentration of Cu®™ jons in the water (which
also contains sulfate ions) discharged from a certain
industrial plant is determined by adding excess
sodium sulfide (Na,S) solution to 0.800 L of the wa-
ter. The molecular equation is '

Na,S(agq) + CuSO4(aq) — Na,SO4(aq) + CuS(s)

Write the net ionic equation and calculate the molar
concentration of Cu® " in the water sample if 0.0177 g
of solid CuS is formed.

Acid-Base Titrations
Review Questions

4.81 Describe the basic steps involved in an acid-base titra-
tion. Why is this technique of great practical value?
4.82 How does an acid-base indicator work?

4.83 A student carried out two titrations using a NaOH so-
lution of unknown concentration in the buret. In one
titration she weighed out 0.2458 g of KHP (see p. 150)
and transferred it to an Erlenmeyer flask. She then
added 20.00 mL of distilled water to dissolve the acid.
In the other titration she weighed out 0.2507 g of KHP

but added 40.00 mL of distilled water to dissolve
acid. Assuming no experimental error, would she (f
tain the same result for the concentration of the Nu()
solution?

4.84 Would the volume of a 0.10 M NaOH solution neci
to titrate 25.0 mL of a 0.10 M HNO, (a weak acid) \
lution be different from that needed to titrate 25.01)
of a 0.10 M HCI (a strong acid) solution?

Problems

4.85 A quantity of 18.68 mL of a KOH solution is nec:l¢
to neutralize 0.4218 g of KHP. What is the concenl(
tion (in molarity) of the KOH solution?

4.86 Calculate the concentration (in molarity) of a Na()l
solution if 25.0 mL of the solution are needed to nel
tralize 17.4 mL of a 0.312 M HCI solution.

4.87 Calculate the volume in mL of a 1.420 M NaOH solif
tion required to titrate the following solutions:

(a) 25.00 mL of a 2.430 M HCl solution
(b) 25.00 mL of a 4.500 M H,SO, solution
(c) 25.00 mL of a 1.500 M H3POy solution
4.88 What volume of a 0.500 M HCI solution is needed (f
neutralize each of the following:
(a) 10.0 mL of a 0.300 M NaOH solution
(b) 10.0 mL of a 0.200 M Ba(OH), solution

Redox Titrations
Review Questions

4.89 What are the similarities and differences betweu
acid-base titrations and redox titrations?

4.90 Explain why potassium permanganate (KMnQ,) an(
potassium dichromate (K,Cr,0-) can serve as interni
indicators in redox titrations.

Problems

4.91 Iron(Il) can be oxidized by an acidic K,Cr,0; soly
tion according to the net ionic equation:
Cr,03” + 6Fe’* + 14H" —>
2CP* + 6Fe** + TH,0

If it takes 26.0 mL of 0.0250 M K,Cr,05 to titral¢
25.0 mL of a solution containing Fe? ™", what is the
molar concentration of Fe?*?

4.92 The SO, present in air is mainly responsible for the
acid rain phenomenon. Its concentration can be deter
mined by titrating against a standard permanganat¢
solution as follows:

580, + 2MnO; + 2H,0 —>
58027 + 2Mn?* + 4H"

Calculate the number of grams of SO, in a sample of
air if 7.37 mL of 0.00800 M KMnOQO, solution are rc-
quired for the titration.
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) A sample of iron ore (containing only Fe?" ions)
weighing 0.2792 g was dissolved in dilute acid solu-
tion, and all the Fe(I) was converted to Fe(IIl) ions.
The solution required 23.30 mL of 0.0194 M K,Cr,0,
for titration. Calculate the percent by mass of iron in
the ore. (Hint: See Problem 4.91 for the balanced
cquation.)

4 The concentration of a hydrogen peroxide solution
can be conveniently determined by titration against a
standardized potassium permanganate solution in an
acidic medium according to the following equation:

2MnO; + 5H,0, + 6H" —>
50, + 2Mn** + 8H,0

If 36.44 mL of a 0.01652 M KMnQO, solution are re-

yuired to oxidize 25.00 mL of a H,O, solution, calcu- -

late the molarity of the H,O, solution.

415 Oxalic acid (HyC,0y,) is present in many plants and
vegetables. If 24.0 mL of 0.0100 M KMnOy, solution
is needed to titrate 1.00 g of a sample of H,C,0, to the
cquivalence point, what is the percent by mass of
H>C,0, in the sample? The net ionic equation is

2MnO; + 16H* + 5C,03” —
2Mn®’* + 10CO, + 8H,0

496 A 15.0-mL sample of an oxalic acid solution requires
25.2 mL of 0.149 M NaOH for neutralization. Calcu-
late the volume of a 0.122 M KMnQ, solution needed
to react with a second 15.0-mL sample of the oxalic
acid solution. (Hint: Oxalic acid is a diprotic acid. See
Problem 4.95 for redox equation.)

197 lodate ion, 105, oxidizes SO§_ in acidic solution.
The half-reaction for the oxidation is

SO3™ + H,0 —> SO + 2H" + 2¢~

A 100.0-mL sample of solution containing 1.390 g of
KIO; reacts with 32.5 mL of 0.500 M Na,SO;. What
is the final oxidation state of the iodine after the reac-
tion has occurred?

498 Calcium oxalate (CaC,0y), the main component of kid-
ney stones, is insoluble in water. For this reason it can
be used to determine the amount of Ca** ions in fluids
such as blood. The calcium oxalate isolated from blood
is dissolved in acid and titrated against a standardized
KMnQ, solution as shown in Problem 4.95. In one test
it is found that the calcium oxalate isolated from a
10.0-mL sample of blood requires 24.2 mL of
9.56 X 10~* M KMnO, for titration. Calculate the
number of milligrams of calcium per milliliter of blood.

Additional Problems

199 Classify the following reactions according to the types
discussed in the chapter:

(a) Cl, + 20H” —> CI™ + CIO™ + H,0
(b) Ca®* + COZ™ — CaCO,
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(c) NH; + H" — NH}
(d) 2CCl, + CrO;~ —>
2COCl, + CrO,Cl, + 2C1™
(e) Ca + F, — CaF,
(f) 2Li + H, — 2LiH
(g) Ba(NO;), + Na,SO, — 2NaNO; + BaSO,
(h) CuO + H2 —> Cu + H20
(i) Zn + 2HC1 — ZnCl, + H,
(j) 2FeCl, + Cl, — 2FeCl;

4.100 Oxygen (O,) and carbon dioxide (CO,) are colorless
and odorless gases. Suggest two chemical tests that
would enable you to distinguish between these two
gases.

4.101 Which of the following aqueous solutions would you
expect to be the best conductor of electricity at 25°C?
Explain your answer.

(a) 0.20 M NaCl

(b) 0.60 M CH;COOH
(c) 0.25 M HCI

(d) 0.20 M Mg(NO3),

4.102 A 5.00 X 10*-mL sample of 2.00 M HClI solution is
treated with 4.47 g of magnesium. Calculate the
concentration of the acid solution after all the metal
has reacted. Assume that the volume remains
unchanged.

4.103 Calculate the volume of a 0.156 M CuSO, solution
that would react with 7.89 g of zinc.

4.104 Sodium carbonate (Na,COs) is available in very pure
form and can be used to standardize acid solutions.
What is the molarity of a HCI solution if 28.3 mL of
the solution are required to react with 0.256 g of
Na2C03?

4.105 A 3.664-g sample of a monoprotic acid was dissolved
in water. It took 20.27 mL of a 0.1578 M NaOH solu-
tion to neutralize the acid. Calculate the molar mass of
the acid.

4.106 Acetic acid (CH;COOH) is an important ingredient
of vinegar. A sample of 50.0 mL of a commercial
vinegar is titrated against a 1.00 M NaOH solution.
What is the concentration (in M) of acetic acid pres-
ent in the vinegar if 5.75 mL of the base are needed
for the titration?

4.107 A 15.00-mL solution of potassium nitrate (KNO3)
was diluted to 125.0 mL, and 25.00 mL of this solu-
tion were then diluted to 1.000 X 10* mL. The con-
centration of the final solution is 0.00383 M. Calculate
the concentration of the original solution.

4.108 When 2.50 g of a zinc strip were placed in a AgNO;
solution, silver metal formed on the surface of the
strip. After some time had passed, the strip was re-
moved from the solution, dried, and weighed. If the
mass of the strip was 3.37 g, calculate the mass of Ag
and Zn metals present.
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4.109 Calculate the mass of the precipitate formed when
2.27 L of 0.0820 M Ba(OH), are mixed with 3.06 L of
0.0664 M Na,SO,.

4.110 Calculate the concentration of the acid (or base) re-

maining in solution when 10.7 mL of 0.211 M HNO;
are added to 16.3 mL of 0.258 M NaOH.

4.111 (a) Describe a preparation for magnesium hydroxide
[Mg(OH),] and predict its solubility. (b) Milk of
magnesia contains mostly Mg(OH), and is effective
in treating acid (mostly hydrochloric acid) indiges-
tion. Calculate the volume of a 0.035 M HCI
solution (a typical acid concentration in an upset
stomach) needed to react with two spoonfuls (approx-
imately 10 mL) of milk of magnesia [at 0.080 g
Mg(OH),/mL].

4.112 A 1.00-g sample of a metal X (that is known to form
X2" jons) was added to 0.100 L of 0.500 M H,SO,.
After all the metal had reacted, the remaining acid re-
quired 0.0334 L of 0.500 M NaOH solution for neu-
tralization. Calculate the molar mass of the metal and
identify the element.

4.113 A quantitative definition of solubility is the number of
grams of a solute that will dissolve in a given volume
of water at a particular temperature. Describe an ex-
periment that would enable you to determine the solu-
bility of a soluble compound.

4.114 A 60.0-mL 0.513 M glucose (C¢H;,0¢) solution is
mixed with 120.0 mL of 2.33 M glucose solution.
What is the concentration of the final solution? As-
sume the volumes are additive.

4.115 An ionic compound X is only slightly soluble in wa-
ter. What test would you employ to show that the
compound does indeed dissolve in water to a certain
extent?

4.116 A student is given an unknown that is either iron(II)
sulfate or iron(I1I) sulfate. Suggest a chemical proce-
dure for determining its identity. (Both iron com-
pounds are water soluble.)

4.117 You are given a colorless liquid. Describe three chem-
ical tests you would perform on the liquid to show that
it is water.

4.118 Using the apparatus shown in Figure 4.1, a student
found that a sulfuric acid solution caused the lightbulb
to glow brightly. However, after the addition of a cer-
tain amount of a barium hydroxide [Ba(OH),] solu-
tion, the light began to dim even though Ba(OH), is
also a strong electrolyte. Explain.

4.119 You are given a soluble compound of unknown mo-
lecular formula. (a) Describe three tests that would
show that the compound is an acid. (b) Once you have
established that the compound is an acid, describe
how you would determine its molar mass using a
NaOH solution of known concentration. (Assume the
acid is monoprotic.) (¢) How would you find out

whether the acid is weak or strong? You are providi
with a sample of NaCl and an apparatus like th
shown in Figure 4.1 for comparison.

4.120 You are given two colorless solutions, one containiil
NaCl and the other sucrose (C;,H»,0;;). Suggesl §
chemical and a physical test that would allow you ({
distinguish between these two solutions.

4.121 The concentration of lead ions (Pb2+) in a sample ¢
polluted water that also contains nitrate jons (NO; ) f
determined by adding solid sodium sulfate (Na,SO,}
to exactly 500 mL of the water. (a) Write the molecy
lar and net ionic equations for the reaction. (b) Calci
late the molar concentration of Pb>* if 0.00450 g of
Na,SO, was needed for the complete precipitation of
Pb”* ions as PbSO,.

4.122 Hydrochloric acid is not an oxidizing agent in th¢
sense that sulfuric acid and nitric acid are. Expluil}
why the chloride ion is not a strong oxidizing ageil
like SO~ and NOj3 . _

4.123 Explain how you would prepare potassium iodide (KI}
by means of (a) an acid-base reaction and (b) a rea¢’
tion between an acid and a carbonate compound.

4.124 Sodium reacts with water to yield hydrogen gas. Why
is this reaction not used in the laboratory preparatiol}
of hydrogen?

4.125 Describe how you would prepare the following coni
pounds: (a) Mg(OH),, (b) Agl, (c) Ba3(POy),.

4.126 Someone spilled concentrated sulfuric acid on the
floor of a chemistry laboratory. To neutralize the acid,
would it be preferrable to pour concentrated sodiun
hydroxide solution or spray solid sodium bicarbonalg
over the acid? Explain your choice and the chemicil
basis for the action.

4.127 Describe in each case how you would separate the
cations or amions in an aqueous solution of: ()
NaNO; and Ba(NOs3),, (b) Mg(NO;), and KNO;, (¢)
KBr and KNO;, (d) K;PO,4 and KNO;, (e) Na,CO;
and NaNOQO;.

4.128 The following are common household compounds:
table salt (NaCl), table sugar (sucrose), vinegar (coi:
tains acetic acid), baking soda (NaHCO;), washing
soda (Na,CO; - 10H,0), boric acid (H3BO3, used il
eyewash), epsom salt (MgSO, - 7H,0), sodium hy:
droxide (used in drain openers), ammonia, milk of
magnesia [Mg(OH),], and calcium carbonate. Based
on what you have learned in this chapter, describe
test(s) that would enable you to identify each of thesc
compounds.

4.129 Sulfites (compounds containing the SO%‘ ions) ar¢
used as preservatives in dried fruit and vegetables
and in wine making. In an experiment to test the
presence of sulfite in fruit, a student first soaked sev.
eral dried apricots in water overnight and then fil-
tered the solution to remove all solid particles. She
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then treated the solution with hydrogen peroxide
(11,0,) to oxidize the sulfite ions to sulfate ions. Fi-
nully, the sulfate ions were precipitated by treating
(he solution with a few drops of a barium chloride
(3aCl,) solution. Write a balanced equation for each
vl the preceding steps.

{0 A (0.8870-g sample of a mixture of NaCl and KCl is
dissolved in water, and the solution is then treated
with an excess of AgNO; to yield 1.913 g of AgCl.
(‘nlculate the percent by mass of each compound in
the mixture.

111 Chlorine forms a number of oxides with the following
uxidation numbers: +1, +3, +4, +6, and +7. Write a
{ormula for each of these compounds.

112 A useful application of oxalic acid is the removal of
rust (Fe,O3) from, say, bathtub rings according to the
reaction
FL‘QO:;(S) + 6H2C204(aq) — .

2Fe(C,04)3 (aq) + 3H,0 + 6H" (aq)

Culculate the number of grams of rust that can be re-
moved by 5.00 X 10> mL of a 0.100 M solution of
oxalic acid.

|| 1 Acetylsalicylic acid (CoHgQ,) is a monoprotic acid
commonly known as “aspirin.” A typical aspirin
tublet, however, contains only a small amount of the
ucid. In an experiment to determine its composition,
un aspirin tablet was crushed and dissolved in water. It
took 12.25 mL of 0.1466 M NaOH to neutralize the
solution. Calculate the number of grains of aspirin in
the tablet. (One grain = 0.0648 g.)

%4 A 0.9157-g mixture of CaBr, and NaBr is dissolved in
water, and AgNQ; is added to the solution to form
AgBr precipitate. If the mass of the precipitate is
1.6930 g, what is the percent by mass of NaBr in the
original mixture?

4 115 Hydrogen halides (HF, HCI, HBr, HI) are highly reac-
tive compounds that have many industrial and labora-
tory uses. (a) In the laboratory, HF and HCI can be
generated by reacting CaF, and NaCl with concen-
trated sulfuric acid. Write appropriate equations for
the reactions. (Hint: These are not redox reactions.)
(b) Why is it that HBr and HI cannot be prepared sim-
ilarly, that is, by reacting NaBr and Nal with concen-
trated sulfuric acid? (Hinz: H,SOy is a stronger oxi-
dizing agent than both Br, and I,.) (¢) HBr can be
prepared- by reacting phosphorus tribromide (PBr;)
with water. Write an equation for this reaction.

136 A 325-mL sample of solution contains 25.3 g of
CaCl,. (a) Calculate the molar concentration of C1™ in
this solution. (b) How many grams of C1~ are in 0.100 L
of this solution?
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4.137 Phosphoric acid (H;PO,) is an important industrial
chemical used in fertilizers, in detergents, and in the
food industry. It is produced by two different meth-
ods. In the electric furnace method, elemental phos-
phorus (P,) is burned in air to form P,O,,, which is
then reacted with water to give H;PO,. In the wet
process, the mineral phosphate rock [Cas(PO,4);F] is
reacted with sulfuric acid to give H3PO, (and HF and
CaS0,). Write equations for these processes and
classify each step as precipitation, acid-base, or re-
dox reaction.

4.138 Ammonium nitrate (NH,NO5) is one of the most im-
portant nitrogen-containing fertilizers. Its purity can
be analyzed by titrating a solution of NH,NO; with a
standard NaOH solution. In one experiment a 0.2041-g
sample of industrially prepared NH,NO; required
24.42 mL of 0.1023 M NaOH for neutralization.

(a) Write a net ionic equation for the reaction.
(b) What is the percent purity of the sample?
4.139 Is the following reaction a redox reaction? Explain.

30,(g) — 20s(g)

4.140 What is the oxidation number of O in HFO?

4.141 Use molecular models like those in Figures 4.7 and
4.8 to represent the following acid-base reactions:

(a) OH™ + H;0" —> 2H,0
(b) NH; + NH, — 2NH,
Identify the Bronsted acid and base in each case.

4.142 The alcohol content in a 10.0-g sample of blood from
a driver required 4.23 mL of 0.07654 M K,Cr,0- for
titration. Should the police prosecute the individual
for drunken driving? (Hint: See Chemistry in Action
essay on p. 143.)

4.143 On standing, a concentrated nitric acid gradually turns
yellow in color. Explain. (Hint: Nitric acid slowly de-
composes. Nitrogen dioxide is a colored gas.)

4.144 Describe the laboratory preparation for the follow-
ing gases: (a) hydrogen, (b) oxygen, (c¢) carbon diox-
ide, and (d) nitrogen. Indicate the physical states of
the reactants and products in each case. [Hint: Nitro-
gen can be obtained by heating ammonium nitrite
(NH4NO,) ]

4.145 Referring to Figure 4.18, explain why one must first
dissolve the solid completely before making up the so-
lution to the correct volume.

4.146 Can the following decomposition reaction be charac-
terized as an acid-base reaction? Explain.

NH,CI(s) —> NH;(g) + HCl(g)
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Special Problems

4.147 Give a chemical explanation for each of the follow-
ing: (a) When calcium metal is added to a sulfuric
acid solution, hydrogen gas is generated. After a few
minutes, the reaction slows down and eventually
stops even though none of the reactants is used up.
Explain. (b) In the activity series, aluminum is above
hydrogen, yet the metal appears to be unreactive to-
ward steam and hydrochloric acid. Why? (¢) Sodium
and potassium lie above copper in the activity series.
Explain why Cu®* jons in a CuSO, solution are not
converted to metallic copper upon the addition of
these metals. (d) A metal M reacts slowly with
steam. There is no visible change when it is placed in
a pale green iron(II) sulfate solution. Where should
we place M in the activity series? (e) Before alu-
minum metal was obtained by electrolysis, it was
produced by reducing its chloride (AICl;) with an
active metal. What metals would you use to produce
aluminum in that way?

4.148 The recommended procedure for preparing a very di-
lute solution is not to weigh out a very small mass or
measure a very small volume of a stock solution. In-
stead, it is done by a series of dilutions. A sample of
0.8214 g of KMnO, was dissolved in water and
made up to the volume in a 500-mL volumetric flask.
A 2.000-mL sample of this solution was transferred
to a 1000-mL volumetric flask and diluted to the
mark with water. Next, 10.00 mL of the diluted solu-
tion were transferred to a 250-mL flask and diluted
to the mark with water. (a) Calculate the concentra-
tion (in molarity) of the final solution. (b) Calculate
the mass of KMnO, needed to directly prepare the fi-
nal solution.

4.149 The following “cycle of copper” experiment is per-
formed in some general chemistry laboratories. The
series of reactions starts with copper and ends with
metallic copper. The steps are as follows: (1) A
piece of copper wire of known mass is allowed to re-
act with concentrated nitric acid [the products are
copper(Il) nitrate, nitrogen dioxide, and water]. (2)
The copper(Il) nitrate is treated with a sodium hy-
droxide solution to form copper(Il) hydroxide pre-
cipitate. (3) On heating, copper(Il) hydroxide de-
composes to yield copper(Il}) oxide. (4) The
copper(II) oxide is reacted with concentrated suifu-
ric acid to yield copper(Il) sulfate. (5) Copper(Il)
sulfate is treated with an excess of zinc metal to
form metallic copper. (6) The remaining zinc metal
is removed by treatment with hydrochloric acid, and
metallic copper is filtered, dried, and weighed. (a)
Write a balanced equation for each step and classify
the reactions. (b) Assuming that a student started

with 65.6 g of copper, calculate the theoretical yi¢
at each step. (c) Considering the nature of the stufl
comment on why it is possible to recover most of |
copper used at the start.

4.150 A quantity of 25.0 mL of a solution containing h(

Fe?* and Fe** ions is titrated with 23.0 mL of 0.02(0)
KMnOy (in dilute sulfuric acid). As a result, all of {
Fe?* ions are oxidized to Fe*>* ions. Next, the solull{
is treated with Zn metal to convert all of the Fe** il
to Fe>* ions. Finally, the solution containing only |
Fe?™ ions requires 40.0 mL of the same KMnO, sl
tion for oxidation to Fe*". Calculate the molar ()
centrations of Fe>* and Fe®" in the original solutit
The net ionic equation is

MnOj + 5Fe?* + 8H' —>
Mn?" + 5Fe** + 4H,0

4.151 Use the periodic table framework shown to show ilf

names and positions of two metals that can (a) |}
place hydrogen from cold water, (b) displace hydi
gen from steam, and (c) displace hydrogen from acii}
Also show two metals that can react neither with w
ter nor acid.

R

K

‘4,152 Referring to the Chemistry in Action essay on pay

155, answer the following questions: (a) Identify (h

precipitation, acid-base, and redox processes. (b) li

stead of calcium oxide, why don’t we simply adif
sodium hydroxide to seawater to precipitate mague

sium hydroxide? (c) Sometimes a mineral calle(
dolomite (a mixture of CaCO3 and MgCOQs) is subsi|

tuted for limestone to bring about the precipitation of
magnesium hydroxide. What is the advantage of using
dolomite?

4.153 A 22.02-mL solution containing 1.615 g Mg(NO;), i\

mixed with a 28.64-mL solution containing 1.073 |
NaOH. Calculate the concentrations of the ions r¢
maining in solution after the reaction is complete. As
sume volumes are additive.

4.154 Because acid-base and precipitation reactions dis:

cussed in this chapter all involve ionic species, theif:
progress can be monitored by measuring the electricul
conductance of the solution. Match the following
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reactions with the diagrams shown here. The electrical
conductance is shown in arbitrary units.

(1) A 1.0 M KOH solution is added to 1.0 L of 1.0 M
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(3) A 1.0 M BacCl, solution is added to 1.0 L of
1.0 M K,SO,.

(4) A 1.0 M NaCl solution is added to 1.0L of 1.0 M

CH,;COOH. AgNO;.
(2) A 1.0 M NaOH solution is added to 1.0 L of (5) A 1.0 M CH;COOH solution is added to 1.0 L of
1.0 M HCL. 1.0 M NH.,
o4 i
g I
g3k T
2 i —1i |l
82i: Al 2 12 T
= TN | . ]
2 e ] il i i
g 1 T 3 i |
1.0 2.0 1.0 2.0 1.0 2.0 1.0 2.0
Volume (L) Volume (L) Volume (L) Volume (L)

(a) (b)

Answers to Practice Exercises

) (1) Insoluble, (b) insoluble, (c) soluble. 4.2 A13+(aq) +
DIl (aq) —> AI(OH)3(s). 4.3 (a) Brgnsted base,

Iy) IWrgnsted acid. 4.4 (@) P: +3,F: —1; (b) Mn: +7,0: —2.
A (1) Hydrogen displacement reaction, (b) combination
Nivlion, (c) disproportionation reaction, (d) metal
fuplacement reaction. 4.6 0.452 M. 4.7 494 mL.

A Dilute 34.2 mL of the stock solution to 200 mL.

W 92.02%. 4.100.3822 g. 4.11 10.1 mL. 4.12 204 mL.

(©) (d)




CHEMICAL

Mystery

Who Killed Napoleon?

fter his defeat at Waterloo in 1815, Napoleon was exiled to St. Helena, a small island

the Atlantic Ocean, where he spent the last six years of his life. In the 1960s, samples {
his hair were analyzed and found to contain a high level of arsenic, suggesting that he migl
have been poisoned. The prime suspects are the governor of St. Helena, with whom Napolg
did not get along, and the French royal family, who wanted to prevent his return to France,

Elemental arsenic is not that harmful. The commonly used poison is actually arsenic(ll|
oxide, As,O3, a white compound that dissolves in water, is tasteless, and if administered ov¢
a period of time, is hard to detect. It was once known as the “inheritance powder” becaus¢
could be added to grandfather’s wine to hasten his demise so that his grandson could inhef
the estate!

In 1832 the English chemist James Marsh devised a procedure for detecting arsenic. Tl
test, which now bears Marsh’s name, combines hydrogen formed by the reaction between zi|
and sulfuric acid with a sample of the suspected poison. If As,O is present, it reacts will
hydrogen to form a toxic gas, arsine (AsH;). When arsine gas is heated, it decomposes to fori
arsenic, which is recognized by its metallic luster. The Marsh test is an effective deterrent 1

Apparatus for Marsh's test. Sulfuric
acid is added to zinc metal and a solu-

— H,SO

tion containing arsenic(ili) oxide. The 12305
hydrogen produced reacts with As,03
to yield arsine (AsHs). On heating, ar- i Hydrogen flame
sine decomposes to elemental arsenic, ¢
which has a metallic appearance, and
hydrogen gas. o

‘ y ! n ’

Shiny metallic ring

/ As,0, solution

Zinc granules

l 166




ser by As;Oj3, but it was invented too late to do Napoleon any good, if, in fact, he was a
41 of deliberate arsenic poisoning.

Doubts about the conspiracy theory of Napoleon’s death developed in the early 1990s,
il 1 sample of the wallpaper from his drawing room was found to contain copper arse-
{CuHAsQ,), a green pigment that was commonly used at the time Napoleon lived. It
een suggested that the damp climate on St. Helena promoted the growth of molds on
willpaper. To rid themselves of arsenic, the molds could have converted it to trimethyl
ljie |(CH3)3As], which is a volatile and highly poisonous compound. Prolonged exposure
liexe vapors would have ruined Napoleon’s health and would also account for the pres-
¢ ul arsenic in his body, though it may not have been the primary cause of his death.
|y provocative theory is supported by the fact that Napoleon’s regular guests suffered from
{iointestinal disturbances and other symptoms of arsenic poisoning and that their health
weemed to improve whenever they spent hours working outdoors in the garden, their main
ihy on the island.

We will probably never know whether Napoleon died from arsenic poisoning, intentional
Avcidental, but this exercise in historical sleuthing provides a fascinating example of the use
\ hemical analysis. Not only is chemical analysis used in forensic science, but it also plays
gxsential part in endeavors ranging from pure research to practical applications, such as qual-
vontrol of commercial products and medical diagnosis.
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hemical Clues

. The arsenic in Napoleon’s hair was detected using a technique called neutron activation.
When As-75 is bombarded with high-energy neutrons, it is converted to the radioactive
As-76 isotope. The energy of the 7y rays emitted by the radioactive isotope is characteristic
ol arsenic, and the intensity of the rays establishes how much arsenic is present in a sam-
ple. With this technique, as little as 5 ng (5 X 10~° g) of arsenic can be detected in 1 g
ol material. (a) Write symbols for the two isotopes of As, showing mass number and
atomic number. (b) Name two advantages of analyzing the arsenic content by neutron acti-
vation instead of a chemical analysis.

irogen flame

e

Arsenic is not an essential element for the human body. (a) Based on its position in the
periodic table, suggest a reason for its toxicity. (b) In addition to hair, where else might
one look for the accumulation of the element if arsenic poisoning is suspected?

‘I'he Marsh test for arsenic involves the following steps: (a) The generation of hydrogen
gas when sulfuric acid is added to zinc. (b) The reaction of hydrogen with As(III) oxide
to produce arsine. (c) Conversion of arsine to arsenic by heating. Write equations repre-
senting these steps and identify the type of the reaction in each step.

A lock of Napoleon's hair.



