CHAPTER 3

MASS RELATIONSHIPS IN
CHEMICAL REACTIONS

PROBLEM-SOLVING STRATEGIES

TYPES OF PROBLEMS
Problem Type 1: Calculating Average Atomic Mass.

Problem Type 2: Calculations Involving Molar Mass of an Element and Avogadro’s Number.
(a) Converting between moles of atoms and mass of atoms.
(b) Calculating the mass of a single atom.
(¢) Converting mass in grams to number of atoms.

Problem Type 3: Calculations Involving Molecular Mass.
(a) Calculating molecular mass.
(b) Calculating the number of moles in a given amount of a compound.
(c) Calculating the number of atoms in a given amount of a compound.

Problem Type 4: Calculations Involving Percent Composition
(a) Calculating percent composition of a compound.
(b) Determining empirical formula from percent composition.
(¢) Calculating mass from percent composition.
Problem Type 5: Experimental Determination of Empirical Formulas.
Problem Type 6: Determining the Molecular Formula of a Compound.
Problem Type 7: Calculating the Amounts of Reactants and Products.

Problem Type 8: Limiting Reagent Calculations.

Problem Type 9: Calculating the Percent Yield of a Reaction.

PROBLEM TYPE 1: CALCULATING AVERAGE ATOMIC MASS

The atomic mass you look up on a periodic table is an average atomic mass. The reason for this is that most naturally
occurring elements have more than one isotope. The average atomic mass can be calculated as follows:

Step 1: Convert the percentage of each isotope to fractions. For example, an isotope that is 69.09 percent abundant
becomes 69.09/100 = 0.6909.

Step 2: Multiply the mass of each isotope by its abundance and add them together.

average atomic mass = (fraction of isotope A)(mass of isotope A) + (fraction of isotope B)
(mass of isotope B) +. . . + (fraction of isotope Z)(mass of isotope Z).
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EXAMPLE 3.1
T'he clement lithium has two isotopes that occur in nature: gLi with 7.5 percent abundance and ;Li with 92.5

percent abundance. The atomic mass of gLi is 6.01513 amu and that of ;Li is 7.01601 amu. Calculate the
uverage atomic mass of lithium.

Strategy: Each isotope contributes to the average atomic mass based on its relative abundance. Multiplying the

nss of an isotope by its fractional abundance (not percent) will give the contribution to the average atomic mass of
that particular isotope.

Solution: Convert the percentage of each isotope to fractions.

$Li: 7.5/100 = 0.075
JLi: 92.5/100 = 0.925

Multiply the mass of each isotope by its abundance and add them together.

average atomic mass = (0.075)(6.01513) + (0.925)(7.01601) = 6.94 amu

PRACTICE EXERCISE

1. The element boron (B) consists of two stable isotopes with atomic masses of 10.0129 amu and 11.0093 amu. The
average atomic mass of B is 10.81 amu. Which isotope is more abundant?

Text Problem: 3.6

PROBLEM TYPE 2: CALCULATIONS INVOLVING MOLAR MASS OF AN
ELEMENT AND AVOGADRO’S NUMBER

A. Converting between moles of atoms and mass of atoms

In order to convert from one unit to another, you need to be proficient at the dimensional analysis method. See
Section 1.9 of your text and Problem Type 5, Chapter 1. Unit conversions can seem daunting, but if you keep track of
the units, making sure that the appropriate units cancel, your effort will be rewarded.

Step 1: Map out a strategy to proceed from initial units to final units based on available conversion factors.

Step 2: Use the following method to ensure that you obtain the desired unit.

. . desired unit . .
lee;r{umt X ( ) = desired unit

giveg/_ﬁnit

To convert between moles and mass, you need to use the molar mass of the element as a conversion factor.
D}er i, =g
Also, going in the opposite direction

/g/x—mZOl = mol

Tip: Whether you are converting from g — mol or from mol — g, you will need to use the molar
mass as the conversion factor. The molar mass of an element can be found directly on the periodic
table.
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EXAMPLE 3.2
How many grams are there in 0.130 mole of Cu?

Strategy: We are given moles of copper and asked to solve for grams of copper. What conversion factor do we

need to convert between moles and grams? Atrrange the appropriate conversion factor so moles cancel, and the unit
grams is obtained for the answer.

Solution: The conversion factor needed to covert between moles and grams is the molar mass. In the periodic table
(see inside front cover of the text), we see that the molar mass of Cu is 63.55 g. This can be expressed as

1 mol Cu = 63.55gCu
From this equality, we can write two conversion factors.
1 mol Cu 63.55 g Cu
" and =225
63.55 g Cu 1 mol Cu
The conversion factor on the right is the correct one. Moles will cancel, leaving the unit grams for the answer.

We write

2gCu = 0.130n}drCux%cc—u = 826 g Cu
u

Check: Does a mass of 8.26 g for 0.130 mole of Cu seem reasonable? What is the mass of 1 mole of Cu?

PRACTICE EXERCISE
2. How many moles of Cu are in 125 g of Cu?

Text Problem: 3.16

B. Calculating the mass of a single atom

To calculate the mass of a single atom, you can use Avogadro’s number. The conversion factor is

1 mol
6.022 x 1023 atoms

EXAMPLE 3.3

Copper is a minor component of pennies minted since 1981, and it is also used in electrical cables. Calculate
the mass (in grams) of a single Cu atom.

Strategy: We can look up the molar mass of copper (Cu) on the periodic table (63.55 g/mol). We want to find the
mass of a single atom of copper (unit of g/atom). Therefore, we need to convert from the unit mole in the
denominator to the unit atom in the denominator. What conversion factor is needed to convert between moles and

atoms? Arrange the appropriate conversion factor so mole in the denominator cancels, and the unit atom is obtained
in the denominator.

Solution: The conversion factor needed is Avogadro's number. We have

1 mol = 6.022 x 107 particles (atoms)

From this equality, we can write two conversion factors.

1 mol Cu 6.022 x 102 Cu atoms
and

6.022 x 102 Cu atoms 1 mol Cu




CHAPTER 3: MASS RELATIONSHIPS IN CHEMICAL REACTIONS 39

The conversion factor on the left is the correct one. Moles will cancel, leaving the unit atoms in the
denominator of the answer.

We write

? g/Cu atom = 63.35 g Cu x ! n)nggCu = 1.055 x 10722 g/Cu atom
ImelCu = 6022 x 102 Cu atoms

Check: Should the mass of a single atom of Cu be a very small mass?

PRACTICE EXERCISE

Y. Titanium (Ti) is a transition metal with a very high strength-to-weight ratio. For this reason, titanium is used in
the construction of aircraft. What is the mass (in grams) of one Ti atom?

T'ext Problem: 3.18

C. Converting mass in grams to number of atoms

To complete the following conversion, you need to use both molar mass and Avogadro’s number as conversion
lactors.

EXAMPLE 3.4
Zinc is the main component of pennies minted after 1981. How many zinc atoms are present in 20.0 g of Zn?

Strategy: The question asks for atoms of Zu. We cannot convert directly from grams to atoms of zinc. What unit
do we need to convert grams of Zn to in order to convert to atoms? What does Avogadro's number represent?

Solution: To calculate the number of Zn atoms, we first must convert grams of Zn to moles of Zn. We use the

molar mass of zinc as a conversion factor. Once moles of Zn are obtained, we can use Avogadro's number to convert
from moles of zinc to atoms of zinc.

I molZn = 65.39gZn

The conversion factor needed is

1 mol Zn
65.39 g Zn

Avogadro's number is the key to the second conversion. We have

1 mol = 6.022 x 102 particles (atoms)

From this equality, we can write two conversion factors.

1 mol Zn 6.022 x 1023 Zn atoms
and

6.022 x 1023 Zn atoms 1 mol Zn

The conversion factor on the right is the one we need because it has number of Zn atoms in the numerator, which is
the unit we want for the answer.

Let's complete the two conversions in one step.

grams of Zn — moles of Zn — number of Zn atoms
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23
? atoms of Zn = 20.0/g/Zn x 622}5{/;; X 6.022 T :;)MZZH atoms _ 1.84 x 1023 Zn atoms
. n n

Check: Should 20.0 g of Zn contain fewer than Avogadro's number of atoms? What mass of Zn would contain
Avogadro's number of atoms?

PRACTICE EXERCISE
4. What is the mass (in grams) of 9.09 x 10% atoms of Zn?

Text Problem: 3.20

PROBLEM TYPE 3: CALCULATIONS INVOLVING MOLECULAR MASS

A. Calculating molecular mass

The molecular mass is simply the sum of the atomic masses (in amu) of all the atoms in the molecule.

EXAMPLE 3.5
Calculate the molecular mass of carbon tetrachloride (CCly).

Strategy: How do atomic masses of different elements combine to give the molecular mass of a compound?

Solution: To calculate the molecular mass of a compound, we need to sum all the atomic masses of the elements in
the molecule. For each element, we multiply its atomic mass by the number of atoms of that element in one molecule
of the compound. We find atomic masses for the elements in the periodic table (inside front cover of the text).

molecular mass CCly = (mass of C) + 4(mass of Cl)

molecular mass CCly = (12.01 amu) + 4(35.45 amu) = 153.8 amu

PRACTICE EXERCISE

5. Bananas owe their characteristic smell and flavor to the ester, isopentyl acetate [CH3COOCH2CH,CH(CH3)2].
Calculate the molecular mass of isopentyl acetate.

Text Problem: 3.24

B. Calculating the number of moles in a given amount of a compound

To complete this conversion, the only conversion factor needed is the molar mass in units of g/mol. Remember, the
molar mass of a compound (in grams) is numerically equal to its molecular mass (in atomic mass units). For example,
the molar mass of CCly is 153.8 g/mol, compared to its molecular mass of 153.8 amu.

EXAMPLE 3.6
How many moles of ethane (C2Hg) are present in 50.3 g of ethane?

Strategy: First, calculate the molar mass of ethane. Then, arrange the molar mass as a conversion factor to convert
from grams of ethane to moles of ethane.

Solution:
molar mass of C;Hg = 2(12.01 g) + 6(1.008 g) = 30.07 g
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Ilence, the conversion factor is

1 mol C2H6
30.07 g C,Hg

Using this conversion factor, convert from grams to moles.

1 mol C2H6

. 2

= 1.67 mol

PRACTICE EXERCISE
6. What is the mass (in grams) of 0.436 moles of ethane (CoHg)?

Text Problem: 3.26

C. Calculating the number of atoms in a given amount of a compound

Again, this is a unit conversion problem. This calculation is more difficult than the conversions above, because you

must convert from grams of compound to moles of compound to moles of a particular atom to number of atoms.
Sound tough? Let’s try an example.

EXAMPLE 3.7
How many carbon atoms are present in 50.3 g of ethane (C,Hg)?

Strategy: We started this problem in Example 3.6 when we calculated the moles of ethane in 50.3 g ethane. To
continue, we need two additional conversion factors. One should represent the mole ratio between moles of C atoms
and moles of ethane molecules. The other conversion factor needed is Avogadro’s number.

Solution: The two conversion factors needed are:

2mol C 6.022 x 1023 C atoms
1 mol C,Hgq 1 mol C

You should come up with the following strategy.

grams of CoHg — moles of C;Hg — moles of C — atoms of C

? C atoms

ImefCoHg  2melC  6.022 x 102 C atoms
5038 CoHex g CoHg  Tmel CHg I mof C

2.01 x 1024 C atoms

Check: Does the answer seem reasonable? We have 50.3 g ethane. How many atoms of C would 30.07 g of ethane
contain?
PRACTICE EXERCISE

7. Glucose, the sugar used by the cells of our bodies for energy, has the molecular formula, C¢H;20¢. How many
atoms of carbon are present in a 3.50 g sample of glucose?

Text Problem: 3.28
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PROBLEM TYPE 4: CALCULATIONS INVOLVING PERCENT
COMPOSITION

A. Calculating percent composition of a compound

The percent composition by mass is the percent by mass of each element the compound contains. Percent composition
is obtained by dividing the mass of each element in 1 mole of the compound by the molar mass of the compound, then
multiplying by 100 percent.

mass of element in 1 mol of compound

percent by mass of each element = x 100%

molar mass of compound

EXAMPLE 3.8
Calculate the percent composition by mass of all the elements in sodium bicarbonate, NaHCO3.

Strategy: First, calculate the molar mass of sodium bicarbonate. Then, calculate the percent by mass of each
element.

Solution:
molar mass sodium bicarbonate = 22.99 g+ 1.008 g + 12.01 g + 3(16.00 g) = 84.01 g
ooNa = 22228 L 100% = 27.37%
84.01 g
ool = 19988 100% = 1.200%
84.01 g
% = 12918 100% = 14.30%
84.01 g
%0 = 216:908) 1000 = 57.14%
84.01¢g

Tip: You can check your work by making sure that the mass percents of all the elements added
together equals 100%. Checking above, 27.37% + 1.200% + 14.30% + 57.14% = 100.01% = 100%.

PRACTICE EXERCISE

8.  Cinnamic alcohol is used mainly in perfumes, particularly for soaps and cosmetics. Its molecular formula is
CoH1¢0. Calculate the percent composition by mass of ydrogen in cinnamic alcohol.

Text Problems: 3.40,3.42

B. Determining empirical formula from percent composition

The procedure used above to calculate the percent composition of a compound can be reversed. Given the percent
composition by mass of a compound, you can determine the empirical formula of the compound.

EXAMPLE 3.9
Dieldrin, like DDT, is an insecticide that contains only C, H, Cl, and O. It is composed of 37.84 percent C,
2.12 percent H, 55.84 percent Cl, and 4.20 percent O. Determine its empirical formula.

Strategy: In a chemical formula, the subscripts represent the ratio of the number of moles of each element that
combine to form the compound. Therefore, we need to convert from mass percent to moles in order to determine the
empirical formula. If we assume an exactly 100 g sample of the compound, do we know the mass of each element in
the compound? How do we then convert from grams to moles?
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Holution: If we have 100 g of the compound, then each percentage can be converted directly to grams. In this
smple, there will be 37.84 g of C, 2.12 g of H, 55.84 g Cl, and 4.20 g of O. Because the subscripts in the formula
lepresent a mole ratio, we need to convert the grams of each element to moles. The conversion factor needed is the
molar mass of each element. Let n represent the number of moles of each element so that

I mol C

ne = 37.84 ¢C x = 3.151 mol C
c 21 1201 gC

1 mol H

ny = 2.12 'H x = 2.10 mol H
H 21 1.008 g'H

1 mol Cl
ney = 55.84 &'Cl x = 1.575 mol CI
cl L Clx s £Cl

1 mol O
ng = 420 20 x — 2% _ 0.263 mol O
o £ 16.00 g0

I'hus, we arrive at the formula C3.j51H>.10Cl; 57500 263, which gives the identity and the ratios of atoms present.
However, chemical formulas are written with whole numbers.

I'ty to convert to whole numbers by dividing all the subscripts by the smallest subscript.

: 3151 =120 H: 210 =798 = 8§ Cl: 1575 =59 ~ 6 O: 0:263 =
0.263 0.263 0.263 0.263

This gives us the empirical for dieldrin, Cy;HgClgO.

Check: Are the subscripts in C2HgClgO reduced to the smallest whole numbers?

Tip: It’s not always this easy. Dividing by the smallest subscript often does not give all whole
numbers. If this is the case, you must multiply all the subscripts by some infeger to come up with
whole number subscripts. Try the practice exercise below.

PRACTICE EXERCISE

9. The substance responsible for the green color on the yolk of a boiled egg is composed of 53.58 percent Fe and
46.42 percent S. Determine its empirical formula.

Text Problems: 3.44, 3.50, 3.54

C. Calculating mass from percent composition

Step 1: Convert the mass percentage to a fraction. For example, if the mass percent of an element in a compound
were 54.73 percent, you would convert this to 54.73/100 = 0.5473.

Step 2: Multiply the fraction by the total mass of the compound. This gives the mass of the particular element in the
compound.

EXAMPLE 3.10
Calculate the mass of carbon in exactly 10 g of glucose (C¢H1206).

Strategy: Glucose is composed of C, H, and O. The mass due to C is based on its percentage by mass in the
compound. How do we calculate mass percent of an element?

Solution: First, we must find the mass % of carbon in CeH1206. Then, we convert this percentage to a fraction and
multiply by the mass of the compound (10 g), to find the mass of carbon in 10 g of C¢H20g.
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The percent by mass of carbon in glucose, is calculated as follows:

mass of C in 1 mol of glucose
molar mass of glucose

mass % C =

x 100%

6(12.01 g)
180.16 g

mass % C = x 100% = 40.00% C

Converting this percentage to a fraction, we obtain 40.00/100 = 0.4000

Next, multiply the fraction by the total mass of the compound.

? g Cin 10 g glucose = (0.4000)(10 g) = 4.000g C

Check: Note that the mass percent of C is 40 percent. 40% of 10 gis4 g.

PRACTICE EXERCISE
10. Calculate the mass of hydrogen in exactly 10 grams of glucose (CgHj206).

Text Problems: 3.46, 3.48

PROBLEM TYPE 5: EXPERIMENTAL DETERMINATION OF EMPIRICAL
FORMULAS

See Section 3.6 of your text for a description of the experimental setup. To solve this type of problem, you must
recognize that all of the carbon in the sample is converted to CO; and all the hydrogen in the sample is converted to

H,0. Then, you can calculate the mass of C in CO; and the mass of H in H2O. Finally, you can calculate the mass of
oxygen by difference, if necessary.

EXAMPLE 3.11
When a 0.761-g sample of a compound containing only carbon and hydrogen is burned in an apparatus with

CO; and H,O absorbers, 2.23 g CO2 and 1.37 g H,0 are collected. Determine the empirical formula of the
compound.

Strategy: Calculate the moles of C in 2.23 g CO2, and the moles of H in 1.37 g H>O. In this problem, we do not

need to convert to grams of C and H, because there are no other elements in the compound. To calculate the moles of
each component, you need the molar masses and the correct mole ratio.

Y ou should come up with the following strategy.

gCO; > molCOz - molC

Next, determine the smallest whole number ratio in which the elements combine.

Solution: ?mol C = 223 g'CO, LmolCO, | 1malC o sor i

44.01¢/CO, 1 mef CO,

?7mol H = 137 g'H,0 x Lmo(H0  2melH _ o100 iy

18.02¢H,0 1 mel H,0

Thus, we arrive at the formula Cg o507Ho.152, which gives the identity and the ratios of atoms present. However,
chemical formulas are written with whole numbers.

Similarly,
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Ty to convert to whole numbers by dividing all the subscripts by the smallest subscript.

. 0.0507 ~ 1.00 H: 0.152 _
0.0507 0.0507

T'his gives the empirical formula, CHj.

PRACTICE EXERCISE

11. Diethyl ether, commonly known as “ether”, was used as an anesthetic for many years. Diethyl ether contains C,
H, and O. When a 1.45 g sample of ether is burned in an apparatus such as that shown in Figure 3.6 of the text,

2.77 g of CO3 and 1.70 g of H20O are collected. Determine the empirical formula of diethyl ether.

‘I'ext Problem: 3.136

PROBLEM TYPE 6: DETERMINING THE MOLECULAR FORMULA OF A
COMPOUND

To determine the molecular formula of a compound, we must know both the approximate molar mass and the
cmpirical formula of the compound. The molecular formula will either be equal to the empirical formula or be some

integral multiple of it. Thus, the molar mass divided by the empirical mass will be an integer greater than or equal to
one.

molar mass

— > 1 (integer values)
empirical molar mass

EXAMPLE 3.12

A mass spectrum obtained on the compound in Example 3.11, shows its molecular mass to be about
31 g/mol. What is its molecular formula?

Strategy: First, determine the empirical formula. Then compare the molar mass to the empirical molar mass to
determine the molecular formula.

Solution: The empirical formula was determined in the previous example to be CHj.

Next, calculate the empirical molar mass.

empirical molar mass = 12.01 g + 3(1.008 g) = 15.03 g/mol

Determine the number of (CH3) units present in the molecular formula. This number is found by taking the ratio

molar mass _ 31g

— = =21~2
empirical molarmass  15.03 g

Thus, there are two CH3 units in each molecule of the compound, so the molecular formula is (CH3)3, or C2Hg.

PRACTICE EXERCISE

12. In Example 3.9, the empirical formula of dieldrin was determined to be Cj,HgClgO. If the molar mass of dieldrin
is 381 + 10 g/mol, what is the molecular formula of dieldrin?

Text Problems: 3.52, 3.54
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PROBLEM TYPE 7: CALCULATING THE AMOUNTS OF REACTANTS
AND PRODUCTS

These types of problems are dimensional analysis problems. You must always remember to start this type of problem

with a balanced chemical equation. The typical approach is given below. See Section 3.8 of your text for a step-by-
step method.

Amount of reactant ——» |Molesof reactant | [Moles of product
(expressed in grams, kg,
etc.)

——— 5 |Amount of product
(expressed in grams, kg,
etc.)

Tip: Always try to be flexible when solving problems. Most problems of this type will follow an
approach similar to the one above, but you may have to modify it sometimes.

EXAMPLE 3.13
Sulfur dioxide can be removed from stack gases by reaction with quicklime (CaO):

SO2(g) + CaO(s) —— CaS0s(s)

If 975 kg of SO; are to be removed from stack gases by the above reaction, how many kilograms of CaO are
required?

Strategy: We compare SO, and CaO based on the mole ratio in the balanced equation. Before we can determine
moles of CaO required, we need to convert to moles of SO>. What conversion factor is needed to convert from grams

of SO to moles of SO;? Once moles of CaO are obtained, another conversion factor is needed to convert from moles
of CaO to grams of CaO.

Solution: The molar mass of SO, will allow us to convert from grams of SO3 to moles of SO;. The molar mass of
SO2=32.07 g +2(16.00 g) = 64.07 g. The balanced equation is given, so the mole ratio between SO; and CaO is
known, that is, 1 mole SO; = 1 mole CaQ. F inally, the molar mass of CaO will convert moles of CaO to grams of
Ca0. This sequence of conversions is summarized as follows:

kg SO — gSO2 — moles SO; — moles CaD — g Ca0 — kg CaO

? kg Ca0 975)Qésoleooo/g/soz  1mofSO, 1mefCaO 5608gCaO 1kg CaO

1k£SO,  64.07¢50, 1melSO, = 1melCaO 1000 ) g'Ca0

= 853 kg CaO

Tip: Notice that the approach followed was a slight modification of the flow diagram given above.
We went from mass of one reactant, to moles of that reactant, to moles of a second reactant, and
finally to mass of second reactant.

PRACTICE EXERCISE
13. Carbon dioxide in the air of a spacecraft can be removed by its reaction with a lithium hydroxide solution.
CO2(g) + 2LiOH(ag) —— Li2CO3(aq) + H20())

On average, a person will exhale about 1 kg of CO,/day. How many kilograms of LiOH are required to react
with 1.0 kg of CO,?

Text Problems: 3.66, 3.68, 3.70, 3.72, 3.74, 3.76, 3.78
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PROBLEM TYPE 8: LIMITING REAGENT CALCULATIONS

When a chemist carries out a reaction, the reactants are usually not present in exact stoichiometric amounts, that is,
In the proportions indicated by the balanced equation. The reactant used up first in a reaction is called the limiting
rengent. When this reactant is used up, no more product can be formed.

T'ypically, the only difference between this type of problem and Problem Type 7, Calculating the Amounts of
Iteactants and Products, is that you must first determine which reactant is the limiting reagent.

EXAMPLE 3.14
Phosphine (PH3) burns in oxygen (02) to produce phosphorus pentoxide and water.

2PH3(g) +402(8) ——> P,05(s) + 3H0()
llow many grams of P;0s will be produced when 17.0 g of phosphine are reacted with 16.0 g of O2?

Strategy: Note that this reaction gives the amounts of both reactants, so it is likely to be a limiting reagent problem.
The reactant that produces fewer moles of product is the limiting reagent because it limits the amount of product that
can be produced. How do we convert from the amount of reactant to amount of product? Perform this calculation for

cach reactant, and then compare the moles of product, P,Os, formed by the given amounts of PH3 and O, to determine
which reactant is the limiting reagent.

Solution: We carry out two separate calculations. First, starting with 17.0 g PH3, we calculate the number of moles
of P20s that could be produced if all the PHj reacted. We complete the following conversions.

grams of PH3 — moles of PH3 — moles of P;05

Combining these two conversions into one calculation, we write

1mfPH; 1
? mol P05 = 17.0 g'PH; x 33‘;};’;}’ &3 x 21‘2{?335 = 0.250 mol P,0;

Second, starting with 16.0 g of O, we complete similar conversions.

grams of O; — moles of O2 — moles of P2Os

Combining these two conversions into one calculation, we write

? mol P,Os = 16.0 20, x 1 mef 0, « 1MoL P05 6125 mol P,0
23 2732040, 4melO, s

The initial amount of O3 limits the amount of product that can be formed; therefore, it is the limiting reagent.

The problem asks for grams of P205 produced. We already know the moles of P,Os produced, 0.125 mole. Use the
molar mass of P2Os as a conversion factor to convert to grams,
141.94 g P,O4

? g P05 = 0.125 mof P,05 x
1 mef P,05

= 17.7 g P,05

Check: Does your answer seem reasonable? 0.125 mole of product is formed. What is the mass of 1 mole of P,05?

PRACTICE EXERCISE

14. TIron can be produced by reacting iron ore with carbon. The iron produced can then be used to make steel. The
reaction is

2Fey03(5) + 3C(s) —2 5 4Fe(l) + 3COx(g)
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(a) How many grams of Fe can be produced from a mixture of 200.0 g of Fe;03 and 300.0 g C?
(b) How many grams of excess reagent will remain after the reaction ceases?

Text Problems: 3.84, 3.86

PROBLEM TYPE 9: CALCULATING THE PERCENT YIELD OF A
REACTION

The theoretical yield is the amount of product that would result if all the limiting reagent reacted. This is the
maximum obtainable yield predicted by the balanced equation. However, the amount of product obtained is almost
always less than the theoretical yield. The actual yield is the quantity of product that actually results from a reaction.

To determine the efficiency of a reaction, chemists often calculate the percent yield, which describes the proportion
of the actual yield to the theoretical yield. The percent yield is calculated as follows:

actual yield

% yield = x 100%

theoretical yield
EXAMPLE 3.15

In Example 3.14, the theoretical yield of P05 was determined to be 17.7 g. If only 12.6 g of P,Os are actually
obtained, what is the percent yield of the reaction?

Solution: % yield = —2<MaYiEld 1000,

theoretical yield

% yield = :33 £
g

x 100% = 71.2%

PRACTICE EXERCISE

15. Refer back to Practice Exercise 14 to answer this question. If the actual yield of Fe is 110 g, what is the percent
yield of Fe?

Text Problems: 3.90, 3.92, 3.94

ANSWERS TO PRACTICE EXERCISES

11

1. ''s 2. 1.97 moles Cu 3. 7.951 x 102 g/Ti atom
4. 98.7gZn 5. 130.18 amu 6. 13.1 gethane

7. 7.02x 1022 C atoms 8. 7.513 percent H by mass 9. FesS3

10. 0.67gH 11. C2HgO 12. C;HgClsO

13. 1.1 kg LiOH 14. (a) 1399 gFe 15. 78.6 percent yield

(b) 277gC
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SOLUTIONS TO SELECTED TEXT PROBLEMS

NG

Zad
x

3.12

3.14

This is a variation of Problem Type 1, Calculating Average Atomic Mass.

Strategy: Each isotope contributes to the average atomic mass based on its relative abundance.

Multiplying the mass of an isotope by its fractional abundance (not percent) will give the contribution to the
average atomic mass of that particular isotope.

It would seem that there are two unknowns in this problem, the fractional abundance of SLi and the fractional
abundance of Li. However, these two quantities are not independent of each other they are related by the

fact that they must sum to 1. Start by letting x be the fractional abundance of SLi. Since the sum of the two
abundance’s must be 1, we can write

Abundance 'Li = (1 —x)
Solution:

Average atomic mass of Li = 6.941 amu = x(6.0151 amu) + (1 — x)(7.0160 amu)
6.941 = -1.0009x + 7.0160
1.0009x = 0.075
x = 0.075

x =0.075 corresponds to a natural abundance of SLiof7.5 percent. The natural abundance of Liis
(1 —x)=0.925 or 92.5 percent.

lg

23
?amu = 8.4 g “22"% 5.1 x 102 amu

: 23
The unit factor required is (6'022 x10 amuJ

The thickness of the book in miles would be:

M —i Imi_(6.022x10% pa pages) = 3.4 x 10'® mi
I pgge 12).( 5280/ﬁ/

The distance, in miles, traveled by light in one year is:

365d;{ 24{ 3600/ 300x108;r( Imi_ 12
1.00 yf'x T Tes < in T 609 5.88 x 10'% mi

The thickness of the book in light-years is:

(34 x 10 pdj x _Llightyr 54103 light - yr

5.88 x 10'% i’

It will take light 5.8 x 10° years to travel from the first page to the last one!

1 mol Co
6.022 x 102 Co atefns

(6.00 x 10° Co aefns) x = 9,96 x 1075 mol Co
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Converting between moles of atoms and mass of atoms, Problem Type 2A.

Strategy: We are given moles of gold and asked to solve for grams of gold. What conversion factor do we
need to convert between moles and grams? Arrange the appropriate conversion factor so moles cancel, and
the unit grams is obtained for the answer.

Solution: The conversion factor needed to covert between moles and grams is the molar mass. In the

periodic table (see inside front cover of the text), we see that the molar mass of Au is 197.0 g. This can be
expressed as

1 mol Au=197.0 g Au

From this equality, we can write two conversion factors.

1 mol Au and 197.0 g Au
197.0 g Au 1 mol Au

The conversion factor on the right is the correct one. Moles will cancel, leaving the unit grams for the answer.

We write

?g Au = 153 mof Au x /08 A% _ 3014 10%g Au
ln}@f u

Check: Does a mass of 3010 g for 15.3 moles of Au seem reasonable? What is the mass of | mole of Au?

Calculating the mass of a single atom, Problem Type 2B.

(a)

Strategy: We can look up the molar mass of arsenic (As) on the periodic table (74.92 g/mol). We want to
find the mass of a single atom of arsenic (unit of g/atom). Therefore, we need to convert from the unit mole
in the denominator to the unit atom in the denominator. What conversion factor is needed to convert between

moles and atoms? Arrange the appropriate conversion factor so mole in the denominator cancels, and the
unit atom is obtained in the denominator.

Solution: The conversion factor needed is Avogadro's number. We have
1 mol = 6.022 x 10 particles (atoms)
From this equality, we can write two conversion factors.

1 mol As 6.022 x lO23 As atoms
and

6.022 x 103 As atoms 1 mol As

The conversion factor on the left is the correct one. Moles will cancel, leaving the unit atoms in the
denominator of the answer.

We write

74928 As | mef As
1 mef As ¥ 6.022 x 103 As atoms

? g/As atom = = 1244 x 1072 g/As atom

(b) Follow same method as part (a).

? g/Ni atom = o0 8N, ! ""Z‘EN‘ — 9.746 x 1023 g/Ni atom
1mel Ni ~ 6.022 x 1023 Ni atoms

Check: Should the mass of a single atom of As or Ni be a very small mass?
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Converting mass in grams to number of atoms, Problem Type 2a.

Strategy: The question asks for atoms of Cu. We cannot convert directly from grams to atoms of copper.
What unit do we need to convert grams of Cu to in order to convert to atoms? What does Avogadro's
number represent?

Solution: To calculate the number of Cu atoms, we first must convert grams of Cu to moles of Cu. We use
the molar mass of copper as a conversion factor. Once moles of Cu are obtained, we can use Avogadro's
number to convert from moles of copper to atoms of copper.

I mol Cu=63.55gCu

The conversion factor needed is

1 mol Cu
63.55 g Cu

Avogadro's number is the key to the second conversion. We have

1 mol = 6.022 x 102 particles (atoms)

From this equality, we can write two conversion factors.

1 mol Cu 6.022 x 10%3 Cu atoms
and

6.022 x 1022 Cu atoms 1 mol Cu

The conversion factor on the right is the one we need because it has number of Cu atoms in the numerator,
which is the unit we want for the answer.

Let's complete the two conversions in one step.

grams of Cu — moles of Cu — number of Cu atoms

23
1 rryo’l/Cu 5 6.022 x 10°° Cu atoms ~ 2.98 x 1022 Cu atoms
63.55 g'Cu 1 mef Cu

?atoms of Cu = 3.14/g/Cu x

Check: Should 3.14 g of Cu contain fewer than Avogadro's number of atoms? What mass of Cu would
contain Avogadro's number of atoms?

2 Pb atofns x 1m§;3(1)b 2072¢Pb
6.022 x 10 Pb atefns | mef Pb

= 6.881x 10722 g Pb

(5.1x10 B mof Hey x 2B 8He 54 15224 e

1r9errHe

2 atoms of lead have a greater mass than 5.1 x 1072 mol of helium,

Calculating molar mass, modification of Problem Type 3A.

Strategy: How do molar masses of different elements combine to give the molar mass of a compound?

Solution: To calculate the molar mass of a compound, we need to sum all the molar masses of the elements
in the molecule. For each element, we multiply its molar mass by the number of moles of that element in one

mole of the compound. We find molar masses for the elements in the periodic table (inside front cover of the
text).
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(a) molar mass LiCO3 = 2(6.941 g) + 12.01 g+ 3(16.00g) = 73.89 g

(b) molar mass CS; = 12.01 g+2(32.07g) = 76.15¢g

(c) molar mass CHCl3 = 12.01 g+ 1.008 g + 3(3545g) = 119.37¢g

(d) molar mass CgHgOg = 6(12.01 g) + 8(1.008 g) + 6(16.00 g) = 176.12 g
(e) molar mass KNO3 = 39.10g+14.01 g+ 3(16.00g) = 101,11 g

() molar mass MgsN2 = 3(24.31 g) +2(14.01 g) = 10095 g

Calculating the number of molecules in a given amount of compound, similar to Problem Type 3B.

Strategy: We are given grams of ethane and asked to solve for molecules of ethane. We cannot convert
directly from grams ethane to molecules of ethane. What unit do we need to obtain first before we can
convert to molecules? How should Avogadro's number be used here?

Solution: To calculate number of ethane molecules, we first must convert grams of ethane to moles of
ethane. We use the molar mass of ethane as a conversion factor. Once moles of ethane are obtained, we can
use Avogadro's number to convert from moles of ethane to molecules of ethane.

molar mass of CoHg = 2(12.01 g) + 6(1.008 g) = 30.068 g

The conversion factor needed is

1 mol C2H6
Avogadro's number is the key to the second conversion. We have

1 mol = 6.022 x 1023 particles (molecules)

From this equality, we can write the conversion factor:

6.022 x 102 ethane molecules
1 mol ethane

Let's complete the two conversions in one step.

grams of ethane — moles of ethane — number of ethane molecules

1 n}d(C2H6 N 6.022 x 107 C,Hg molecules

30.07 g'C,He 1 mef C,Hg
= 6.69 x 1021 C;Hg molecules

? moleculesof C,Hg = 0.334/g/C2H6 X

Check: Should 0.334 g of ethane contain fewer than Avogadro's number of molecules? What mass of
ethane would contain Avogadro's number of molecules?

Calculating the number of atoms in a given amount of a compound, Problem Type 3C.

Strategy: We are asked to solve for the number of N, C, O, and H atoms in 1.68 x 10* g of urea. We
cannot convert directly from grams urea to atoms. What unit do we need to obtain first before we can

convert to atoms? How should Avogadro's number be used here? How many atoms of N, C, O, or Hare in
1 molecule of urea?
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Solution: Let's first calculate the number of N atoms in 1.68 x 10° g of urea. First, we must convert grams
of urea to number of molecules of urea. This calculation is similar to Problem 3.26. The molecular formula

of urea shows there are two N atoms in one urea molecule, which will allow us to convert to atoms of N. We
need to perform three conversions:

grams of urea — moles of urea — molecules of urea —» atoms of N

The conversion factors needed for each step are: 1) the molar mass of urea, 2) Avogadro's number, and 3) the
number of N atoms in 1 molecule of urea.

We complete the three conversions in one calculation.

23
?atomsof N = (1.68 x 104/g/urea) N lj,er(urea N 6.022 x 10°” urea molecules N 2 N atoms
, 60.06 /g/ urea 1 rpdf urea 1 moleCule urea
= 337x 10N atoms

The above method utilizes the ratio of molecules (urea) to atoms (nitrogen). We can also solve the problem
by reading the formula as the ratio of moles of urea to moles of nitrogen by using the following conversions:

grams of urea — moles of urea — moles of N — atoms of N

Try it.

Check: Does the answer seem reasonable? We have 1.68 x 10* g urea. How many atoms of N would
60.06 g of urea contain?

We could calculate the number of atoms of the remaining elements in the same manner, or we can use the
atom ratios from the molecular formula. The carbon atom to nitrogen atom ratio in a urea molecule is 1:2,
the oxygen atom to nitrogen atom ratio is 1:2, and the hydrogen atom to nitrogen atom ration is 4:2.

?atoms of C = (3.37 x 10%° N atpfns) x ;Cﬂ = 1.69 x 1026 C atoms

N a;aﬁs

?atomsof O = (3.37 x 100N a;eﬁls) x M = 1.69 x 1026 O atoms

2 N atofns
° 26 4 H atoms 26
?atoms of H = (3.37 x 10%° N atpfns) x TN aios = 674 10% Hatoms
al S

L0 _ 556
1.00 L

Molar mass of H2O0 = (16.00 g) + 2(1.008 g) = 18.02 g/mol

3.30 Mass of water = 2.56 gﬂf X

1 nyzr{HZO 6.022 x 102> molecules H,0

1802g'H,0 " I mef H,0

= 8.56 x 1022 molecules

? H,0 molecules = 2.56 g’H,0 x
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Since there are two hydrogen isotopes, they can be paired in three ways: 1H-IH, lH—2H, and 2H-"H. There

will then be three choices for each sulfur isotope. We can make a table showing all the possibilities (masses
in amu):

32 33 34 36

S S S S
H, 34 35 36 38
'HH 35 36 37 39
2y, 36 37 38 40

There will be seven peaks of the following mass numbers: 34, 35, 36, 37, 38, 39, and 40.

Very accurate (and expensive!) mass spectrometers can detect the mass difference between two 'H and one
’H. How many peaks would be detected in such a “high resolution” mass spectrum?

Calculating percent composition of a compound, Problem Type 4A.

Strategy: Recall the procedure for calculating a percentage. Assume that we have 1 mole of CHCls. The
percent by mass of each element (C, H, and Cl) is given by the mass of that element in 1 mole of CHCl3

divided by the molar mass of CHCl3, then multiplied by 100 to convert from a fractional number to a
percentage.

Solution: The molar mass of CHCl3 = 12.01 g/mol + 1.008 g/mol + 3(35.45 g/mol) = 119.4 g/mol. The
percent by mass of each of the elements in CHCl3 is calculated as follows:

oc = 1201 gmol e — 10.06%
119.4 g/mol
oy = 1008 gmol e — 0.8442%
119.4 g/mol
gucl = 23345) g/mol o000 89.07%
119.4 g/mol

Check: Do the percentages add to 100%? The sum of the percentages is (10.06% + 0.8442% + 89.07%) =
99.97%. The small discrepancy from 100% is due to the way we rounded off.

Compound Molar mass (g) N% by mass

(@) (NH2)2CO 60.06 204.018) . 100% = 46.65%
60.06 g

(b) NH4NO3 80.05 204.018) . 100% = 35.00%
80.05 g

©  HNC(NHz), 59.08 304.018) | 100% = 71.14%
59.08 g

@ NH3 17.03 14018 | 100% = 82.27%

17.03 g

Ammonia, NHz, is the richest source of nitrogen on a mass percentage basis.
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METHOD 1:

Step 1: Assume you have exactly 100 g of substance. 100 g is a convenient amount, because all the
percentages sum to 100%. The percentage of oxygen is found by difference:

100% ~ (19.8% + 2.50% + 11.6%) = 66.1%
In 100 g of PAN there will be 19.8 g C,2.50 gH, 11.6 g N, and 66.1 g O.
Step 2: Calculate the number of moles of each element in the compound. Remember, an empirical formula

tells us which elements are present and the simplest whole-number ratio of their atoms. This ratio is
also a mole ratio. Use the molar masses of these elements as conversion factors to convert to moles.

1 mol C

ne = 19.8/(me = 1.65 mol C

ny = 2.50 g'H x% = 2.48 mol H

ny = 11.6/g/Nx—1M = 0.828 mol N
14.01 g N

no = 66.1g0x 0 _ 4130000

16.00 /g/O

Step 3: Try to convert to whole numbers by dividing all the subscripts by the smallest subscript. The

formula is Cy 65H2.48N0.82804.13. Dividing the subscripts by 0.828 gives the empirical formula,
C2H3NOs.

To determine the molecular formula, remember that the molar mass/empirical mass will be an integer greater
than or equal to one.

molar mass

[\

— 1 (integer values)
empirical molar mass

In this case,
molar mass 120g
empirical molar mass  121.05 g

Hence, the molecular formula and the empirical formula are the same, CoH3NOs.

METHOD 2:

Step 1: Multiply the mass % (converted to a decimal) of each element by the molar mass to convert to
grams of each element. Then, use the molar mass to convert to moles of each element.

1 mol C

12.01 /g/C

my = (0.0250) x (120 gJ x %

1 mol N
14.01 g'N

1 mol O
16.00 g0

ne = (0.198)><(120/g)'>< = 1.98 mol C = 2 mol C

=298 molH ~ 3 mol H

ny = (0.116) x (120 gf x 0.994 mol N ~ 1 mol N

ng = (0.661) x (1 20/g’5 x 4.96 mol O ~ 5 mol O

Step 2: Since we used the molar mass to calculate the moles of each element present in the compound, this
method directly gives the molecular formula. The formula is C2H3NOs.
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Step 3: Try to reduce the molecular formula to a simpler whole number ratio to determine the empirical
formula. The formula is already in its simplest whole number ratio. The molecular and empirical
formulas are the same. The empirical formula is CH3NOs.

Using unit factors we convert:

gof Hg > molHg — molS — g8§

7gS = 246 ¢ Hg x ImelHg  ImelS  32078S _ 455, ¢

200.6 g’ Hg ln)/a'ngx 1 mef S

Calculating mass from percent composition, Problem Type 4C.

Strategy: Tin(Il) fluoride is composed of Sn and F. The mass due to F is based on its percentage by mass
in the compound. How do we calculate mass percent of an element?

Solution: First, we must find the mass % of fluorine in SnF». Then, we convert this percentage to a fraction
and multiply by the mass of the compound (24.6 g), to find the mass of fluorine in 24.6 g of SnF>.

The percent by mass of fluorine in tin(Il) fluoride, is calculated as follows:

mass % F = Tass of F in 1 mol SnF, « 100%

molar mass of SnE,
_2(19.00 g)
156.7 g

x 100% = 24.25% F

Converting this percentage to a fraction, we obtain 24.25/100 = 0.2425.

Next, multiply the fraction by the total mass of the compound.

2 g Fin24.6 g SnF; = (0.2425)(24.6¢g) = 597gF

Check: As a ball-park estimate, note that the mass percent of F is roughly 25 percent, so that a quarter of
the mass should be F. One quarter of approximately 24 g is 6 g, which is close to the answer.

Note: This problem could have been worked in a manner similar to Problem 3.46. You could
complete the following conversions:

g of SnF2 — mol of SnF2 — mol of F —» gof F

Determining empirical formula from percent composition, Problem Type 4C.

(@)

Strategy: In a chemical formula, the subscripts represent the ratio of the number of moles of each element
that combine to form the compound. Therefore, we need to convert from mass percent to moles in order to
determine the empirical formula. If we assume an exactly 100 g sample of the compound, do we know the
mass of each element in the compound? How do we then convert from grams to moles?

Solution: If we have 100 g of the compound, then each percentage can be converted directly to grams. In
this sample, there will be 40.1 g of C, 6.6 g of H, and 53.3 g of O. Because the subscripts in the formula
represent a mole ratio, we need to convert the grams of each element to moles. The conversion factor needed
is the molar mass of each element. Let » represent the number of moles of each element so that
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ne = 40.1gCx ~2UC _ 534 01 c

1201¢°C

66gHx—2UH _ (55 ol H
1.008 g'H

hy

533g0x 20 _ 333,010

16.00/g/0

Thus, we arrive at the formula C3 34Hg 503 33, which gives the identity and the mole ratios of atoms present.

However, chemical formulas are written with whole numbers. Try to convert to whole numbers by dividing
all the subscripts by the smallest subscript (3.331).

no

C:3'34z1 H:6'55z2 0:3.33=1
3.33 333 3.33

This gives the empirical formula, CH,0.

Check: Are the subscripts in CH,O reduced to the smallest whole numbers?

(b) Following the same procedure as part (a), we find:

18.4 g'C I mol C

———— =153 mol C
e 1201g7C

ny = ZISXNxM

14.01 g'N
60.1 gk x LKy 54 ol k
39.10 gK

1.53 mol N

B

Dividing by the smallest number of moles (1.53 mol) gives the empirical formula, KCN.

The empirical molar mass of CH is approximately 13.02 g. Let's compare this to the molar mass to determine
the molecular formula.

Recall that the molar mass divided by the empirical mass will be an integer greater than or equal to one.

molar mass

— : 2 1 (integer values)
empirical molar mass

In this case,
molar mass _ 18g
empirical molar mass  13.02 ¢

Thus, there are six CH units in each molecule of the compound, so the molecular formula is (CH)g, or CgHg.

METHOD 1:

Step 1: Assume you have exactly 100 g of substance. 100 g is a convenient amount, because all the

percentages sum to 100%. In 100 g of MSG there will be 35.51 g C, 4.77 g H, 37.85 g0,829gN,
and 13.60 g Na.
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Step 2: Calculate the number of moles of each element in the compound. Remember, an empirical formula
tells us which elements are present and the simplest whole-number ratio of their atoms. This ratio is

also a mole ratio. Let nc, ny, 70, NN, and nNa be the number of moles of elements present. Use the
molar masses of these elements as conversion factors to convert to moles.

ne = 35.51C x Lmol € _ 957 mol C

12. Ol/g/C

1 mol H
ny = 477 gH % = 4.73 mol H
H g 1.008 g'H

1 mol O
I’I0=

37.85 /g/O = 2.366 mol O
16.0 /g/O

I mol N
ny = 8.29 g'N x = 0.592 mol N
N N 1401 g'N
1 mol Na
= 13.60 g'Na x = 0.5916 mol Na
22.99 /g/Na

Thus, we arrive at the formula C2 957H4.7302.366N0.592Nag 5916, which gives the identity and the ratios of
atoms present. However, chemical formulas are written with whole numbers.

Step 3: Try to convert to whole numbers by dividing all the subscripts by the smallest subscript.

297 _ 4998 x5 H: =3 _ 500 ; 2366 3999 4
0.59156 0.59156 0.59156

L 0592 oo Ng: 05916 _
0.59156 0.5916

This gives us the empirical formula for MSG, CsHgO4NNa.

To determine the molecular formula, remember that the molar mass/empirical mass will be an integer greater
than or equal to one.

molar mass

v

— 1 (integer values)
empirical molar mass

In this case,
molar mass . 169¢g
empirical molar mass  169.11 g

Hence, the molecular formula and the empirical formula are the same, CsHgO4NNa. It should come as no
surprise that the empirical and molecular formulas are the same since MSG stands for monosodiumglutamate.

METHOD 2:

Step 1: Multiply the mass % (converted to a decimal) of each element by the molar mass to convert to
grams of each element. Then, use the molar mass to convert to moles of each element.

ne = (0.3551) x (169 g x 117‘:)‘% = 5.00 mol C
my = (0.0477) x (169 g x Tl(% ~ 8.00 mol H
1 mol O

no = (0.3785) x (169 gf x = 4.00 mol O
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1 mol N
= (0.0829) x (169 gf x ———__ = .00 mol N
N = (0.0829)x (169 g 14.01 g'N
e = (0.1360) x (169 gf x 2L N8 _ 4 66 1161 Na

22.99 /g/Na

Step 2: Since we used the molar mass to calculate the moles of each element present in the compound, this
method directly gives the molecular formula. The formula is CsHgO4NNa.

The balanced equations are as follows:

(8) 2N05 — 2N,04 + Oy (h) 2Al+3HS04 — Aly(SO4)3 + 3Hs

(b) 2KNO3 — 2KNO3 + O, (i) COz+2KOH — K»COj3 + H20

(€) NH4NO3 - N2O +2H,0 () CH4+20; — COz+2H,0

(d) NH4NO; — N +2H,0 (k) BexC +4H;0 — 2Be(OH), + CHy

(6) 2NaHCO3; — NayCO3 + H20 + CO, (I)  3Cu+8HNO3 — 3Cu(NO3); + 2NO + 4H,0
() P4O010+6H0 — 4H3PO, (m) S+6HNO3 — HySO04+ 6NO, + 2H,0

(g) 2HCl+CaCO3 — CaCly + H,0 + CO, (n) 2NH3+3CuO — 3Cu + N3 + 3H,0

On the reactants side there are 6 A atoms and 4 B atoms. On the products side, there are 4 C atoms and 2 D
atoms. Writing an equation,

6A +4B — 4C+2D

Chemical equations are typically written with the smallest set of whole number coefficients. Dividing the
equation by two gives,
3A+2B - 2C+D

The correct answer is choice (d).

Calculating the Amounts of Reactants and Products, Problem Type 7.

Si(s) + 2Cly(g) ——>  SiCla(l)

Strategy: Looking at the balanced equation, how do we compare the amounts of Cl» and SiCly? We can
compare them based on the mole ratio from the balanced equation.

Solution: Because the balanced equation is given in the problem, the mole ratio between Cly and SiCly is
known: 2 moles Cl; == 1 mole SiCls. From this relationship, we have two conversion factors.

2 mol Cl, and 1 mol SiCl,
1 mol SiCl, 2 mol Cl,

Which conversion factor is needed to convert from moles of SiCly to moles of Cl3? The conversion factor on

the left is the correct one. Moles of SiCls will cancel, leaving units of "mol Cl," for the answer. We
calculate moles of Cl reacted as follows:
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2 mol Cl,

?mol Cl, reacted = 0.507 mof SiCl, x T SiCly = 1.01 mol Cl,
my 1C1,

Check: Does the answer seem reasonable? Should the moles of Cl; reacted be double the moles of SiCly
produced?

Starting with the 5.0 moles of C4H 1o, we can use the mole ratio from the balanced equation to calculate the
moles of CO; formed.

2C4H10(g) + 1302(g) — 8COa(g) + 10H0())

8 mol CO,

?mol CO, = 5.0 rQoTC4H10x W
10

= 20 mol CO, = 2.0 x 10" mol CO,

(a) 2NaHCO3; —— NazCO3 + Hy0 + COz

(b) Molar mass NaHCO3 = 22.99 g+ 1.008 g + 12.01 g + 3(16.00 g) = 84.01 ¢
Molar mass CO; = 12.01 g+2(16.00g) = 4401 g

The balanced equation shows one mole of CO; formed from two moles of NaHCO3.

mass NaHCO; = 205 £/CO, 1mefCO, 2 mel NaHCO; _ 84.01 g NaHCOs,

4401gCO, 1 mef CO, * 1 mel NaHCOs,

= 78.3 g NaHCO3

Calculating the Amounts of Reactants and Products, Problem Type 7.

C¢Hi206 —— 2C;HsOH +2CO,
glucose ethanol

Strategy: We compare glucose and ethanol based on the mole ratio in the balanced equation. Before we
can determine moles of ethanol produced, we need to convert to moles of glucose. What conversion factor is
needed to convert from grams of glucose to moles of glucose? Once moles of ethanol are obtained, another
conversion factor is needed to convert from moles of ethanol to grams of ethanol.

Solution: The molar mass of glucose will allow us to convert from grams of glucose to moles of glucose.
The molar mass of glucose = 6(12.01 g) + 12(1.008 g) + 6(16.00 g) = 180.16 g. The balanced equation is
given, so the mole ratio between glucose and ethanol is known; that is 1 mole glucose = 2 moles ethanol.

Finally, the molar mass of ethanol will convert moles of ethanol to grams of ethanol. This sequence of three
conversions is summarized as follows:

grams of glucose — moles of glucose — moles of ethanol — grams of ethanol

? g C2H50H

1 mof CgHj0g 2 mof C,HSOH  46.07 g C,H5s0H
500.4 g'C¢H ;06 x x
180.16 gCeH,04 1 mof CgH 06 1 mof C,HsOH

255.9 g C;HsOH

Check: Does the answer seem reasonable? Should the mass of ethanol produced be approximately half the
mass of glucose reacted? Twice as many moles of ethanol are produced compared to the moles of glucose
reacted, but the molar mass of ethanol is about one-fourth that of glucose.
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The liters of ethanol can be calculated from the density and the mass of ethanol.

mass
volume = .
density
Volume of ethanol obtained = 255.9 =324 mL = 0324 L

0.789 g/mL

The balanced equation shows that eight moles of KCN are needed to combine with four moles of Au.

? mol KCN = 29.0 g'Au x 1 mof Au « BmOlKCN _ 294 mol KCN

197.0/g/Au 4 mef Au

(a) NH4NO3(s) — N20(g) + 2H20(g)

(b) Starting with moles of NH4NO3, we can use the mole ratio from the balanced equation to find moles of

N20. Once we have moles of N2O, we can use the molar mass of NoO to convert to grams of N»O.
Combining the two conversions into one calculation, we have:

mol NH4NO3 — mol N;O - g N2O

1 mof .02
? g N;O = 0.46 mel NH,NO; x N0 44028 N0 5 010t g N,0
I mof NH;NO; 1 mef N,O

The balanced equation for the decomposition is

2KClO3(s) —> 2KCI(s) + 302(g)

280, = 46.0 gKCIO;x — mofKCIO;  3mef0, 320080, _ o0 g0,
122.55 g’ KCIO3 2 me KCIO; 1 mef O,

Nz +3H; — 2NHj3

(a) The number of N> molecules shown in the diagram is 3. The balanced equation shows
3 moles Hy = 1 mole N,. Therefore, we need 9 molecules of Hj to react completely with 3 molecules
of Na. There are 10 molecules of Hy present in the diagram. H» is in excess.

N3 is the limiting reagent.

(b) 9 molecules of Hy will react with 3 molecules of Ny, leaving 1 molecule of H; in excess. The mole
ratio between N3 and NH3 is 1:2. When 3 molecules of N; react, 6 molecules of NH3 will be produced.

o
@ o @D Hy

o © NH;
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Limiting Reagent Calculation, Problem Type 8.

Strategy: Note that this reaction gives the amounts of both reactants, so it is likely to be a limiting reagent
problem. The reactant that produces fewer moles of product is the limiting reagent because it limits the
amount of product that can be produced. How do we convert from the amount of reactant to amount of

product? Perform this calculation for each reactant, then compare the moles of product, NO,, formed by the
given amounts of O3 and NO to determine which reactant is the limiting reagent.

Solution: We carry out two separate calculations. First, starting with 0.740 g O3, we calculate the number
of moles of NO; that could be produced if all the O3 reacted. We complete the following conversions.

grams of O3 — moles of O3 — moles of NO2

Combining these two conversions into one calculation, we write

LmefO;  1moINOy _ 4154 o) NO,
4800 g0; 1 mpl 04

Second, starting with 0.670 g of NO, we complete similar conversions.

? mol NO, = 0.740 g0

grams of NO — moles of NO — moles of NO2
Combining these two conversions into one calculation, we write

? mol NO, = 0.670 g'NO x DA NO_, Lmol N2 _ 4 0993 mot NO,

3001 gNO 1 mel NO

The initial amount of O3 limits the amount of product that can be formed; therefore, it is the limiting
reagent.

The problem asks for grams of NO2 produced. We already know the moles of NO2 produced, 0.0154 mole.
Use the molar mass of NO, as a conversion factor to convert to grams (Molar mass NOz = 46.01 g).

46.01 g NO,

2 g NO, = 0.0154 mof NO, x = 0.709 g NO,
1 mef NO,

Check: Does your answer seem reasonable? 0.0154 mole of product is formed. What is the mass of
1 mole of NO3?

Strategy: Working backwards, we can determine the amount of NO that reacted to produce 0.0154 mole of
NO,. The amount of NO left over is the difference between the initial amount and the amount reacted.

Solution: Starting with 0.0154 mole of NO,, we can determine the moles of NO that reacted using the

mole ratio from the balanced equation. We can calculate the initial moles of NO starting with 0.670 g and
using molar mass of NO as a conversion factor.

1 mol NO

mol NO reacted = 0.0154 mol NO; x ————— = 0.0154 mol NO
1 mol NO,
mol NO initial = 0.670 g NO x N9 _ 6223 mol NO
3001 g NO

mol NO remaining = mol NO initial — mol NO reacted.

mol NO remaining = 0.0223 mol NO — 0.0154 mol NO = 0.0069 mol NO
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This is a limiting reagent problem. Let's calculate the moles of Clp produced assuming complete reaction for
each reactant.

0.86 mof MO, x - Lmol C1,

= 0.86 mol Cl,
Mn02

48.2 g HCI x TmolHCL 1molCl _ 330 mol cl,

36458 g HCI 4 mpf HCI

HCl is the limiting reagent; it limits the amount of product produced. It will be used up first. The amount of
product produced is 0.330 mole Cl,. Let's convert this to grams.

70.90 g Cl,

2gCl, = 0330 mal Cl,x 2208k _ 3401
g Cl, mel Cl, et CI; g Cl,

(a) Start with a balanced chemical equation. It’s given in the problem. We use NG as an abbreviation for
nitroglycerin. The molar mass of NG = 227.1 g/mol.

4C3HsN3O09 —— 6Nz + 12CO3 + 10H20 + O3
Map out the following strategy to solve this problem.
gNG - moING - mol0O; » g0

Calculate the grams of O3 using the strategy above.

1 . 2 1me{NG _ 1mef0, 320050, _
?gOz—2.00x10/g/NGx227.1/g/NGx4MNG>< Tmp 0, = 7.05g 0,

(b) The theoretical yield was calculated in part (a), and the actual yield is given in the problem (6.55 2).

The percent yield is:
% yield = —2malyield 000
theoretical yield
% yield = 50892, 1000, = 92,99
7.05g 0,

The actual yield of ethylene is 481 g. Let’s calculate the yield of ethylene if the reaction is 100 percent
efficient. We can calculate this from the definition of percent yield. We can then calculate the mass of
hexane that must be reacted.

% yield = —2valyield 0006
theoretical yield
42.5% yield = —S518CaHs 040,
theoretical yield

theoretical yield CoHg = 1.13 x 10° g CoHy

The mass of hexane that must be reacted is:

(113 %10 & CyHy) x 1 mefl CyH, 1 mel CeHig 80178 Cellia _ 5 47, 193 g CeH, 4
2805gCoH, ~ 1mel CyH, 1 mel CgHyy
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This is a limiting reagent problem. Let's calculate the moles of $»Cl, produced assuming complete reaction
for each reactant.

Ss(/) +4Cla(g) — 482C1()

1mef Sy 4 mol S,Cl,
406 &Sy x s s g5 1molSg

624¢Cly x 1mofCly 4 mol S,Cly

7090 gCl, 4 mol Cly

Sg is the limiting reagent; it limits the amount of product produced. The amount of product produced is
0.0633 mole S,Cly. Let's convert this to grams.

= 0.0633 mol S2C12

= 0.0880 mol S,Cl,

135.04 g S,Cl,
7 g S,Cl, = 0.0633 S,Cl,x ————=—=—= = 8.55¢gS,Cl
g o2blh r915’{22 1mﬂ1/52C12 g o2t

This is the theoretical yield of SClp. The actual yield is given in the problem (6.55 g). The percent yield is:

actual yield o000 _ 6398 10095 = 76.6%

% yield = —————
oY theoretical yield 855¢g

2Ha(g) + O2(g) — 2H20(g)

We start with 8 molecules of Hz and 3 molecules of Oz. The balanced equation shows 2 moles Hy = 1 mole

0,. If 3 molecules of O react, 6 molecules of Hz will react, leaving 2 molecules of Hy in excess. The

balanced equation also shows 1 mole Oz = 2 moles H,0. If 3 molecules of O react, 6 molecules of H,O
will be produced.

After complete reaction, there will be 2 molecules of H; and 6 molecules of HO. The correct diagram is
choice (b).

We assume that all the Cl in the compound ends up as HCl and all the O ends up as H>O. Therefore, we
need to find the number of moles of C1 in HC1 and the number of moles of O in H70.

mol Cl = 0233 g'HCI x ImefHClL  tmolCl _ 0.00639 mol Cl

3646 g HICl 1 el HCI

mol O = 0.403 g'H,0 x Imo(Hy0  1molO 6004 mol 0

18.02 ' H,0 1 mef Hy0

Dividing by the smallest number of moles (0.00639 mole) gives the formula, C103 5. Multiplying both
subscripts by two gives the empirical formula, CLO7.

The symbol “O” refers to moles of oxygen atoms, not oxygen molecule (O7). Look at the molecular
formulas given in parts (a) and (b). What do they tell you about the relative amounts of carbon and oxygen?

1 mol O

ln}d(C

(a) 0212 nyrc x = 0.212 mol O
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2mol O

1mef C

This is a calculation involving percent composition. Remember,

() 0212 rggrc

= 0.424 mol O

mass of element in 1 mol of compound
percent by mass of each element =

x 100%
molar mass of compound

The molar masses are: Al, 26.98 g/mol; Alx(SO4)3, 342.17 g/mol; H,0, 18.016 g/mol. Thus, using x as the
number of HoO molecules,

mass % Al = 2(molar mass of Al) « 100%
molar mass of Al,(SO,4); + x(molar mass of H,0)
8.20% = 2(26.98 8) x 100%
3422 g + x(18.02 g)

x = 17.53

Rounding off to a whole number of water molecules, x = 18. Therefore, the formula is Al(S04)3-18 H,0.

The number of carbon atoms in a 24-carat diamond is:

23
2 carde x 200%(c L 0001gC  1mefC 6022 x10% atoms C ~ 2.4 x 105 atoms C
cgrat  1mgC 1201/g/C 1mof C

The mass of oxygen in MO is 39.46 g —31.70 g = 7.76 g O. Therefore, for every 31.70 g of M, there is
7.76 g of O in the compound MO. The molecular formula shows a mole ratio of 1 mole M : 1 mole O. First,
calculate moles of M that react with 7.76 g O.

~ imefO  1molM _
molM—7.76/g/O 16000 ln}e{o—o.485molM

31.70 g M

molarmass M = ———— =2
0.485 mol M

= 65.4 g/mol

Thus, the atomic mass of M is 65.4 amu. The metal is most likely Zn.

The wording of the problem suggests that the actual yield is less than the theoretical yield. The percent yield
will be equal to the percent purity of the iron(III) oxide. We find the theoretical yield :

(262 % 107 g Fey05) x 1000 g Fe,04 s 1 mef Fe,0, . 2 mof Fe 55.85/g/1=e 1kg Fe
' P kg Fey05 1597 gFe;,05 1 mal FeyOy 1 mef Fe * 1000 ¢ Fe

= 1.83 x 10° kg Fe

actual yield

percentyield = —————
theoretical yield

x 100%

1.64 x 10> kg Fe

percent yield = 3
1.83 x 10° kg Fe

x100% = 89.6% = purity of Fe,04
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The carbohydrate contains 40 percent carbon; therefore, the remaining 60 percent is hydrogen and oxygen.
The problem states that the hydrogen to oxygen ratio is 2:1. We can write this 2:1 ratio as H>O.

Assume 100 g of compound.

40.0 gC x Imol C 333 ol C

201g/c

60.0 &'H,0 x _tmol B0 _ 333 mol H,0
18.016 g'H,0

Dividing by 3.33 gives CH2O for the empirical formula.

To find the molecular formula, divide the molar mass by the empirical mass.

molarmass _ 178 g

~

empirical mass 30.03 g

Thus, there are six CH,O units in each molecule of the compound, so the molecular formula is (CH20)s, or
CeH1206.

If we assume 100 g of compound, the masses of Cl and X are 67.2 g and 32.8 g, respectively. We can

calculate the moles of Cl.
1 mol Cli
67.2 g Cl x
& Clx 35.45 /g/Cl

= 1.90 mol ClI

Then, using the mole ratio from the chemical formula (XCl3), we can calculate the moles of X contained in
32.8g.

1 mol X
1.90 mel Cl x ———— = 0.633 mol X
ol 3 mef Cl
0.633 mole of X has a mass of 32.8 g. Calculating the molar mass of X:

328 ¢ X

————=—— = 51.8 g/mol
0.633 mol X

The element is most likely chromium (molar mass = 52.00 g/mol).

A 100 g sample of myoglobin contains 0.34 g of iron (0.34% Fe). The number of moles of Fe is:

0.34 gFe x LmolFe _ ¢ 1 %107 mol Fe

5.8 /g/Fe

Since there is one Fe atom in a molecule of myoglobin, the moles of myoglobin also equal 6.1 x 10~ mole.
The molar mass of myoglobin can be calculated.

molar mass myoglobin = 100 g myoglobin = 1.6 x 10* g/mol

6.1 x 10~ mol myoglobin

If we assume 100 g of the mixture, then there are 29.96 g of Na in the mixture (29.96% Na by mass). This
amount of Na is equal to the mass of Na in NaBr plus the mass of Na in Na;SO4.

29.96 g Na = mass of Na in NaBr + mass of Na in NaSO4
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To calculate the mass of Na in each compound, grams of compound need to be converted to grams of Na using the

mass percentage of Na in the compound. If x equals the mass of NaBr, then the mass of NaySO4 is 100 —x. Recall
that we assumed 100 g of the mixture. We set up the following expression and solve for x.

29.96 g Na = mass of Na in NaBr + mass of Na in Na;SO4

29.96 g Na = x/g/NaBr x 2299—gNa + (100 _ x)/g/NaZSO4 x (2)(2299 g Na)
102.89 g'NaBr 142.05 g'Na»SO,4

29.96 = 0.2234x + 32.37 - 0.3237x
0.1003x = 2.41
x = 24.0 g, which equals the mass of NaBr.

The mass of Na»SOy4 is 100 — x which equals 76.0 g.

Because we assumed 100 g of compound, the mass % of NaBr in the mixture is 24.0% and the mass % of
NaxSO;4 is 76.0%.

The mass percent of an element in a compound can be calculated as follows:

mass of element in 1 mol of compound
percent by mass of each element =

x 100%
molar mass of compound

The molar mass of Ca3(POas)2 = 310.18 g/mol

% Ca = (3)3(?33;/ x 100% = 38.76% Ca

o p = DBOITE (o0 19.97% P
3102 ¢

% 0 = 316008 00
310.2 /g/

Yes. The number of hydrogen atoms in one gram of hydrogen molecules is the same as the number in one
gram of hydrogen atoms. There is no difference in mass, only in the way that the particles are arranged.

41.26% O

Would the mass of 100 dimes be the same if they were stuck together in pairs instead of separated?

Since we assume that water exists as either HoO or D0, the natural abundances are 99.985 percent and
0.015 percent, respectively. If we convert to molecules of water (both H,O or D,0), we can calculate the
molecules that are D>O from the natural abundance (0.015%).

The necessary conversions are:

mL water — g water — mol water ~» molecules water — molecules D;O

1 ,g/ water I mof water _ 6.022 x 1073 mo)zéules 0.015% molecules D,O
400 yf water x X x X
1 pa‘l: water  18.02 /g/ water 1 n}e( water 100% mo}eéules water

= 2.01 x 102' molecules DO
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3.124 First, we can calculate the moles of oxygen.

2.445 gC x “DAC 1mol O _ 9036 mol O

1201/,{c 1melC

Next, we can calculate the molar mass of oxygen.

3257g0

molarmassQ = ————
0.2036 mol O

= 16.00 g/mol

If 1 mole of oxygen atoms has a mass of 16.00 g, then 1 atom of oxygen has an atomic mass of 16.00 amu.
3.126 (a) The mass of chlorine is 5.0 g.

(b) From the percent by mass of Cl, we can calculate the mass of chlorine in 60.0 g of NaClOs.

3545¢g Cl
106.44 g compound

mass % Cl =

x 100% = 33.31% CI

mass Cl = 60.0 g x 0.3331 = 20.0g Cl

(¢) 0.10 mol of KClI contains 0.10 mol of Cl.

0.10 mef Cl x 35;;’551 35gCl
(d) From the percent by mass of Cl, we can calculate the mass of chlorine in 30.0 g of MgCl,.

(2)(35.45g Cl)
95.21 g compound

mass % Cl =

x 100% = 74.47% Cl1

mass Cl = 30.0 g x 0.7447 = 22.3gCl

(¢) The mass of Cl can be calculated from the molar mass of Cl.

0.50 mof Cly x 0Bl _ 35454 1
2

lrr}ofCl

Thus, (€) 0.50 mol Cl; contains the greatest mass of chlorine.

3.128 Both compounds contain only Pt and Cl. The percent by mass of Pt can be calculated by subtracting the
percent Cl from 100 percent.

Compound A: Assume 100 g of compound.

26.7 £ Cl x Lmol €l _ 753 ol I

35.45 /g/Cl

1 mol Pt
73.3 g'Pt x = 0.376 mol Pt
/g/ 195.1 /g/P

Dividing by the smallest number of moles (0.376 mole) gives the empirical formula, PtCla.
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Compound B: Assume 100 g of compound.

42.1gCl I mol Cl

=1.19 mol Cl
35.45 ECI

57.9 &Pt x Lmol Pt 297 mol Pt

195. l/g/P

Dividing by the smallest number of moles (0.297 mole) gives the empirical formula, PtCly.

Both compounds contain only Mn and O. When the first compound is heated, oxygen gas is evolved. Let’s
calculate the empirical formulas for the two compounds, then we can write a balanced equation.

(a) Compound X: Assume 100 g of compound.

63.3 &' Mn x LmolMn ) 15 mol Mn

54.94 g'Mn

36.7,8°0 x ImolO  _ 29 mol 0

16.00 /g/O
Dividing by the smallest number of moles (1.15 moles) gives the empirical formula, MnO,.

Compound Y: Assume 100 g of compound.

72.0,¢ Mn x LmolMn "\ 41 ol Mn

494/g/Mn

1m010

2800 x - = 1.75mol O
16.00 g0

Dividing by the smallest number of moles gives MnOj 33. Recall that an empirical formula must have whole
number coefficients. Multiplying by a factor of 3 gives the empirical formula Mn304.

(b) The unbalanced equation is: MnO; —— Mn304+ Oy

Balancing by inspection gives: 3Mn0O2 —— Mn304+ O3

SOz is converted to H2SO4 by reaction with water. The mole ratio between SO, and HaSO4is 1:1.

This is a unit conversion problem. You should come up with the following strategy to solve the problem.

tons SOz — ton-mol SO — ton-mol HaSO4 — tons HpS04

.09 t
2 tons H;80, = (4.0 x 10° tofs S0, x 1 top+nol SO, . 1 top-mol Hy80, 9809 tons H,S0,

64.07 ofis SO, 1 top#10l SO, 1 ton-fnol H,SO,
=6.1 x 10° tons H,S04

Tip: You probably won’t come across a ton-mol that often in chemistry. However, it was
convenient to use in this problem. We normally use a g-mol. 1 g-mol SO has a mass of
64.07 g. In a similar manner, 1 ton-mol of SO, has a mass of 64.07 tons.
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We assume that the increase in mass results from the element nitrogen. The mass of nitrogen is:
0378g-0273g = 0.105gN
The empirical formula can now be calculated. Convert to moles of each element.

0.273 &' Mg x 1molMg _ 0112 mol Mg

2431 g'Mg

0.105 g'N x AmolN 460749 mol N

14.01 /g/N

Dividing by the smallest number of moles gives Mg sN. Recall that an empirical formula must have whole

number coefficients. Multiplying by a factor of 2 gives the empirical formula MgsN3. The name of this
compound is magnesium nitride.

Step 1: Calculate the mass of C in 55.90 g CO», and the mass of H in 28.61 g H,0. This is a dimensional

analysis problem. To calculate the mass of each component, you need the molar masses and the
correct mole ratio.

You should come up with the following strategy:

gCOy - molCO; - molC —» gC

Step2: g C = 5590 'CO,x ImefCO, 1melC  12016C _ (505, ¢

4401¢C0O,  1me(CO, ImalC

7g H = 28.61 gH,0 1225/{;;?0 x 1?921’”1{{12{0 x lio‘(;zfg; = 3201gH

Since the compound contains C, H, and Pb, we can calculate the mass of Pb by difference.
5136¢g
5136 g = 15.25g+3.201 g+ mass Pb
mass Pb = 3291 gPb

Similarly,

mass C + mass H + mass Pb

Step 3: Calculate the number of moles of each element present in the sample. Use molar mass as a
conversion factor.

? mol C = 15.25gC x 1molC 570 mol C
12.01gC
Similarly,
1 mol H
9mol H = 3201 gH x —H 3176 mol H
° >4 1.008 g H
1 mol Pb

?2mol Pb = 32.91/g/Pb X m = 0.1588 mol Pb

Thus, we arrive at the formula Pby,1588C1.270H3.176, which gives the identity and the ratios of atoms present.
However, chemical formulas are written with whole numbers.
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Step 4: Try to convert to whole numbers by dividing all the subscripts by the smallest subscript.

Pb: 0.1588 - 1.00 c: 1270 8 H: 3.176
0.1588

: = : = 20
0.1588 0.1588

This gives the empirical formula, PbCgHsg.

V138 (a) The following strategy can be used to convert from the volume of the Mg cube to the number of Mg

atoms.

3
cm” — grams — moles — atoms

23
1.091{3x1'74/g/ng 1 mel Mg . 6:022 x 10% Mg atoms - 43 10™ Mg atoms
lop®  2431gMg 1 mef Mg

(b) Since 74 percent of the available space is taken up by Mg atoms, 4.3 x 10% atoms occupy the following
volume:

0.74 x 1.0 cm’ = 0.74 cm’

We are trying to calculate the radius of a single Mg atom, so we need the volume occupied by a single
Mg atom.

3
volume Mg atom = 0.74 cm =17x107% cm3/Mg atom

4.3 x 10%2 Mg atoms

The volume of a-sphere is %nr3 . Solving for the radius:

vV

1.7x1072 ¢m?® = %nr3

P = 41x10%em’

F=16x10"%cm

Converting to picometers:

radius Mg atom = (1.6 x 1078 971{) X OiOI}z(x 1 pm = 1.6 x 10? pm

o 1x1072p
3.140  The molar mass of air can be calculated by multiplying the mass of each component by its abundance and

adding them together. Recall that nitrogen gas and oxygen gas are diatomic.

molar mass air = (0.7808)(28.02 g/mol) + (0.2095)(32.00 g/mol) + (0.0097)(39.95 g/mol) = 28.97 g/mol

3.142  The surface area of the water can be calculated assuming that the dish is circular.

surface area of water = r° = (10 cm)2 = 3.1 x 10? cm®

. .. . 2.
The cross-sectional area of one stearic acid molecule in cm” is:

2 2
-9
0.21 n}zfz X {1 x10 X [ I cm J = 2.1 x 1071 cm?%/molecule

1 9;6 0.01
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Assuming that there is no empty space between molecules, we can calculate the number of stearic acid
molecules that will fit in an area of 3.1 x 10 cm’.

3.1x 10% cpi?) x__lm—"le]"sﬂ— = 1.5x10'7 molecules
2.1 107" cpt?

Next, we can calculate the moles of stearic acid in the 1.4 x 107 g sample. Then, we can calculate
Avogadro’s number (the number of molecules per mole).

1 mol stearic acid

: — = 49 x 10~7 mol stearic acid
284.5 /g/ stearic acid

1.4x107 /g/ stearic acid x

17
1.
Avogadro's number (N,) = 5 x 10" molecules _ 3.1 x 10> molecules/mol

4.9 %10~ mol

(a) The balanced chemical equation is:

C3Hs(g) + 3H20(g) ——> 3CO(g) + THa(g)

(b) You should come up with the following strategy to solve this problem. In this problem, we use kg-mol
to save a couple of steps.

kg CsHg — mol C3Hg — mol Hy — kg Hy

? kg Hy = (284 % 10° kg CyHy) x I kol CyHg 7 kgnol Hy 2016 kg Hy
4409 kg C3Hg ~ 1 kgenol C3Hg 1 kg-fmol H,

= 9.09 x 10° kg Hy

(a) 16 amu, CHy 17 amu, NH3 18 amu, H,0 64 amu, SOz

(b) The formula C3Hg can also be written as CH3CH>CH3. A CH3 fragment could break off from this
molecule giving a peak at 15 amu. No fragment of CO; can have a mass of 15 amu. Therefore, the
substance responsible for the mass spectrum is most likely C3Hg.

(c) First, let’s calculate the masses of CO; and C3Hs.
molecular mass CO2 = 12.00000 amu + 2(15.99491 amu) = 43.98982 amu
molecular mass C3Hg = 3(12.00000 amu) + 8(1.00797 amu) = 44.06376 amu

These masses differ by only 0.07394 amu. The measurements must be precise to £0.030 amu.
43.98982 + 0.030 amu = 44.02 amu
44.06376 — 0.030 amu = 44.03 amu

When magnesium burns in air, magnesium oxide (MgO) and magnesium nitride (Mg3N2) are produced.
Magnesium nitride reacts with water to produce ammonia gas.

Mg3Na(s) + 6H20()) — 3Mg(OH)a(s) + 2NH3(g)
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I'rom the amount of ammonia produced, we can calculate the mass of Mg3N; produced. The mass of Mg in that

amount of Mg3N; can be determined, and then the mass of Mg in MgO can be determined by difference. Finally,
the mass of MgO can be calculated.

2.813 g NH; x Imof NH; 1 mefMgsN, | 100.95g MgiN, _ 8.337 g Mg;N,
17.03g'NH; 2 mef NH; 1 mef Mg;N,

The mass of Mg in 8.337 g Mg3N; can be determined from the mass percentage of Mg in MgzNj,
3)2431gMg) ¢35 €' MgsN, = 6023 g Mg

The mass of Mg in the product MgO is obtained by difference: 21.496 g Mg - 6.023 g Mg = 15473 gMg

The mass of MgO produced can now be determined from this mass of Mg and the mass percentage of Mg in
MgO.

40.31 g MgO

x 15.473 g'Mg = 25.66 g MgO
2431 ¢'Mg £ Mg gV

}.180  The decomposition of KCIO3 produces oxygen gas (O2) which reacts with Fe to produce Fe;Os.

4Fe + 303 — 2Fe0s

When the 15.0 g of Fe is heated in the presence of O3 gas, any increase in mass is due to oxygen. The mass of
oxygen reacted is:

179g-150g = 29¢0,

From this mass of O, we can now calculate the mass of Fe;03 produced and the mass of KCIO3 decomposed.

1mefO,  2melFe,0; 1597 g Fe,05
2.9 g0, x 3200 £0; X3 el O, - el Fey0 = 9.6 g Fe,0,

The balanced equation for the decomposition of KCIOs is: 2KCIO3 — 2KCl + 30;. The mass of KCIO3;
decomposed is:

29 40y 1 mef O, L2 mef KCIO, (12255 KCI03 _ ¢ KCIO,
320020,  3melO, 1 mef KCIO;




