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We see that the conversion factor used here is the inverse of
the one used in Example 1. In each case, we used the one we needed
to convert from the unit that we had to the one that we wanted.

O

We can use more than one factor to do conversions that are a
little more complicated.

EXAMPLE 3 Change 1.660 hours to seconds.

Solution We know that there are exactly 60 minutes in an
hour, and exactly 60 seconds in each minute:

60 minutes
1 hour

99.60 minutes (M) = 5976 seconds UV
1 minute O .
Alternatively, we can do both operati ng@_\avmg for

the intermediate answer in minu SQ
1. 660 t; & conds 2?9%nds

\N know that t sec nds in an hour, we do not

two e many problems in chemistry later

1n thls bo ore than one factor is needed, so it is well
amned how

that we le to handle more than one factor here.) O

1.660 hours ( ) = 99.60 minutes

Working dimensional analysis problems with familiar prob-
lems will enable us to use the methods with the less familiar prob-
lems still to come. We can’t make the mistake of not learning the
method here because we don’t need it yet.

We can use percentages as factors in working with dimensional
analysis. For example if an elementary school class is 40% girls and
60% boys, we can tell how many children are in a class with 48 boys:

48D <100 children

= hil
60 boys ) 80 children

In chemistry, if a compound of elements A and B is 25% by mass
element A, there is (25 g A)/(100 g total) by definition. But also,
there is (75 g B)/(100 g total) and also there is (25 g A)/(75 g B).
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Table 1-1 Order of Precedence

Highest

Parentheses

Exponentiation or unary minus
Multiplication or division
Addition or subtraction

Lowest

precedence than do addition or subtraction. The orders of prece-
dence are presented in Table 1-1.

Operations of equal precedence are done from left to right ex-
cept for exponentiation and unary minus, which are done from right
to left. (Unary minus is a minus sign that denotes a negative number
rather than a subtraction.)

EXAMPLE 6 Calculate each answer on the calculator: O UV
.

. C
EZ; ib—’/—csﬁl,xvfherf,x a=6b=3,c=2a ésa.\e *
(c) 2" with x =3 0‘1{

d -3

‘ © (;\3;& _S( Om
io
{ e\, ‘a)ahe a r@@@s 9,’)0'Hesponding to2 + 12 — 5. (The mul-

tiplic;? i first.)

(b) The an$wer displayed is 2.25, corresponding to %8. If the answer
displayed was 36, the 9 in the display was multiplied by the 4.
Because the calculator has a different precedence rule for division
and multiplication than we follow in the algebraic expression
ab/cd, where both multiplications are done first, we must divide
the 18 by 2 and then divide that answer by 4. Alternatively, we

may place parentheses around the (2 x 4).

l6] 1] 3][+] ][4l =]
or [6]1][3][=1[0[2][]4]DI[=]

(¢) 512. This answer is equivalent to 2° rather than 82 since expo-
nentiation is done right to left.

(d) —9. The squaring is done on the 3, not on —3, because expo-
nentiation and unary minus are done right to left.
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Thus they will be charging 75% of their regular rate:

16 dollars (regular) ( 75 dollars (special) )

100 dollars of loan \ 100 dollars (regular)

_ |12 dollars (special) 19%
100 dollars of loan
5. (a) =7 (b) 0.75 (c) 75
(d) —6.0 (The subtraction left only two significant digits.)
(e) 0.668 [Not too different from answer (b) because the values
were not too different.]
(f) 80.1 [Not too different from answer (c) because the values were
not too different.]
6. (a) —3.80 x 10'® (Watch the minus sign and the significant digits.)
(b) 0.116 (c) 4.57 x 107" (Note that — |4 is larger than —15.) V
(d) 1.60 x 1077 (We never touched the multiply key!) u
7. (a)100.0 (b) 4.470 (c) 7.389 (d) I029
8. Each model calculator is different, so read t 2\

the instructions here are not a pllca
(a) 0.377 (Use the | T s
(b) 55.2 ey oranother me%od %%owerful

calc
\e“ﬂ) se the and LE ke
{ e\, (d) | % ug Fand |L m keys; use only two
d

t|f

since the 3 shows the magnitude of this number.)
Each el calculator is different, so the results may be slightly
different from these.
(a) —0.586700236 (b) —3.586700236 (c) —9.586700236
(d) —13.58670024
The only difference among the numbers given are the powers of 10.
The only difference in the logarithms are the integer portions
[except for a round-off in part (d)]. The characteristic (integer
portion) of the logarithm shows only the magnitude of the original
number, and the first three digits of the mantissa (the decimal
fractional part) are the significant digits (reflecting the three
significant digits in the numbers given). We should report the values
(a) —0.587 (b) —3.587 (c) —9.587 (d) —13.587
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Chapter 2

Measurement

2.1 Metric System Calculations

The metric system along with its newer counterpart, the SI (system
internationale) system of measurement, was designed to make
our measurements and our calculations as easy as possible. @
we have learned it, it is much easier to use ‘éa lé@s

system, as we will see later. It is possible an 90%
of the metric system needed i %@3 mistry course
using only the seven ter Wa reviatio, gable 2-1.
The units w%t? i d ™ the thre foﬂz% sections.

i

t
che

The prefixes introdugd t Abutfu#l[™e intensively

se\;ﬁ meétric conversio l@wti Please note carefully the
&) idtions, and g one for each term. Note that
the abbre and for milli- are both the same—m.
It is easy t& telMTe«ddfference because milli- is a prefix, so an m
before another letter means milli-. If the m is not before another
letter, it means meter. Please note that of the abbreviations in
Table 2-1, only the L for liter is capitalized. We must use the
proper capitalization from the start or we will mix ourselves up.
For example, capital M stands for another quantity (molarity) or
another prefix (mega-).

Length or Distance

The unit of length or distance in the metric system is the
meter. The meter was originally defined as 1 ten-millionth of the
distance from the north pole to the equator through Paris, France.
That is a rather difficult measurement to make, so later the meter
was defined as the distance between two scratches in a special bar
kept in a vault in Sevres, France. There is an even later definition,
but we will be satisfied that it is the distance between those two

14
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Cubic meter Cubic decimeter Cubic centimeter

Liter Milliliter
100cm
1m i
:
|
100 cm i 10cm /|
1m e 10 i 1cm
. cm| L1 N
.~ . 1 cm
100 cm 10 cm 1cm
1m 1dm
Volume: (100 cm)? (10 cm)?® (1 cm)®
1,000,000 cm?® 1,000 cm? 1cmd

Fig. 2-2 Relationships of SI and Metric Units of Volume. (Not

drawn to scale.) CO

(b) 1.49 m < 01 — 149 CN@K@%Q'}M 0

(©) 1.49 m(%‘%@m _‘ %) 90 001 for
\N the first m) [

e\, &AMPLE a@% m‘% cubic centimeters.

Solution

250 m> 1,000,000 cm?
’ 1m3

) =2,500,000 cm® =2.50 x 10 cm?

Note that 1 cubic meter is equal to 1 million cubic centimeters! (See
Fig. 2-2.) O

EXAMPLE 4 Convert 2.50 m? to liters.

Solution We know that 1 cubic meter is equal to 1000 cubic
decimeters (Fig. 2-2) and that it is also 1000 L.

1000L
2.50m3( fg‘; )22500L O




Units in Scientific Calculations

When arithmetic operations are done with measurements, some-
times the units must be adjusted. (1) In addition or subtraction
problems, the units of the measurements must be the same. For
example, to add 2.00 m and 10.0 cm, we must change one of the
values to the units of the other: 200 cm + 10.0 cm, is one possibility.
(2) In multiplication or division of lengths, the square of lengths,
and/or the cube of lengths, the length units must be the same. For
example, to divide 2cm? by a length, the length must be in cen-
timeters. To multiply 2.00 m and 10.0 cm, again we should change
one to the units of the other: 200 cm x 10.0 cm, is one possibility.
(3) Otherwise, in multiplication or division, the units do not have to
be the same. To divide 40.0 g by 23.0 cm?, we do not have to change
any units because grams is not a unit of length.

2.2 Significant Digits uy
No measurement can be made perfectly. Every m urlng @ .

ment has a limit as to how precisely it can be

we would never try to measure the le @a w1th an

automobile odometer (mllea ists attempt to read

every 1nstrument to o a est S n Thus a
meter stlck iki arks (th Q c ters with
each C ‘ﬁ d 1nto 1 ated to 0.1 mm.

ist reports th 3 su SO measurement the scien-

\, ses as ma s ry to indicate how precisely the

{ e measure @ he scientist might report 0.0531 m to re-

port a len th. ve to recognize which of these digits record

the precision of the measurement, which are present only to specify

the magnitude of the answer, and which do both. If the digit helps

report the precision, it is called a significant digit or a significant

figure. The word significant in this sense does not mean important; it

means having to do with precision! Every digit serves to report either

the magnitude or the precision of the measurement, or both. If the
digit reports the magnitude only, it is nonsignificant.

Significant Digits in Reported Values

First we must learn to recognize which digits in a properly reported
number are significant. They include all nonzero digits. Zeros are
determined to be significant or not according to the following rules:

1. All zeros to the right of all other digits and to the right of the
decimal point are significant. For example, in 1.200 cm, the zeros
are significant.
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(d) We merely drop the last 3, leaving us three significant digits. Do
not confuse the number of significant digits with the number of dec-
imal place digits. (¢) We drop the 48, since the 4 is less than 5. We do
not drop one digit at a time. We do not round the 4 to 5 by dropping
the last digit and then change the 6 to 7 by dropping that 5. The 48
is less than 50, so we do not round up the last remaining digit. [

Sometimes it is necessary to add digits to obtain the proper
number of significant digits in our answer.

EXAMPLE 9 Divide 7.86 cm? by 3.93 cm.

Solution The answer on our calculator is 2 (cm), but the an-
swer must contain three significant digits, so we add two zeros to
the calculator’s result to get 2.00 cm. g

The question is often asked “How many significant digits
should we use?” The answer is that we determine_how m

using the measurements given in the problem. F @)

products in a multiplication all have fo ﬁ@x its, then
B e problem has no

we use four in the final ansyer\I

numeric data in its stat e cent cQ problem
(Section 4.3p mﬁﬁ at® least thr ﬂgt gits in its
solu'ug\l ng errors,&o— c results.

entific

SCIenUStSPO& ers from literally astronomical to almost in-
finitesimal In Order to do so conveniently, we use scientific no-
tation, also known as standard exponential notation. Scientific
notation is a form of a number with a decimal coefficient times a
power of 10. The following number is in scientific notation, with its
parts identified:

base exponent

\
1.246 x 10°
/
coefficient exponential part

A number in scientific notation has a coefficient that is 1 or more
but less than 10, and it has an integral exponent, which may be
positive, zero, or negative.

EXAMPLE 10 Which one(s) of the following numbers are in scien-
tific notation?

23
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18.

re\"e

21.

22.
23.
24.

25.
26.
27.
28.

How many significant digits are present in the Kelvin scale
equivalent of 0°C?

What is the sum, to the proper number of significant digits,

of 1.83 x 10'"mand 6.74 x 10°m?

What is the sum, to the proper number of significant digits, of

1.83 x 10" cm and 6.74 x 10° m?

Calculate the density of a rectangular solid that is 40.0 cm by

10.0 cm by 5.00 cm and has a mass of 4.50 kg.

Which has a greater density, a sample of oxygen gas at 2.00 g/dm3
or a sample of water at 1.00 g/lcm3? Explain.

A rectangular drinking trough for animals is 2.10 m long, 43.1 cm
wide, and 21.7 cm deep. A 2.60 x 10° g sample of liquid with
density 1.73 kg/dm? is placed in it. (a) To find the depth of the
liquid, what should we do to the measurements with regard to their
units? (b) How can we calculate the volume of the trough? (c) What
can we calculate from the density and the mass of liquid? (d

expect the volumes of the trough and the liquid to pe

(e) How can we calculate the height of the li UI %

length, and width?

If light travels 3.00 x 108 can Ilgh vel in

es Ilght about 4ears t from the nearest big star to the

1.00 year?
If light v‘sgg) m/s and |t t; ligh 2 s to get
m th he eartgw far sun?

108 m/s. How far away is the

eart

star:?

A rectangular drinking trough for animals is 2.10 m long, 43.1 cm
wide, and 21.7 cm deep. A 2.60 x 10° g sample of liquid with
density 1.73 kg/dm? is placed in it. (a) Convert the length to
centimeters and the density to grams per cubic centimeter.

(b) Calculate the volume of the trough. (c) Calculate the volume of
the liquid. (d) Are the volumes of the trough and the liquid the
same! (e) Calculate the height of the liquid.

Calculate the volume of 2.50 kg of mercury (density 13.6 g/mL).
Calculate the mass of 1.75L of iron (density 7.86 g/mL).

A sample of a pure substance has a mass of 329 g and a volume of
41.9 mL. Use a table of densities to determine the identity of the
substance.

Convert 35°C to the Kelvin scale.

Convert 422 K to Celsius.

Convert the density 5.94 kg/m® (a) to g/cm?. (b) to kg/dm?.
Under certain conditions, air has a density of about 1.3 kg/m3.

29
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The weighted average of several sets of items is the average
with regard to the number in each set. For example, if the Jones
family has triplet boys, each weighing 90 pounds, and one girl, who
weighs 50 pounds, the average of one boy and the girl is 70 pounds,
but the weighted average of all the children is 80 pounds:

90 pounds
90 pounds or 3(90 pounds) + 50 pounds = 320 pounds
90 pounds
50 pounds
320 pounds
Weighted average = (320 pounds)/(4 children) = 80 pounds

The atomic mass of each element can be determined in t
ferent ways: (1) as was done historically, by compan e aCa
occurring mixture versus a standard (now presently

done with the modern mass ring the mass of
each isotope and the per m ce of eag
a mass 2.026

EXAMPLE | -ﬁfg s of a certai Qb .
¢t1 fan equal @ ms. What is the atomic
t e element7 b, T% entisit? (c) Whatis the best way
(o) make numbers of atoms of two elements
to Comp

Solution
(a) The mass of the average atom is 2.026 times that of a 1>C atom:

2.026(12.00 amu) = 24.31 amu

(b) Magnesium (see the periodic table).

(c) The best way to get equal numbers of atoms is to make
a compound of the two elements that has them in a 1:1
ratio. 0

EXAMPLE 2 Naturally occurring magnesium consists 78.70% of
24Mg, with atoms of mass 23.98504 amu, 10.13% of 2°Mg, with
atoms of mass 24.98584 amu, and 11.17% 2°Mg, with atoms of mass
25.98259 amu. Calculate the atomic mass of magnesium.

45
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4.3 Percent Composition

The subscripts in the formula of a compound give the mole ratio of
atoms of the elements in the compound. For example, H,SO4 has a
mole ratio of 2 mol of hydrogen atoms to 1 mol of sulfur atoms to
4 mol of oxygen atoms. The percent composition refers to the mass
ratio of the elements converted to percentage. To get the percent
composition, take an arbitrary quantity of the compound (1.00 mol
is easiest), convert each number of moles of the elements to grams
with the molar masses of the atoms, then calculate the percentage
by dividing the mass of each element by the total mass in the given
quantity of compound (in this case, 1.00 mol).

EXAMPLE 10 Calculate the percent composition of NH4;NO3, an-
other fertilizer.

2mol N 1401gN —28 a\e-

olN

P 26239
e\, \e\N 3 mol ()é;%% OOg o)

Total = 80.05g

I

(Note that we use 16.00 g/mol of oxygen atoms; this problem has
nothing to do with oxygen molecules, O;.)

The percentage of each element is the mass of the element
divided by the total mass, times 100% to convert to percent:

4.032gH 0f — 9
S005g * 1000% = 5.037%H

280281 100.0% = 35.00% N
80.05g

80989 100,00 = 59.95% O
80.058

Total = 99.99%

50
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e\,\ethon We r

We should always check our answer to see that it is reasonable! A total
between 99.5% and 100.5% is reasonable. O

4.4 Empirical Formulas

Empirical formula problems should be done with at least three sig-
nificant digits in each value. If fewer significant digits are used,
rounding errors may yield an incorrect formula.

We have learned how to convert a formula to percent compo-
sition; we will now do the opposite—convert a percent composition
to the empirical formula. The empirical formula of a compound is
its simplest formula, having the smallest possible set of integral sub-
scripts. Thus CH is an empirical formula, but C;Hy is not, because
its subscripts can both be divided by 2. The empirical formula tells
the mole ratio of the atoms of each element to those of every other
element in the compound. If we start with a set of masses for the ele-

ments in the compound, we can change them to moles as sh@
t .

Section 4.2. We then have to make that set of moles i n i
set of moles, and use those integers as subscr thula.

EXAMPLE 11 Calculate the la of glucaege, a simple
sugar, if a certain sa CO ta 93.4 % 6.07 g of
hydrogen, W ygen €

h of the masses to moles:

1mol C
12 01g C = 32.76mol C
1 mol H
1mol O
5242¢g O ———— ) =32.76 mol O
& <16.00g o) mo

We now have a mole ratio of these elements, but it is not an integer
ratio. The easiest way to get an integer ratio is to divide all of these
moles by the magnitude of the smallest:

32.76mol C 32.76mol O
65.55mol H

51
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9.

10.
.

2,

3.
4.

5.

Calculate the number of moles of ethylene glycol, C;HsO,, used as
antifreeze in cars, that are in 47.7 g of C;H,O,.

Calculate the mass in grams of 5.00 x 102 H,O molecules.
Calculate the number of moles of hydrogen atoms in 17.4g

of (NH4)ZSO4

Calculate the percent composition of borax, Na;B, 05, used in
commercial laundry processes.

Calculate the empirical formula of “hypo,” used in photographic
development, consisting of 29.1% Na, 40.5% S, and 30.4% O.
Calculate the percent composition of rubbing alcohol, C;HgO.
Calculate the molecular formula of a compound with molar mass
104 g/mol composed of 92.3% carbon and 7.7% hydrogen.
Consider the formula of hydrazinium nitrate, N,H¢(NO3),.

(a) Calculate its molar mass. (b) Calculate the number of moles of
the compound in 17.4 g of it. (c) Calculate the number of moles
of nitrogen atoms in that quantity of compound. (d) Calculate t
number of individual nitrogen atoms in that quantit

Calculate the number of individual mtrogen ato )\

ammonium azide, NH4N3.

Sc»luiike f{ Yﬁ%ms
2 0l amu |s%ﬁnlc@ the weighted average of
a

a t e |sotop me reasoning tells us that no
chlldren

(a) 2] ) = 27 Oamu
(b) 2. 27 Oamu) = 65.3amu

(60. 4/)(68 9257 amul)o—i(—)‘y(o39 -6%)(70.9249 amu) _ 69 7 amu
Let x = the percentage of the 78.9183 amu isotope,

then (100 — x) = the percentage of the other isotope.

x(78.9183 amu) + (100 — x)(80.9163 amu)

=79.9
100 79.909 amu
78.9183x +8091.63 — 80.9163x = 7990.9
—1.998x = —100.7
x = 50.40%

and (100 — x) = 49.60%

(a) 2(14.0amu) + 9(1.0amu) + 31.0amu + 4(16.0amu)
= 132.0amu (b) 46.0amu (c) 4(31.0amu) = 124amu

55
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We can diagram the overall process as we did in Chapter 4.

Balanced
Molar chemical Molar
Mass | mass of Li | Mmoles | €quation | Moles of | mass of LisN | Mass
of Li of Li LigN of LigN

5.3 Other Conversions

Any quantity that can be converted to moles of reactant or product
may be presented in the statement of a problem. Examples are num-
ber of formula units of reactant or product, or number of moles of
an element in one of the reactants or products, as well as data on
solutions or gases that will be presented later (in Chapters 6 and 7).
In any case, merely convert the quantity given to moles, use the bal-
anced chemical equation as presented in Section 5.1 to determine
the number of moles of reactant or product that was asked c@
and finish the problem as required. é

thermal decomposition of 9. nits ClO3. KCl

is the othej §o(duct m & O_‘ 2?)

heat

{ \, \ez KCIOs ( ag 184 ¥0,(9)
9.97 x 10? nits KCIO3 x

1 mol KCl1O3
6.02 x 1023 formula units of KC1O3

EXAMPLE 3 Calculate the mass of m%ao\uced by the

) = 0.0166 mol KCIO3;

Next, find the number of moles of oxygen, the substance that was
asked about:

3 mol O,

0.0166 mol KCIO; | =20 22
mo 3 (2 mol KCIO;

) = 0.0249 mol O,

Finally, find the mass of oxygen:

320g0,

0.0249 mol O, (1 Mol O,

) = 0797 g0,

6l
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(a) Calculate the number of moles of a solid unknown acid, HA,
that is present if 17.40 mL of 3.00 M NaOH is required to
neutralize it. (b) Calculate the molar mass of the acid if 4.17 g of the
acid was used in part (a).

Calculate the molarity, molality, and mole fraction of a solution of
0.0150 mol of NaCl in 50.0 g of water if the solution has a density
of 1.02 g/mL.

Calculate the mole fraction of each component in a solution of
50.0 g CH;OH and 75.0 g of H,0O.

A 0.100 M solution of NaOH is treated with a 0.100 M solution of
HNO;. At the equivalence point (where the reaction is just
completed), what is the concentration of the NaNO; produced?
Calculate the molar mass of an acid, H,A, if 6.66 g of the acid
required 22.22 mL of 3.000 M NaOH to completely neutralize it.

A solution was 2.40 m and contained 245 g of solvent. Calculate the
molality of the solution after dilution with 125 g more of solvent.
Calculate the molality of an alcohol in aqueous solutjon j the@
fraction of the alcohol is 0.150. aS

Calculate the molar mass of an unkn molecules
that each react with two h 9 g of th@se is

neutrallzed by 41. 4m
SN B(s) +2 ) @4&12(2)'
ulate the m I| us solution 2.24 M in sucrose,

C|2H?ﬁ t the density of the solution is 2.05 g/mL.)

Solutions to Supplementary Problems

80.0 mmol

—— =0320M

250 mL 0.320

.71 mol

————— = 3.42 M (Watch th its!
0500 L 3 (Watch the units!)

4.22 mol L =211L
2.00 mol
1.500 mmol) <0.00I mol

mL I mmol
The number of moles of solute in the initial solution is calculated

first:
1.70 L (2'°|6 :’°') = 3.50 mol

50.00 mL < ) = 0.07500 mol

u\*



do with molarity (Section 6.1). Thus measurement at STP of the vol-
ume of a sample of gas enables calculation of the number of moles
of gas in the sample, and vice versa.

EXAMPLE 5 (a) Calculate the volume occupied by 0.750 mol of O,
at STP. (b) Calculate the number of moles of N, that occupies 7.00 L

at STP.
Solution
22.4 L (at STP)
1 mol
b) 700L{ ———— ) =0.31 1 O
(b) 7.00 (22.4L(at STP)) 0-313 mo

If the sample of gas is not at STP, we can use the combined gas
law to calculate what its volume would be at STP, then convert that
volume to number of moles. Similarly, if the number of moles @ u

given, we can use the molar volume to calculate thegvo, mﬁ
and then convert that with the combined gas law ure

and pressure required. (See Fig. 7-1.)

EXAMPLE 6 Calculat f‘l’noles %t occupies
17.2 L at 25
-

\, \e\N Mol f m \;i)lg_rl‘[‘l:
(© P

Combined
gas law

Volume

at any
pressure and
temperature

Fig. 7-1 Two Step Mole-Volume Problem. To convert moles of
a gas to a volume at any temperature and pressure, first convert
the moles to volume at STP with the molar volume (first arrow),
then convert the volume to the required volume at the given con-
ditions with the combined gas law. If given the P-V-T data, use
the combined gas law first, then the molar volume. Where do we
start? Where the complete data are given. Work toward the answer
required.
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Psz:I’lzRTz: Pl B m -
Ptotal B Mtotal

EXAMPLE 14 Calculate the oxygen pressure in a mixture of

0.500 mol of oxygen and 0.750 mol of nitrogen with a total pressure

of 40.0 kPa.

Solution
P oxygen _ HMoxygen
Pt Motal
Poxygen 0.500 mol
40.0 kPa ~ 1.250 mol

Poxygen = 16.0 kPa O

When a gas is collected over water, some of the water evapo-
rates and its vapor forms a mixture with the other gas. Evaporatig
continues until the rate of evaporation of the liquid water é

the rate at which the water vapor condenses, and t ca
equilibrium is achieved.

A mixture of anormal g i ehaves jugst like any
other gas mlxture as lo ter can ev no water
vapor can co e gas mlxtu is ?'2\ um with
11qu1d pt to red u he water vapor

1n ore liquid la Any attempt at increas-

e water vapg ure S ucrng the volume, for example)
wrll res ﬂ. r condensing. Thus the vapor pressure of
water 1 with liquid water is a constant at any given
temperature Tables of water vapor pressure at various temperatures
are given in texts and typically the water vapor pressure at a specified

temperature is given on exams.

EXAMPLE 15 (a) A mixture of oxygen and water vapor at a total
pressure of 107 kPa is in equilibrium with liquid water at 25°C, at
which temperature the water vapor pressure is 3.2 kPa. Calculate the
pressure of the oxygen. (b) Oxygen is collected over water at 25°C
under a barometric pressure of 107 kPa. (Py,0 = 3.2 kPa) Calculate
the pressure of the oxygen.

Solution

(a) The pressure of the oxygen is the total pressure minus the water
vapor pressure:

Poxygen = 107 kPa — 3.2 kPa = 104 kPa

95



Solution

rhydrogen _ MMoxygen _ 32.0 g/mol _ m _ 308
Toxygen MMhydrogen 2.02 g/mol

T'hydrogen = 3'98(r0xygen)

Hydrogen effuses about four times as fast as oxygen under the same
conditions of temperature and pressure. g

EXAMPLE 18 In a certain experiment, argon effuses from a porous

cup at 4.00 mmol/minute. How fast would chlorine effuse under the
same conditions?

Solution
Ichlorine _ MDMargon _ 39.9 g/mol — 0.750 V
Targon MM _hiorine 70.9 g/mol O u
Tchlorine = (0.750)(4.00 mmol/minute) = 3. %xa @nﬂg

Hints:

1. Once again, itisi é) tt re embert gtrogen
oxygen, ﬂt orine, :Eﬁo with other
WS a @ses that exis lecules.
\é s€ of solution t@@ n rate appear in the numera-
tor.

3 The ?a(gmverse, if the rate of a given gas appears in
the nuWnerator, its molar mass is in the denominator, and vice

versa. O

The time it takes for a gas to diffuse a certain distance is inversely
proportional to its rate of diffusion. (The faster something moves,
the less time it takes to reach its destination.) If a Graham’s law
problem asks for a time, the problem may be solved in terms of
rates, and that information used to get the final answer.

EXAMPLE 19 If escaping ammonia gas can be smelled across a room
in 5.00 minutes, how long would it take to smell chlorine gas under
identical conditions?

Solution The rate ratio is calculated as usual:

Tammonia _ MDMchiorine _ 70.9 g/mol _
MMammonia 17.0 g/mOI

Tchlorine
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Because the ammonia diffuses 2.04 times as fast, the chlorine will
take 2.04 times as long to get there:

Time = (2.04) (5.00 minutes) = 10.2 minutes

Note that the heavier gas (chlorine) takes longer to arrive
(because it diffuses more slowly). O

7.6 Kinetic Molecular Theory Calculations
One of the postulates of the kinetic molecular theory (KMT) states
that the average kinetic energy of the molecules of a gas is directly
proportional to the absolute temperature.

KE = 3RT/2N

where R is expressed in joules per mole per kelvin (1] =1 L-kPa). T V
is absolute temperature and N is Avogadro’s number. A line @ \ x
a bar) over a variable designates the quantity as an a

means the average Kinetic energy.

If two samples of gas are atghe a‘q@% ure the average
kinetic energies of their mol al. That t mean
that the aver ge V o rnoleculiO ever. If

ve

the gases ar ¥ helr nt molecular
the klnet y is half the mass times
e\, \ afe of the Veléty, 1 C

ities must be different.
Since KE for the two gases is the same, but m is different, v2 must
also be different. Thus the lighter gas molecules must travel faster
on average. (This is the basis for Graham'’s law.)

KE = mv2

EXAMPLE 20 Samples of hydrogen and nitrogen are at the same
temperature. (@) Compare the average kinetic energies of their
molecules. (b) Compare qualitatively the average velocities of their
molecules.

Solution

(a) Since the temperatures are the same, the average kinetic energies
are the same.

(b) Since the mass of each hydrogen molecule is less than that
of each nitrogen molecule, the average velocity of hydrogen
molecules must be greater than that of nitrogen molecules. [
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(a) V2is 0.790 L — 0.200 L = 0.590 L. P, is given by the combined
gas law:

PiViT, (255 kPa)(0.790 L)(348 K)

P, = =
2T VT (0.590 L)(298 K)

= 399 kPa

(b) V, is again 0.790 L — 0.200 L = 0.590 L. P, is again 399 kPa.
(c) V,is 0.200 L. P, is again given by the combined gas law:

P\ViTo (255 kPa)(0.790 L)(348 K)

P = =
27T VT, (0.200 L)(298 K)

= 1180 kPa

5. n =0.444 mol V =666 mL = 0.666 L
T =-8C+1273° =265K

nRT _ (0.444 mol)(8.31 L-kPa/mol-K)(265 Ky 70(;

v (0.666 L) Sa\

6. (a) The number ofeﬁo @ given bplgg
(782767 Y B0 V) 253 mol
N\ e

? he balanced chemical equation, the number of
les of oxygen is half that, 0.127 mol. The volume of oxygen is

nRT _ (0.127 mol)(0.0821 L-atm/mol-K)(298 K)

V=—-—= =3.0IL
P [(785/760) atm]
(b) The number of moles of hydrogen is given by
P 7 .00 L
n— PV _ [(805/760) atm](6.00 L) — 0237 mol

RT ~ (0.0821 L-atm/mol-K)(326 K)

According to the balanced chemical equation, the number of
moles of oxygen is half that, 0.1 19 mol. The volume of oxygen is

y _MRT _ (0.119mol)(0.0821 L-atm/mol-K)(326 K)

= =3.0IL
P (805/760) atm
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Note that it is the change in temperature that is included in this equa-
tion. O

EXAMPLE 3 Calculate the quantity of heat required to raise the
temperature of 2.00 g of water from 21.00°C to 25.00°C.

Solution The change in temperature is 4.00°C, so this exam-
ple is the same as the prior one. |

EXAMPLE 4 Calculate the quantity of heat required to change the
temperature of 2.00 g of water from 25.00°C to 21.00°C.

Solution This time, the change in temperature is 21.00°C —
25.00°C = —4.00°C, so the quantity of heat is

q = mcAt = (2.00 g)(4.184 ] /g-°C)(—4.00°C) = —33.5 ] V

The minus sign means that heat must be remo‘(e IOlQ

water.
EXAMPLE 5 (a) Calculate th ange 5.7 ] of
heat is added to lé)mwa h 2 0° ‘(b) e final

\,\6\N ’L’Z

{e (@ q—@t@(@gét 184 J/g°C)(Al) = 55.7 ]

(b) The final temperature is 1.11°C higher than the initial tempera-
ture, or

tr=22.0°C+1.11°C=23.1°C

Note the difference between the change in temperature and the
final temperature! O

To what temperature would the water in Example 5 be warmed
if 55.7 J of electrical energy or 55.7 J of energy from a chemical
reaction had been added? It doesn’t matter to the water what form
of energy has been used; just the quantity of energy is important.
(See Supplementary Problems 13, 21, and 22.)

EXAMPLE 6 What mass of water is heated 2.30°C when 87.4 J of
heat is added to it?
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the phase change takes place at constant temperature, there is no
°C as part of the unit and there is no At term in the equation to
calculate the associated heat.

EXAMPLE 11 Calculate the heat required to melt 14.7 g of ice
at 0°C.

Solution The problem is given in grams and the value from
Table 8-2 is in moles, so a conversion factor is used:

1 molY /6.00 kJ
. =4, g
147g(18.0 g)( lmol) 490K

EXAMPLE 12 If it takes 439 J of heat to warm 14.7 g of ice to 0°C,
how much heat would it take to warm the ice to the freezing point
and then melt it? (See prior example.)

Solution The total heat required is the heat for the wa é‘@
.

process plus the heat of fusion. As usual, watch out fof§t Pem
the significant digits!

490k]+439]=4 ‘;@55 34K
The last ﬁ\a eV t at to Calc gleat re-
a and to cha e T 1res a separate

quired to he
N fomedch. For e al te the heat required to
eYliquid water ter vapor at 110°C, we have to
calculat w 0 warm the liquid to 100°C, the heat
required he water at 100°C, and the heat required to

warm the apor. Then we add the three terms to get the total heat
for the process.

EXAMPLE 13 Calculate the heat required to change 45.0 g of liquid
water at 80.0°C to water vapor at 110.0°C. Use the data of Tables 8-1
and 8-2.

Solution To calculate the heat used to warm the liquid water
to 100°C takes a specific heat calculation:

q = mcAt = (45.0 g)(4.184 J/g-°C)(20.0°C) = 3770 ]

To calculate the heat used to vaporize the water takes a heat of va-
porization calculation:

1 mol /40.6 kJ
5.0 g(18.0 g)( 1 mol ) = 102K
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formation of water is —286 KJ/mol and that there are two moles
present in the equation. Also note that when a sum is subtracted, it
is equivalent to subtracting each member in the sum:

@+b)—(c+dy=at+b—c—d 0

If a different quantity from the number of moles in the equa-
tion is specified in the problem, calculate the value using the number
of moles in the equation, then compute the value for the quantity
specified in the problem.

EXAMPLE 16 Calculate the enthalpy change for the reaction of
23.7 g of CH4 with oxygen to yield carbon dioxide and water.

Solution The number of kilojoules is calculated for 1 mol,

just as was done in Example 15. Then AH is calculated for the 23.7 g
specified in the problem:

AH=237¢g CH4( ;:(I)Ogl Eg‘; _f?é;kj b\@o.kp
Oi blem

EXAMPLE 17 ﬁ nt alpy C r t@%% of CHy
w1th w arborgfl:l c@ ater.

olution

T Example 15 is used:

739 g

mol H20>< —891 KJ

= -1880 k
18.0 g H,O / \ 2 mol H20> J

Note that the —891 kJ enthalpy change of Example 15 is associated
with 2 mol of water in the balanced chemical equation! g

Hess’s Law

If enthalpy of formation data are not available but other types of
enthalpy data are, and if we can combine the chemical equations for
the available reactions to give the desired reaction, we can combine
the enthalpy changes in the same way. This is a statement of Hess’s
law. For example, consider the general reactions

A+2B—>C+2D  AH=-20K
C+2D—E AH= 15K

We can add these equations and add their associated enthalpy
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Write an equation to represent each of the following: (a) formation
of PCls. (b) fusion of ice. (c) combustion of CHj4. (d) sublimation of
COy(s) (dry ice).

Calculate the enthalpy change for the reaction of one mole of C,H,
with oxygen to yield carbon dioxide and water.

Calculate the quantity of heat required to raise 100.0 g of water
from 273.15 K to 293.15 K.

A chemical reaction raised the temperature of 200.0 g of a solution
(c =4.17 J/g-°C) by 1.43°C. (a) Calculate the quantity of heat
added to the solution. (b) Calculate the quantity of heat released by
the chemical reaction.

What mass of water rises 10.3°C in temperature when 1.24 k] of
heat is added to it?

Calculate the enthalpy change for the reaction of barium oxide with
carbon dioxide to yield barium carbonate.

Calculate the enthalpy change for the reaction of 175 g of bariu

S\

oxide with carbon dioxide to yield barium carbonatg. g( .
Calculate the enthalpy of combustion of carbon &@ rom the
o

Calculate the enthalpy of

tion given thezenthalpies
of combustlo&m Iow ‘3
(8)

enthalpies of formation of carbon m‘ﬁ n dioxide.

AH = —286 k|

{e\, \e\ﬂ:& ) +2.5 Oy ‘%oa) 20(| AH = ~1305 g

19.

20.

21.

(2) _Ha(e gg)
(3)?‘@g () > 2COx(®)+3 HO() AH =—1560K

Calculate the enthalpy change for the reaction of C;H, with 46.9 g
of oxygen to yield carbon dioxide and water.

Calculate the final temperature of the water if 100.0 g of water at
20.0°C and 100.0 g of water at 68.0°C are mixed.

The enthalpy of neutralization of a strong acid with a strong base is
—55.2 kJ/mol of water formed. If 100.0 mL of 1.00 M NaOH and
100.0 mL of 1.00 M HCI, both at 25.0°C, are mixed, assume that
the heat capacity of the resulting solution is 4.18 )/g-°C and that the
density of that solution is 1.02 g/mL. (a) Write a balanced chemical
equation for the reaction. (b) Determine the number of moles of
water that will be formed. (c) Determine the quantity of heat that
the reaction will release. (d) How much heat is absorbed by the
resulting solution? (e) Calculate the mass of the solution.

(f) Calculate the change in temperature of the solution.

(g) Calculate the final temperature of the solution.
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9. To calculate the value of q for cooling the liquid water to the
freezing point takes a specific heat calculation:

q = mcAt = (35.0 g)(4.184 | /g-°C)(—22.0°C) = —3220

To calculate value of g to freeze the water takes a heat of
solidification calculation:

15.04( 1M (600K _
' g<l8.0g>< I mol >__ 7H

To calculate the value of q for cooling the ice takes a specific heat
calculation:

q = mcAt = (35.0 g)(2.089 |/g-°C)(—10.0°C) = —731 |

=—157 kj
10. (a) P(s) + 3 Cly(g) — PCI3(I)
(b) H,0(s) — H,O())

(c) CH, )+2§Wc ) ) 2H2 ‘39
e \,\le{l)\jg% Oa(g) 2

v@ ts) AHf(reactants)
=2AH{(COy) + 3AH{(H0) — AH¢(CyHg) — %AHf(Oz)

= 2(—393 k) + 3(—286 kJ) — (—83.7 kJ) — Z(0 kJ) = — 1560

The total heat required is ¢ = —3.22 kJ + (—11.7 \+( Oc@ UV

I

Alternatively,
2 CyHg(g) + 7 Oa(g) — 4 CO1(g) + 6 H2O())
AH = AHg¢(products) — AH(reactants)
=4AH¢(CO;) + 6AH{(H,0) — 2AH{(CyH¢) — 7AH¢(O3)
= 4(—393 kJ) + 6(—286 k]) — 2(—83.7 kJ) — 7(0 kJ) = —3120 kJ
This AH is for two moles of C,Hg, so we divide this value by 2 to

get the value per mole, — 1560 kJ. Either method gives the same
result.
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in the compound. Thus, for a reaction
M"™ +ne” - M

(1) the more electricity that passed, the greater was the mass of metal
produced. (2) the greater the atomic mass of M, the greater was the
mass of metal produced. (3) the higher the value of n, the lower was
the mass of metal produced.

These generalities are known as Faraday’s laws. Fortunately, we
do not have to worry about learning Faraday’s laws in order to solve
problems involving electrolysis cell reactions. All that we need to
be able to do is to write net ionic equations for the reactions and
remember the values for the constants listed above. As usual, we use
dimensional analysis, starting with the quantity given.

EXAMPLE | Calculate the mass of copper metal produced from

CuSOy solution by passage of a 3.00-A current for 7250 seconds.O
.

Solution

Cu2+(a

7250 s 3 00 C
m the

00*
e definition ,}‘
m

EXAMP e required to deposit 7.00 g of silver
from a NOj3 with a current of 4.00 A.

quafion

Solution
Ag*(aq) +e” — Ag(s)

1 mol Ag\ [/ 1mole \/96,500 C 1s
7.00g A
8 g<108 gAg)(l mol Ag)(l mol e’>(4.00 c)

=1560s (26.1 minutes) [

If two quantities are given and the current is to be calculated,
we convert the quantities given to coulombs and seconds and divide
them to get the answer.

EXAMPLE 3 Calculate the current required to deposit 40.0 g of gold
from AuCl; solution in 7.00 hours.
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passes through the other.) If 10.0 g of copper is deposited from
CuSOy in the first, what mass of silver is deposited from silver
nitrate from the second?

I1. Calculate the time required to reduce 17.0 g of Sn2* to tin metal
with a current of 4.45 A.

12. A 1% change in concentration of which of the species in the
following half-reaction will make the greatest change in potential?

CrO + 14H Y +6e” - 2Cr¥ +7H,0
Solutions to Supplementary Problems
3600 s 275 C | mol e™ I mol Cu
3.55h
I °”rs<| hour)( I's )(96,500 C>(2mo| e_)x

635
6358 Cu II6
ImoICu

2. (a) AuCly (aq) +3 e — Au(
145 gAu ImoIA 6500C %c
ol Au
3 e\N ﬁ%ute > ) = 13,500 s
e\,\ I min
{ ag 213,000 C _ I58A
13,500 s

(b) Since 3 hours is 180 minutes, 3 hours and 45.0 minutes is
225.0 minutes, so this problem is exactly the same as that in

part (a).

3. Fe’"(aq) +e — Fe’"(aq) 0.771 V
Fe’*(aq) + 2 e~ — Fe(s) —0.44V
Reversing the second of these equations yields

Fe(s) — Fe?*(aq) +2 e~ +0.44 V

Multiplying the first equation by 2 to get two moles of electrons in
each equation, without changing its potential, then adding this
equation to the second yields:

2 Fe**(aq) + Fe(s) — 3 Fe?™(a 1.21V
q q

Since the potential is positive, the reaction goes spontaneously as
written; iron(ll) is produced.
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5.

(a) C2H3OZ’(aq) + H+(3q) = HC2H3OZ(aq)

(b) NaC;H;0;(aq) + HCl(ag) = HC;H;0;(aq) + NaCl(aq)
Which of the following reactions proceeds more than 50% to
completion?

(a) HC2H302(aq) + HzO(l) = C2H302_(aq) + H3O+(aq)
HC2H302(aq) + OH*(aq) = C2H3Of(aq) + H20(I)

(b) C2H302*(aq) + Hp_O(') = HC2H3Oz(aq) + OH*(aq)
C2H302’(aq) + H3O+(aq) = HC2H302(aq) =+ Hzo(l)

Answers to Leading Questions

The value of this K is 1 /(2.5 x 107'3) = 4.0 x 10'2,

Whenever water is involved in a reaction but is not the solvent for

the reaction. For example, when the reaction is a gas-phase reaction V
or a reaction in another solvent, the concentration of water i u

included. a
Calculation using the value of K. Rememb 6’ d* vaIu

of K before we used x.)

(a) The ions react to f, m onlze I .3% in
the ioni ormMm e any differe v@@ write
the add rea t cts system shifts
NI;I me equilibri r&r is eseablished. (b) The net ionic

quation for thi %tl given in part (a), so the answer is

(a) tion represents an equilibrium reaction of a weak
acid, that proceeds to the right only a tiny percentage. The
second equation represents a reaction of an acid and a base that
proceeds almost to completion.

(b) The first equation represents an equilibrium reaction of the
conjugate of a weak acid with water that proceeds to the right
only a tiny percentage. (The reverse reaction of an acid with a
strong base proceeds almost to completion.) The second
equation proceeds extensively, since its reverse is the ionization
of a weak acid in water, which we know proceeds only slightly.

Supplementary Problems

From the value of the equilibrium constant for

A+B=2C K =16.0
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I N A .
K= [Al[B]2 ~ (1.10)(1.50)2 0.0404

Compare this solution to that of Example 5, and notice the great
difference made by the fact that D is a solid and therefore its
concentration is not included in the equilibrium constant
expression.
2 2
4. (o) K = [€] = (3:22) =227
[A][B]>  (0.220)(0.456)2
A + 2B = 2C

Initial concentrations (M) 0.220 0.456 3.22
Change due to reaction (M) +0.10 +0.20 —0.20
Equilibrium concentrations (M)  0.32 0.66 3.02
[CP? (3.02) UV
K = = =
[Al[BI2 ~ (0.32)(0.66)2 éie CO .
(c) Since the rise in temperat r &u rium to shift left

(the K is smaller, on of prod @.aller) it
isa @‘&&ctl _& 3
] | q) @ ozzq) + H*(aq)
\, \ concentratj o 0.0000 0.0000
e DR \¥;
rea 42x 1073 42x 1073 42x 1073

EqU|I|br|um
concentrations (M) 0.096 42x1073 42x 1073
o [CHO, 1[H'] _ (4.2 x 1073)2 — 18 10~
[HCHO;] 0.096
6' HC;H;Oz(aq) = C2H302’(aq) —+ H*(aq)
Initial
concentrations (M) 0.250 0.150 0.000
Change due
to reaction (M) X X X
Equilibrium
concentrations (M) 0.250 — x 0.150 4+ x X
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[BHFJ[OH™] (1.9 x 107%)?

_ _ -7
b= ooy oex!0

15. [H1=6.0x10"°
HA(aq) = H(aq) + A (aq)

Initial

concentration (M) 0.100 0.000 0.150
Change due

to reaction (M) 6.0 x 1076 6.0x 107° 6.0x 107¢
Equilibrium

concentration (M) 0.100 6.0x 107¢ 0.150

o [HIA] _ (60x 1079(0.150) _
[HA] (0.100)

ionization of the acetic acid, so the concentration

16. The H' from the ionization of HCI (a strong acid) reqesses BQ uy

entirely from the HCI.
HC2H3 @‘:1 ; (a *(aq)
Initial %g
concentratlo*i‘( 150
Chang
X X

V & ium
{ e concen?nag X 0.150 + x
eglecting x when added to or subtracted from larger values
yields

_ [H+][C7_H302_] _ (0.150)[C,H30,7] _

a= = 1.8 107°
[HC,H30,] (0.100) X

[CH;0, 1=1.2x 107"

In 0.100 M acetic acid alone, the acetate ion concentration (equal to
the hydrogen ion concentration) is 1.3 x 1073 M. The hydrogen ion
from the strong acid has lowered it to 1.2 x 10~° M, as predicted
by LeChatelier’s principle. The presence of any stronger acid will
repress the ionization of any weaker acid in the same solution.

17. (a) This is not a limiting quantities problem because the two do not
react. (b) NH4" and ClI~. (c) H" and OH™, as in every aqueous
solution. (d) H,O(l) + NH3(aq) == NH,*(ag) + OH™(aq) (¢) The
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its standard state has a finite (nonzero) entropy, unlike its enthalpy
of formation (Chapter 8). O

12.2 Gibbs Free Energy Change

The free energy change, AG, is equal to the enthalpy change minus
the product of the absolute temperature times the entropy change.
Its value enables us to predict in which direction an equation will
proceed, or if the system is at equilibrium. It is defined as

AG =AH—-TAS
We will use this equation extensively.

EXAMPLE 2 Calculate the free energy change for a reaction at 25°C
in which the enthalpy change is 24.4 kJ and the entropy change is
35.1]J/K.

Solution

AG = AH —TAS a\e C

_244k]—(29 )—139
Note that it 0 convert ] es (or V1ce

yersaWals tha ekelvm erm canceled

he free ance, hke its enthalpy, is a relative
quantlty? nergy of formation, AGy, of a substance
is the fred§ energy ¢ ange of the reaction of the elements in their
standard states to produce the substance in its standard state, quite
analogous to the enthalpy of formation. Also analogous is the
fact that the free energy of formation of an element in its standard
state is zero by definition. Standard free energy changes of selected
substances are presented in Table 12-2. The equation given above
for AG, with all quantities in their standard states, becomes:

AG®° = AH®° — TAS®

We must be very careful to use the degree sign where and only
where it is supposed to be used; that sign on the thermodynamic
functions means that all substances are in their standard states
(Chapter 8). Any equation that is true for AG in general is also
true for AG® (under the special conditions of unit activities for all
reactants and products). The reverse is not true.
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to the molarity ratio at equilibrium! If AG® is positive, In K is nega-
tive, and K is less than 1.

EXAMPLE 8 Calculate the value of the equilibrium constant for a
reaction with AG° equal to 255 J at 25°C. Comment on the magni-
tude of the constant.

Solution
AG®° = —RTInK =255] = —(8.31]J/K)(298K) In K
InK = -0.103
K =0.902

The positive value of AG° means that the equilibrium constant has
a value less than 1 since it suggests that the equation would spon-
taneously shift left from its concentrations at unit activity (all 1).

12.4 Relationship of AG to Poten

We have seen that a negatlve hat aregction may
proceed spontaneous of the g written

and, in Cha e 9 le rochemlcal oceed as

wrltte i t is p051 iv 1f there is any

\, tween free ge d potentlal and indeed
e AG = —enkF

where € is the potentlal, nis the number of moles of electrons, and F
is the Faraday constant, 96,500 C/mol e~. The minus sign is easy to
remember, since the potential is positive and the free energy change
is negative for spontaneous reactions.

EXAMPLE 9 Calculate the free energy change for a two-electron
reaction in which the potential is —5.00 V.

Solution
AG = —enF = —(—=5.00V)(2mol e7)(96,500 C/mole™)
=965,000] = 965K]

Note that 1 C times 1 V equals 1 J (and that the answer has been
converted to kilojoules for significant digit purposes). A negative
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AG® = AGf (products) — AG/ (reactants)
= AGF(COy) +2AG (H0) — AGF(CH4) —2AGF(O2)
= (—394.4kJ) + 2 mol(—237.13 kJ/mol) — (—50.8k]) —
2mol(0k]/mol) = —817.9 kJ

For 2.65g of CHy:

I mol CHy \ [ —817.9
2.65g CH — 135k
§ 4<I6.0gCH4><ImoICH4> J

Because AH and AS do not change much with temperature, we
can use their 25°C values at 125°C:

AG = AH — TAS = 4.22k] — (398 K)(—6.10 }/K)
=4.22k] +2.43k] = 6.65Kk

AG = AG° +RTInQ V
] ®) U

= AG° + (8.31)/K)(298K)In [AL[E] e C

= (—877))+ (8. 3IJ/KRI@ o 75) 3580]
Ow»enF
“ 12,700 | = Q Q‘o C/mol e”)
9V

N@wagded by | C equals | V.

For the reaction to be nonspontaneous, AG must be zero
(or positive).

AG =0=AG°+RTInQ
0= —1000] + (8.31)/K)(298K) In Q
InQ = 0.404
Q = 1.50

For the reaction to be nonspontaneous, AG must be zero
(or positive).
AG = AH —TAS
0= (=5010J) — T(—10.0)/K)
T =501K

195



€

AG° = —RT InK

_ (-817900))
nk =  (8.31)/K)(298K) 330

log K = (InK)/(In10) = 330/(2.303) = 143
K = |0|43
This huge value of K corresponds to the very large magnitude of AG°.

16. AG° = —RTInK = —¢°nF

enF  (—0.00100V)(2)(96,500 C)
RT — (8.31)/K)(298K)

K =0.925

17. (a) For 2mol of CHa(g): O \)\‘

2 CHa(g) + 3 Os(g) — 2CO(g) + 4 ‘g!(e C
AG® = AGf (pmducu)»&«'@i@ﬁ

= 2AG/ g{(oz)
ovieW ‘*g,é (3753@* iEiN

1,121,300 |
~ (831J/K)(298K)

log K = (InK)/(In 10) = 453/2.303 = 197

InK = = —0.0779

K = 10'%7
(b) For I mol of CH4(g):
CHy(g) + 1.5 Oa(g) — CO(g) + 2H,0(1)
AG® = AG¢ (products) — AG/ (reactants)
= AG[(CO) + 2AG( (H,0) — AGF(CH4) + 1.5AG£(Oy)
= (—137.2k)) + 2(—237.13 k]) — (—50.8k]) — 1.5(0kJ)
= —560.7 kJ

197



Note that the increase in pressure of 100.0% did not decrease
the volume 100.0%.

q = 0= Myater Cwater Atwater + Mmetal Cmetal Atmetz\l
0 = (242 £)(4.184 )/g-°C)(t — 14.5°C) +
(43.9 £)(0.451 J/g-°C)(t — 59.3°C)

26.

t = 15.4°C
27. The two reduction half-cells are

Cu’*(aq) +2 e — Cu(s) 0.34V
Fe3*(aq) + e~ — Fe¥*(aq) 0.77V

We reverse the equation with the lower potential, and change the
sign of the potential:

Cu(s) > Cul*(aq)+2 e —0.34Y, O UV

We multiply the other equation by 2 to get a*%
electrons, without changing the poteteé

2 Fe** (aq) ;})
Qj istoaddt of &s, 2’3 d the
314 “T -©

ng potentl
cu“(aq) +2Fe*(aq) 043V

|3 6g I mol Hg\ /6.02 x 102 atoms
I mL 200.6 g

eN ‘ews

28.

I mol
=6.12 x 10% atoms
29. The total heat involved is the sum of the heats of three steps:

q =mcAt = (5.7 g)(4.184 ) /g-°C)(—50.3°C) = —10.9 k|

5|.7g<%3g51> =—173 K

q =mcAt = (51.7 g)(2.089 | /g-°C)(—5.4°C) = — 0.58 k|

The total heat required is
(—10.9 k) + (=17.3 kJ) + (—0.58 kJ) = —28.8 k
30. AG°=—RTInK
=—(8.31]/K)(298K) In(4.44) = —3.69 x 10° ] = —3.69 kJ
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Ideal gas law. PV =nRT.

Indicator (acid-base). A compound that is one color in acid solu-
tion and a different color in base solution, used to signal the
end point of an acid-base titration.

Joule. The SI unit of energy.

Kelvin. The unit of the absolute (Kelvin) temperature scale.

Kinetic molecular theory. The theory that explains the behavior
of gases (and other phases) in terms of the properties of their
molecules.

KMT. Kinetic molecular theory.

Law of combining volumes. The ratio of the volumes of gases in a
given chemical reaction, all measured at the same temperature
and pressure, are in the ratio of the coefficients of the balanced
chemical equation.

Law of conservation of mass. In any chemical reaction (or
physical change), mass cannot be created or destroyed. V

Law of definite proportions. Each (pure) compound is co u
of the same percentage by mass of its element *
every sample of pure water is 88.8% oxy A]%% hydro-
gen by mass.

Law of multlple proportlorw more C ds con-
sisting of the sa emgnts, for a gi SS e of the
eleme ‘ke b] sses of the the@%en in a small,

ral atio
\, ‘ e er’'s prmc pphed to a system at equilib-
{e riu 11 tend to shift in an effort to reduce

L1m1t1n§uantlty The quantity of one reactant in a chemical reac-
tion that is not sufficient to react with all the other reactant(s)
present.

Liter. The unit of volume in the (older) metric system.

Meter. The basic unit of length in the metric system.

Metric system. The system of units used by scientists in which mul-
tiples or subdivisions of units are powers of 10 times the unit,
and all such multiples or subdivisions are designated by the
same prefix no matter what unit is involved.

Millimole. One-thousandth of a mole.

Molal. The unit of molality.

Molality. The number of moles of solute per kilogram of solvent in
a solution.

Molar. The unit of molarity.

Molar mass. The formula mass of any substance, expressed in grams
per mole.
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I

cubic meter as the unit of volume rather than the liter, and
pascals used for pressure.)

Significant digit. A digitin a properly reported value thatindicates
the precision with which a measurement was made.

Significant figure. Significant digit.

Specific heat. The heat required to raise one gram of a substance
1°C.

Standard. The defined quantity against which all other quantities
are compared. For example, the standard of mass (in SI as well
as legally in the United States) is the kilogram, whereas the
gram is the unit of mass.

Standard absolute entropy. The entropy of a substance compared
to its entropy when crystalline and at O K.

Standard enthalpy of formation. The enthalpy change in a pro-
cess of forming a substance in its standard state from its ele-
ments in their standard states.

Standard exponential notation. Scientific notation.
Standard free energy of formation. Free energy of fi xeio W, *

each substance is at unit act1v1ty .
Standard half-cell. A half-cell ance is at unit
activity. ﬁ
Standard reductiqp 'he reduc 39f a half-
cell in i’c stance j { tivi
tate ubstance is at unit

Stoichi study of the quantitative relationships among
subtances in a chemical reaction.

STP. Standard temperature and pressure.

Sublimation. The passage of a substance from the solid state di-
rectly to the gaseous state.

System internationale. SI—the modern version of the metric sys-
tem.

Titration. The technique in which a measured volume of one so-
lution is treated with a measured volume of another, in which
the known molarity of one solution allows the calculation of
the molarity of the other.

Unit activity. Pure solids and liquid, 1 M solute, and/or gas at 1 atm
pressure.

Vaporization. Passage of a liquid into the gas phase.

Vapor-pressure lowering. The reduction of the vapor pressure of a
solution (compared to the pure solvent) due to the presence of
the solute.

=St St t
tivity.
e\, \tandalﬁﬁ l.@an?ﬁressure. 0°C and 1 atm pressure.
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law of combining volumes, 96-97,
223(g)

law of conservation of mass, 34-35,
223(g)

law of definite proportions, 35-36,
223(g)

law of multiple proportions, 36-38,
223(g)

law of partial pressures, 93-96

LeChatelier’s principle, 151, 154,
223(g)

length, 14-15

limiting quantity(ies), 62-63, 223(g)

problems, 62-64
liter, 15(t), 17, 223(g)
logarithm keys, 11

m, 77
m, 77
M, 73
M, 73

mass(es), 15-17
in chemical reactions, 60-61
unit of, 15, 15(t)
mass number, 44
mass spectrometer, 45

measurement, 14-33

meter, 14, 15(t), 223(g)

metric conversions, 1

metric preﬁxes

metnw

@7w 231
77, 223(g) e

molality,

molar, 73887 2.

molar mas$, 47, 223(g)

molar volume, 88-89, 224(g)

molarity, 73-75, 224(g)

mole(s), 47-49, 224(g)

in chemical reactions, 59-60
of gas, 88-93
conversions for, 91(f)
mole fraction, 77-79, 224(g)
mole ratios in chemical reactions,
59-60

molecular formula, 52-53, 224(g)

molecular mass, 46(t), 224(g)

multiple proportions, law of, 36-38

n, 134-135

Nernst equation, 134-136, 192, 224(g)
nonvolatile, 169, 224(g)

of, 224(g)
osmotic pressure, 173-175, 224(g)
ounce, 16

partial pressures, law of, 93-96
per, 7, 224(g)
percent, 2, 6-7
percent composition, 50-51
pH, 153-154, 224(g)
significant digits in, 153
phase, 224(g)
phase change(s), energy of, 114-117,
115(t), 115(f)
heat of, 114-117, 115(t)
names of, 115, 115(f)
physical equilibrium, 95, 224(g)
w(osmotic pressure), 174, 224(g)
potential, 131, 224(g)
AG and, 191-192
electrolysis and, 136
pound, 16
precedence, 224(g)
precedence rules, 8-10, 9(t)
prefixes, metric, 15, 15(t)
proton acceptor, 224(g)
proton donor, 224(g)

m%w

rec1procal
round 22—

coW

q,110

184
, 184, 224( )
sc1ent1ﬁc calculations, 1-5
units in, 19
scientific calculator, 7-11
scientific notation, 23-24, 224(g)
semipermeable, 173, 174(f)
SI (system internationale), 14,
224-225(g)
significant digit(s), 19-23, 225(g)
in calculations, 20-22
and defined values, 21
electronic calculator and, 22, 24
in exponential numbers, 153
in pH values, 153
significant figure, 19-23, 225(g). See also
significant digit(s).
solution, ideal, 169
specific heat (capacity), 110-114, 111(t),
225(g)
spontaneous reaction, 132
AG and, 188-189
square brackets, 135, 141
standard, 15-16, 225(g)
standard absolute entropy, 184, 185(t),
225(g)
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standard enthalpy of formation,
118-120, 119(t)

standard exponential notation, 23-24,
225()

standard free energy change, 186

standard free energy of formation,
225(g)

standard half-cell, 132, 225(g)

standard hydrogen electrode, 131-132,
132(f)

standard reduction potential, 132-133,
133(t), 225(g)

standard state, 118, 225(g)

standard temperature and pressure, 88,
225(g)

stoichiometry, 59-72, 225(g)

STP (standard temperature and
pressure), 88, 118, 225(g)

strong acids, 148

sublimation, 115, 115(f), 225(g)

subscripts, 47

surroundings, 110

symbol, 1

system, 110

system internationale, 14, 224-225(g)

temperature, 26-27, 26(t)
temperature change, 111

temperature difference,
thermochemlstr

230

thermodynamics, 110-127, 184-198
time, 25-26

titration, 75-77

torr, 85

unary minus, 9
unit(s), 1

adjustment of, 19

in scientific calculations, 19
unit activity, 132, 225(g)

vapor pressure of water, 95-96
vapor-pressure lowering, 169-170,
225(g)

vaporization, 115, 115(f), 225(g)
variables, designation of, 4-5
volt, 128, 226(g)
voltaic cell, 128, 130-136, 226(g)
volume, 15(t), 17, 17(t)

SI vs. metric, 17, 17(t)

water, ionization of, 151-153
water dissociation constant, K,

a wr
226(g) e
water Vapor
weak i
average
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