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CHAPTER 1






1.1 - THE MOLE

The Mole

The identity of a substance is defined not only by the types of atoms or ions it contains but by the
quantity of each type of atom or ion. For example, water, HyO, and hydrogen peroxide, HyO», are alike in
that their respective molecules are composed of hydrogen and oxygen atoms. However, because a hydrogen
peroxide molecule contains two oxygen atoms, as opposed to the water molecule, which has only one, the two
substances exhibit very different properties. Today, we possess sophisticated instruments that allow the direct
measurement of these defining microscopic traits; however, the same traits were originally derived from the
measurement of macroscopic properties (the masses and volumes of bulk quantities of matter) using relatively
simple tools (balances and volumetric glassware). This experimental approach required the introduction of a
new unit for the amount of substances, the mole, which remains indispensable in modern chemical science.

The mole is an amount unit similar to familiar units like pair, dozen, gross, etc. It provides a specific
measure of the number of atoms or molecules in a bulk sample of matter. A mole is defined as the amount of
substance containing the same number of discrete entities (such as atoms, molecules, and ions) as the number
of atoms in a sample of pure 2¢ weighing exactly 12 g. To further illustrate this idea, 1 pair = 2 things, 1 dozen
= 12 things, and 1 mole = 6.022 x 1023 things. One Latin connotation for the word “mole” is “large mass” or
“bulk,” which is consistent with its use as the name for this unit. The mole provides a link between an easily
measured macroscopic property, bulk mass, and an extremely important fundamental property, number of
atoms, molecules, and so forth.

The number of entities composing a mole has been experimentally determined to be 6.02214179
X 1023, a fundamental constant named Avogadro’s number (N4) or the Avogadro constant in honour of
Italian scientist Amedeo Avogadro. This constant is properly reported with an explicit unit of “per mole,” a
conveniently rounded version being 6.022 x 10%%/mol.

Consistent with its definition as an amount unit, 1 mole of any element contains the same number of
atoms as 1 mole of any other element. The masses of 1 mole of different elements, however, are different, since
the masses of the individual atoms are drastically different. The molar mass of an element (or compound) is
the mass in grams of 1 mole of that substance, a property expressed in units of grams per mole (g/mol) (see
Figure 1.1.1).
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65.492Zn 24,3 g Mg 63.5g Cu

207 g Pb 118.7g Sn

Figure 1.1.1. Each sample contains 6.022 x 10*® atoms —1.00 mol of atoms. Top row (from left to right):
65.4 g zinc, 12.0 g carbon, 24.3 g magnesium, and 63.5 g copper. Bottom row (from left to right): 32.1 ¢
sulfur, 28.1 g silicon, 207 g lead, and 118.7 g tin. (credit: modification of work by Mark Ott)

Because the definitions of both the mole and the atomic mass unit are based on the same reference
substance, 12C, the molar mass of any substance is numerically equivalent to its atomic or formula weight in
atomic mass units, or amu. Per the amu definition, a single 12¢ atom weighs 12 amu (its atomic mass is 12
amu). According to the definition of the mole, 12 g of 12 contains 1 mole of 12C atoms (its molar mass is
12 g/mol). This relationship holds for all elements since their atomic masses are measured relative to that of
the amu-reference substance, 12¢. Extending this principle, the molar mass of a compound in grams is likewise

numerically equivalent to its formula mass in amu (Figure 1.1.2).

Figure 1.1.2. Each sample contains 6.02 x 10> molecules or formula units—1.00 mol of the compound
or element. Clock-wise from the upper left: 130.2 g of CgH170H (1-octanol, formula mass 130.2 amu),
454.4 g of Hgl, (mercury(II) iodide, formula mass 454.4 amu), 32.0 g of CH30OH (methanol, formula mass
32.0 amu) and 256.5 g of Sg (sulfur, formula mass 256.5 amuy). (credit: Sahar Atwa)

Table 1.1.1. Quantitative properties of selected elements.
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Average Atomic Molar Mass (g/

Element Mass (amu) mol) Atoms/Mole
C 12.01 12.01 6.022 x 1023
H 1.008 1.008 6.022 x 1023
o) 16.00 16.00 6.022 x 1023
Na 22.99 22.99 6.022 x 1023
Cl 35.45 33.45 6.022 x 1023

While atomic mass and molar mass are numerically equivalent, keep in mind that they are vastly
different in terms of scale, as represented by the vast difference in the magnitudes of their respective units (amu
versus g). To appreciate the enormity of the mole, consider a small drop of water weighing about 0.03 g (see
Figure 1.1.3). Although this represents just a tiny fraction of 1 mole of water (~18 g), it contains more water

molecules than can be clearly imagined. If the molecules were distributed equally among the roughly seven

billion people on earth, each person would receive more than 100 billion molecules.

S

Figure 1.1.3. The number of molecules in a single droplet of water is roughly 100 billion times greater
than the number of people on earth. (credit: “tanakawho”/Wikimedia commons)

The relationships between formula mass, the mole, and Avogadro’s number can be applied to compute
various quantities that describe the composition of substances and compounds. For example, if we know the
mass and chemical composition of a substance, we can determine the number of moles and calculate the
number of atoms or molecules in the sample. Likewise, if we know the number of moles of a substance, we can
derive the number of atoms or molecules and calculate the substance’s mass.

Example 1.1.1 — Deriving Moles from Grams for an Element

According to nutritional guidelines from the US Department of Agriculture, the estimated
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daily average requirement for dietary potassium is 4.7 g. What is the estimated daily average

requirement of potassium in moles?

Solution
The mass of K is provided, and the corresponding amount of K in moles is requested.
Referring to the periodic table, the atomic mass of K is 39.10 amu, and so its molar mass is 39.10
g/mol. The given mass of K (4.7 g) is a bit more than one-tenth of the molar mass (39.10 g), so
a reasonable “ballpark” estimate of the number of moles would be slightly greater than 0.1 mol.
The molar amount of a substance may be calculated by dividing its mass (g) by its molar mass

(g/mol):

Mass of Moles of
K atoms (g) | Divide by molar K atoms (mol)
mass (g/mol)

The factor-label method supports this mathematical approach since the unit (not the
dimension, as the same variable is being expressed using a different method but essentially

«_»

expressing the same data) “g” cancels and the answer has units of “mol:”

47 K(mo”{)—olz LK
ek CTETIY) I

The calculated magnitude (0.12 mol K) is consistent with our ballpark expectation since it is
a bit greater than 0.1 mol.
Check Your Learning 1.1.1 — Deriving Moles from Grams for an Element
Beryllium is a light metal used to fabricate transparent X-ray windows for medical imaging
instruments. How many moles of Be are in a thin-foil window weighing 3.24 g?
Answer
n = 0.360 mol
Example 1.1.2 — Deriving Grams from Moles for an Element
A litre of air contains 9.2 x 10” % mol argon. What is the mass of Ar in a litre of air?
Solution
The molar amount of Ar is provided and must be used to derive the corresponding mass in
grams. Since the amount of Ar is less than 1 mole, the mass will be less than the mass of 1 mole
of Ar, approximately 40 g. The molar amount in question is approximately one-one thousandth
(~10_3) of a mole, and so the corresponding mass should be roughly one-one thousandth of the

molar mass (~0.04 g):
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Moles of Mass of
Ar atoms (mol) | Multiply by molar Ar atoms (g)
mass (g/mol)

In this case, logic dictates (and the factor-label method supports) multiplying the provided

amount (mol) by the molar mass (g/mol):

92 x 107 mol Ar (25F) = 0.037 g Ar

The result is in agreement with our expectations, around 0.04 g Ar.
Check Your Learning 1.1.2 — Deriving Grams from Moles for an Element
What is the mass of 2.561 mol of gold?
Answer
m=504.4g
Example 1.1.3 — Deriving Number of Atoms from Mass for an Element
Copper is commonly used to fabricate electrical wire (Figure 1.1.4.). How many copper

atoms are in 5.00 g of copper wire?

Figure 1.1.4. Copper wire is composed of many, many atoms of Cu. (credit: Emilian
Robert Vicol)
Solution
The number of Cu atoms in the wire may be conveniently derived from its mass by a two-
step computation: first calculating the molar amount of Cu, and then using Avogadro’s number

(N 4) to convert this molar amount to the number of Cu atoms:
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Mass of Moles of Number of
Cu atoms (g) | Divide by molar Cu atoms (mol) Multiply by Cu atoms
mass (g/mol) Avogadro’s

number (mol-1)

Considering that the provided sample mass (5.00 g) is a little less than one-tenth of the mass
of 1 mole of Cu (~64 g), a reasonable estimate for the number of atoms in the sample would
be on the order of one-tenth Ny, or approximately 10%? Cu atoms. Carrying out the two-step

computation yields:

500g Cu- (%) . (%ﬂ:“"”"‘) = 4,74 x 10%atoms of copper

The factor-label method yields the desired cancellation of units, and the computed result is

on the order of 10%% as expected.
Check Your Learning 1.1.3 — Deriving Number of Atoms from Mass for an Element

A prospector panning for gold in a river collects 15.00 g of pure gold. How many Au atoms
are in this quantity of gold?

Answer

4.586 x 10% Au atoms

Example 1.1.4 — Deriving Moles from Grams for a Compound

Our bodies synthesize protein from amino acids. One of these amino acids is glycine, which
has the molecular formula C2;HsO,N. How many moles of glycine molecules are contained in
28.35 g of glycine?
Solution

We can derive the number of moles of a compound from its mass following the same

procedure we used for an element:

Mass of Moles of
C,HsO,N (g) |Divide by molar C,H5O,N (mol)
mass (g/mol)

The molar mass of glycine is required for this calculation, and it is computed in the same
fashion as its molecular mass. One mole of glycine, C;HsO,N, contains 2 moles of carbon, 5

moles of hydrogen, 2 moles of oxygen, and 1 mole of nitrogen:
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Quantity (mol element / mol

Element compound) Molar Mass (g / mol element) Subtotal
C 2 x12.01 =24.02
H S x 1.008 =5.040
O 2 x 16.00 =32.00
N 1 x 14.01 =14.01

Molecular mass (g / mol

compound) 75.07

The provided mass of glycine (~28 g) is a bit more than one-third of the molar mass (~75 g/mol),
so we would expect the computed result to be a bit greater than one-third of a mole (~0.33 mol).

Dividing the compound’s mass by its molar mass yields:

28.35 g glycine - (%ﬁ‘;“) = 0.378 mol glycine

This result is consistent with our rough estimate.
Check Your Learning 1.1.4 — Deriving Moles from Grams for a Compound
How many moles of sucrose, C1oH22011, are in a 25-g sample of sucrose?
Answer
n = 0.073 mol
Example 1.1.5 — Deriving Grams from Moles for a Compound
Vitamin C is a covalent compound with the molecular formula C¢HgOg. The recommended
daily dietary allowance of vitamin C for children aged 4-8 years is 1.42 x 10™* mol. What is the
mass of this allowance in grams?
Solution

As for elements, the mass of a compound can be derived from its molar amount as shown:
Moles of Mass of
vitamin C (mol) | Multiply by molar vitamin C (g)
mass (g/mol)

The molar mass for this compound is computed to be 176.124 g/mol. The given number
of moles is a very small fraction of a mole (~10_4 or one-ten thousandth); therefore, we would
expect the corresponding mass to be about one-ten thousandth of the molar mass (~0.02 g).
Performing the calculation, we get:

. o 1TRd24 9 .
1.42 % 10~ mol vitamin C [ j = 0.0250 g vitamin

mol vitamin )
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This is consistent with the anticipated result.
Check Your Learning 1.1.5 — Deriving Grams from Moles for a Compound
What is the mass of 0.443 mol of hydrazine, NoHy?
Answer
m=142¢g
Example 1.1.6 — Deriving the Number of Atoms and Molecules from the Mass of a

Compound
A packet of an artificial sweetener contains 40.0 mg of saccharin (C7HsNO3S), which has the

structural formula:

H O
.
s \“C/C\
.
D e
H C N
[
H

Given that saccharin has a molar mass of 183.18 g/mol, how many saccharin molecules are in

240.0 mg (0.0400 g) sample of saccharin? How many carbon atoms are in the same sample?

Solution
The number of molecules in a given mass of a compound is computed by first deriving the

number of moles, and then multiplying by Avogadro’s number:
Mass of Moles of Number of
Divide by molar C;HsNO,S Multiply by C;HsNO,S
@) mass (g/mol) (mol) Avogadro’s molecules
number (mol-1)

Using the provided mass and molar mass for saccharin yields:

i P2 P £, AL T makecude | - S
1% 10°% CoH M0, F maksculer
| U e Srlly /

The compound’s formula shows that each molecule contains seven carbon atoms, and so the
number of C atoms in the provided sample is:
] = %20 x 10! atoms

131 % 10°% ol NOL 5 3 |" T atoms
 § ERRE 3o MOCECHIES m
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Check Your Learning 1.1.6 — Deriving the Number of Atoms and Molecules from the Mass
of a Compound
How many C4H1p molecules are contained in 9.213 g of this compound? How many
hydrogen atoms?
Answer
9.545 x 10°* molecules C4Hi; 9.545 x 10> atoms H
Percent Composition
The elemental makeup of a compound defines its chemical identity, and chemical formulas are the
most succinct way of representing this elemental makeup. When a compound’s formula is unknown,
measuring the mass of each of its constituent elements is often the first step in the process of determining the
formula experimentally. The results of these measurements permit the calculation of the compound’s percent
composition, defined as the percentage by mass of each element in the compound. For example, consider a
gaseous compound composed solely of carbon and hydrogen. The percent composition of this compound

could be represented as follows:

mass H
% H = x 100%
mass compound

mass C
%C = X 100%
mass compound

If the analysis of a 10.0 g sample of this gas showed it to contain 2.5 g H and 7.5 g C, the percent
composition would be calculated to be 25% H and 75% C:
259H

0 H = X 100% = 25%
i 10.0 g compound o ’

he=— "29% 1000 =75%
10.0 g compound

A chemical compound is the combination of two or more elements. If you are studying a chemical
compound, you may want to find the percent composition of a certain element within that chemical

compound. The equation for percent composition is:

Mass of element

0 composition = ® 100%
o p Malecular mass ’
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Equation 1.1.1. Percent composition.
If you want to know the percent composition of the elements in a compound, follow these steps:
Steps to Solve:

1. Find the molar mass of all the elements in the compound in grams per mole.
2. Find the molecular mass of the entire compound.
3. Divide the component’s molar mass by the entire molecular mass.

4. You will now have a number between 0 and 1. Multiply it by 100 to get percent composition!
Tips for solving:
The compounds will always add up to 100%, so in a binary compound, you can find the percent of
the first element, then subtract from 100% to determine the percent of the second element.
If using a calculator, you can store the overall molar mass to a variable such as “A”. This will speed up
calculations, and reduce typographical errors.
These steps are outlined in Example 1.1.7.
Example 1.1.7 — Percent Composition
Find the percent composition of phosphorus pentachloride (PCls).
Solution
Find the molar mass of all elements in the compound:
P=30.974g
Cl=5(35.453 ) = 177.265 g
Find the molecular mass:
PCls =30.974 g+ 177.265 g=208.239¢

Divide each molar mass by the molecular mass and multiply by 100:

il x 100% = 14.87%
T 208239 e
_ 1772659 _ 100% = 85.13%
T 2082399 il gl

Therefore, phosphorus pentachloride is 14.87% P and 85.13% Cl by mass.
Check Your Learning 1.1.7 — Percent Composition
Find the percent composition of hydrochloric acid (HCI).
Answer
HCl s 2.76 % hydrogen and 97.24 % chlorine by mass.
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% Questions

1. Compare 1 mole of Hp, 1 mole of Oy, and 1 mole of F». Which has the largest number of molecules?
Explain why.

2. Which contains the greatest mass of oxygen: 0.75 mol of ethanol (C;HsOH), 0.60 mol of formic acid
(HCOzH), or 1.0 mol of water (H20)? Explain why.

3. How are the molecular mass and the molar mass of a compound similar and how are they different?

4. Calculate the molar mass (in g/mol) of each of the following:

(a) The anesthetic halothane, CoHBrCIF3

(b) The herbicide paraquat, C12H14N>Cly

(c) Caffeine, CsH1oN4O»

(d) Urea, CO(NH>)>

(e) A typical soap, C17H35CO,Na

S. Determine the number of moles of the compound and the number of moles (in mol) of each type of atom
in each of the following:

(a) 25.0 g of propylene, C3Hg
b) 3.06 x 107 g of the amino acid glycine, C;HsNO,
c) 25 Ib of the herbicide Treflan, C13H16N204F (11b = 454 g)
d) 0.125 kg of the insecticide Paris Green, Cu4(AsO3),(CH3CO;),
e) 325 mg of aspirin, CgH4(CO,H)(CO,CH3)
6. Determine the mass (in grams) of each of the following:
(a) 0.0146 mol KOH
(b) 10.2 mol ethane, CoHg
(c) 1.6x 10° mol NaySO4
(
(

(
(
(
(

d) 6.854 x 10° mol glucose, CcH120¢

€) 2.86 mol Co(NH3)sCl3

% % Questions

7. One 55-gram serving of a particular cereal supplies 270 mg of sodium, 11% of the recommended daily
allowance. How many moles and atoms of sodium are in the recommended daily allowance?

8. A certain nut crunch cereal contains 11.0 grams of sugar (sucrose, C12H22011) per serving size of 60.0
grams. How many servings of this cereal must be eaten to consume 0.0278 moles of sugar?

9. Which of the following represents the least number of molecules?

(a) 20.0 g of H>O (18.02 g/mol)
b) 77.0 g of CH4 (16.06 g/mol)
c) 68.0 g of CaH> (42.09 g/mol)
d) 100.0 g of N>O (44.02 g/mol)
e) 84.0 g of HF (20.01 g/mol)

Answers

(
(
(
(
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1. Since there is 1 mole of each, they all have the same number of molecules.

2. Formic acid. Its formula has twice as many oxygen atoms as the other two compounds (one each).
Therefore, 0.60 mol of formic acid would be equivalent to 1.20 mol of a compound containing a single oxygen
atom.

3. The two masses have the same numerical value, but the units are different: The molecular mass is the mass
of 1 molecule while the molar mass is the mass of 6.022 x 10> molecules.

4. (a) 197.382 g/mol; (b) 257.163 g/mol; (c) 194.193 g/mol; (d) 60.056 g/mol; (¢) 306.464 g/mol

5. (a) 0.594 mol C3Hyg, 1.78 mol C, 3.56 mol H; (b) 4.08 x 10” mol C;HsNO», 8.15 x 10 mol C, 2.04 x
10 mol H, 4.08 x 10" mol N, 8.15 x 10” mol O; (c) 40.06 mol C13H14N204F, 520.79 mol C, 640.98 mol
H, 80.12 mol N, 160.24 mol O, 40.06 mol F; (d) 0.81 mol Cu4(AsO3)2(CH3CO3),, 0.81 mol Cu, 0.40 mol
As, 2.02 mol O, 0.81 mol C, 1.21 mol H; (¢) 1.80 x 10™ mol C4H4(CO,H)(CO,CH3), 0.016 mol C, 0.014
H,7.22 x 10° mol O

6.(2) 0.819 g; (b) 307 g; (c) 0.23 g; (d) 1.235 x 10° g (1235 kg); (¢) 765 g

7.0.107 mol Na, 6.43 x 10°> atoms Na

8. 0.865 servings, or about 1 serving.

9. (a) 20.0 g H»O represents the least number of molecules since it has the least number of moles.
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Now that you've obtained a good understanding of 1) the basis of chemical bonding in ionic and covalent
compounds and 2) the mole concept and its relation to masses and molar masses, we can now integrate this
knowledge in this section. Here, we begin our discussion on expressing and understanding the chemical formulas
for compounds and using these formulas to write out balanced chemical equations.

Chemical Formulas

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

The structural formula for a compound gives the same information as its molecular formula (the
types and numbers of atoms in the molecule) but also shows how the atoms are connected in the molecule. The
structural formula for methane contains symbols for one C atom and four H atoms, indicating the number of
atoms in the molecule (Figure 1.2.1). The use of lines in structural formulas represent covalent bonds that hold
the atoms together (by the sharing of electrons between atoms) We will discuss chemical bonds and see how to
predict the arrangement of atoms in a molecule later. For now, simply know that the lines are an indication of
how the atoms are connected in a molecule. A ball-and-stick model shows the geometric arrangement of the

atoms with atomic sizes not to scale, and a space-filling model shows the relative sizes of the atoms.

|
CHy H_E_H D (’)

@) (b) (© (d)

Figure 1.2.1. A methane molecule can be represented as (a) a molecular formula, (b) a structural formula,
(c) a ball-and-stick model, and (d) a space-filling model. Carbon and hydrogen atoms are represented by black
and white spheres, respectively.

Although many elements consist of discrete, individual atoms (e.g. carbon and the noble gases
including helium, neon, and argon), some exist naturally as molecules made up of two or more atoms of
the element chemically bonded together. For example, most samples of the elements hydrogen, oxygen, and
nitrogen are composed of molecules that contain two atoms each (called diatomic molecules) and thus have the
molecular formulas Hp, O, and Ny, respectively. In other words, in their natural standard states, oxygen and
nitrogen exist as diatomic molecules and very rarely as single oxygen or nitrogen atoms in their natural standard

state. Other elements commonly found as diatomic molecules are fluorine (F3), chlorine (Clz), bromine (Bry),
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and iodine (I). The most common form of the element sulfur is composed of molecules that consist of eight

atoms of sulfur; its molecular formula is Sg (Figure 1.2.2).

< )
1T J)J
s S L /
Ns—s” =¥ w
(©

@ ()

Figure 1.2.2. A molecule of sulfur is composed of eight sulfur atoms and is therefore written as Sg. It can
be represented as (a) a structural formula, (b) a ball-and-stick model, and (c) a space-filling model. Sulfur
atoms are represented by yellow spheres.

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

molecules of diatomic hydrogen (Figure 1.2.3).

H 2H Ha 2H,
_) — J
J J JJ JJ
One H atom Two H atoms One H, molecule Two H, molecules

Figure 1.2.3. The symbols H, 2H, H», and 2H) represent very different entities.

It’s important to note that the empirical formula is not the same as the molecular formula (that was
discussed at the beginning of this section); in a molecular formula, the subscripts indicate the actual numbers
of atoms of each element in a molecule of the compound whereas the empirical formula only gives the simplest
whole-number ratio of atoms/ions in the compound.

Empirical formulas are often a first step in determining a molecular formula. The following example
highlights the difference between empirical formulas and molecular formulas. A molecule, on the other hand,
is made up of atoms covalently bonded together to form a single discrete unit. If we take a molecule of ethyne,
CoH», and multiply it’s formula by 2 to get C4H4, we no longer get ethyne but cyclobutadiene, C4H4, which

has a different structure and different properties (Figure 1.2.4).
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H H

AN /

C—-=C
H C=—=cC H ” ||

CyH; C4Hy

Figure 1.2.4. Structural formula for ethyne, C2Hj, and cyclobutadiene, C4Hj.

As we’ll discuss in greater detail in the final chapter on molecular bonding, ionic compounds form
lattice structures that always have a whole-number multiple of repeating formula units. As long as we add
whole number multiples of formula units of the same ionic compound, we could hypothetically have an
infinitely large lattice structure. Hence, for the sake of simplicity, we use the empirical formula to describe the
simplest ratio of ions. Table salt is denoted as NaCl since in any lattice structure of any size, whether you have
10Na" and 10 CI” or 1000 Na" and 1000 CI”, there must always be one sodium cation (Na") for each chloride
anion (CI"). Even if we write NajoCljo, it will always be simplified to NaCl, and the identity of the compound
remains the same.

In sum, the empirical formulas give you the ratio of different elements in a molecule and molecular
formulas give you the actual number of atoms in the molecule.

Let’s look at another example: the molecular formula for acetic acid, the component that gives vinegar
its sharp taste, is Co2H4O5. This formula indicates that a molecule of acetic acid (Figure 1.2.5) contains two
carbon atoms, four hydrogen atoms, and two oxygen atoms. The ratio of atoms is 2:4:2. Dividing by the lowest
common denominator (2) gives the simplest, whole-number ratio of atoms, 1:2:1, so the empirical formula is
CH;O (but remember: this formula doesn’t denote the actual structure of the molecule - CH2O corresponds
to formaldehyde, which is used for preserving biological specimens and even bodies of deceased persons!). Note

that a molecular formula is always a whole-number multiple of an empirical formula.

(@) (b) ©

Figure 1.2.5. (a) Vinegar contains acetic acid, CoH4O2, which has an empirical formula of CH>O. It can
be represented as (b) a structural formula and (c) as a ball-and-stick model. (credit a: modification of work by
“HomeSpot HQ”/Flickr)

Determination of Empirical Formulas
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The most common approach to determining a compound’s chemical formula is to first measure the
masses of its constituent elements. However, we must keep in mind that chemical formulas represent the
relative zumbers, not masses, of atoms in the substance. Therefore, any experimentally derived data involving
mass must be used to derive the corresponding numbers of atoms in the compound. To accomplish this, we
can use molar masses to convert the mass of each element to a number of moles. We then consider the moles of
each element relative to each other, converting these numbers into a whole-number ratio that can be used to
derive the empirical formula of the substance.

Consider a sample of a compound determined to contain 1.71 g C and 0.287 g H. The corresponding

numbers of atoms (in moles) are:

e e
9t R01gc” remort
Vs RIS SRR
D gna T

Thus, we can accurately represent this compound with the formula Co.142Ho.248. Of course, per accepted
convention, formulas contain whole-number subscripts, which can be achieved by dividing each subscript by

the smaller subscript:

C |42Hw or CHZ

)14 0.142

|Cl

=

[

(Recall that subscripts of “1” are not written but rather assumed if no other number is present.)
The empirical formula for this compound is thus CHj. This may or not be the compound’s molecular
formula as well; however, we would need additional information to make that determination (as discussed later
in this section).
Consider as another example a sample of a compound determined to contain 5.31 g Cland 8.40 g O.
Following the same approach yields a tentative empirical formula of:

Cloa5000.525 = CloasoOoszs = ClO5g
0.150 0.150

In this case, dividing by the smallest subscript still leaves us with a decimal subscript in the empirical
formula. To convert this into a whole number, we must multiply each of the subscripts by two, retaining the
same atom ratio and yielding Cl,O7 as the final empirical formula.

In summary, empirical formulas are derived from experimentally measured element masses by:
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1. Deriving the number of moles of each element from its mass

2. Dividing each element’s molar amount by the smallest molar amount to yield subscripts for a tentative

empirical formula
3. Multiplying all coefficients by an integer, if necessary, to ensure that the smallest whole-number ratio of

subscripts is obtained

Figure 1.2.6 outlines this procedure in flow-chart fashion for a substance containing elements A and X.

mol
g+

o
g™
Mass of »| Moles of . ) ord 2 i)
Aatoms Divide by Aatoms A-X
molar mass 2 L
»| AtoX | > iri

Divide by "1 mole ratio Convertratioto | formula
lowest number lowest whole

of moles numbers

w2 3o
y

3R =2
Y x2

g+

]
ol
g
Mass of AN
X atoms Divide by
molar mass

33

Moles of
X atoms

it 1

Figure 1.2.6. The empirical formula of a compound can be derived from the masses of all elements in the
sample.
Example 1.2.1 — Determining a Compound’s Empirical Formula from the Masses of
Its Elements
A sample of the black mineral hematite (Figure 1.2.7), an oxide of iron found in many iron

ores, contains 34.97 g of iron and 15.03 g of oxygen. What is the empirical formula of hematite?

Figure 1.2.7. Hematite is an iron oxide that is used in jewelry. (credit: Mauro Cateb)

Solution
For this problem, we are given the mass in grams of each element. Begin by finding the moles

of each:

mol Fe

sl v i
55.855) 0.6261 mol Fe

3497 g Fe (
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mol

15.03 g 0 (m) = 09394 mol O

Next, derive the iron-to-oxygen molar ratio by dividing by the lesser

number of moles:

Sl 1.000 mol F

0626l =
09394 _ .
oAl e s

The ratio is 1.000 mol of iron to 1.500 mol of oxygen (Fe;O1s). Finally, multiply the ratio
by two to get the smallest possible whole number subscripts while still maintaining the correct
iron-to-oxygen ratio:

2(Fe101.5) = Fe203
The empirical formula is Fe,03.
Check Your Learning 1.2.1 — Determining a Compound’s Empirical Formula from
the Masses of Its Elements

What is the empirical formula of a compound if a sample contains 0.130 g of nitrogen and

0.370 g of oxygen?
Answer
N20Os
Deriving Empirical Formulas from Percent Composition
With regard to deriving empirical formulas, consider instances in which a compound’s percent
composition is available rather than the absolute masses of the compound’s constituent elements. In
such cases, the percent composition can be used to calculate the masses of elements present in any
convenient mass of compound; these masses can then be used to derive the empirical formula in the
usual fashion.
Example 1.2.2 — Determining an Empirical Formula from Percent Composition

The bacterial fermentation of grain to produce ethanol forms a gas with a percent

composition of 27.29 % C and 72.71% O (Figure 1.2.8). What is the empirical formula for this

gas?
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Figure 1.2.8. An oxide of carbon is removed from these fermentation tanks through the large
copper pipes at the top. (credit: “Dual Freq”/Wikimedia Commons)

Solution

Since the scale for percentages is 100, it is most convenient to calculate the mass of elements
present in a sample weighing 100 g. The calculation is “most convenient” because, per the
definition for percent composition, the mass of a given element in grams is numerically
equivalent to the element’s mass percentage. This numerical equivalence results from the
definition of the “percentage” unit, whose name is derived from the Latin phrase per centum
meaning “by the hundred.” Considering this definition, the mass percentages provided may be

more conveniently expressed as fractions:

27.29% ¢ = ——1229 ¢
ST 00 g compound
72719 0
72.71% 0 =

100 g compound

The molar amounts of carbon and hydrogen in a 100 g sample are calculated by dividing each

element’s mass by its molar mass:

mol C
27.29 g = (m) = 2.272mol C
mol 0
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Coeflicients for the tentative empirical formula are derived by dividing each molar amount by

the lesser of the two:

2.272mol C
Sy

4.544mol 0
s

Since the resulting ratio is one carbon to two oxygen atoms, the empirical formula is CO».
Check Your Learning 1.2.2 — Determining an Empirical Formula from Percent
Composition
What is the empirical formula of a compound containing 40.0 % C, 6.71 % H, and 53.28 %
o2
Answer
CH-»O
Deriving Empirical Formulas from Combustion Analysis
The elemental composition of hydrocarbons (organic compounds consisting entirely of carbon and
hydrogen atoms) and related compounds containing C, H and other elements may be determined via
combustion analysis. In combustion analysis, a weighed sample of the compound is heated to a high
temperature under a stream of oxygen gas (O5), resulting in its complete combustion to yield gaseous products
of known identities. The complete combustion of hydrocarbons, for example, will yield carbon dioxide and
water as the only products. The gaseous combustion products are swept through separate, preweighed
collection devices containing compounds that selectively absorb each product (Figure 1.2.9). The mass increase
of each device corresponds to the mass of the absorbed product and may be used in an appropriate
stoichiometric calculation to derive the mass of the relevant element.

Furnace
€Oy, Hy0, Oy,

and other gases
R T T
S §7S0 e Sein 0, and
O, —>¢ s - > 2
? V. 5.5{? e Tt oot other gases
H,0 absorber CO, absorber
such as such as NaOH
Sample Mg(CIO,),

Figure 1.2.9. This schematic diagram illustrates the basic components of a combustion analysis device for

determining the carbon and hydrogen content of a sample.
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Combustion Analysis Problems — Underlying Assumption

You’ll frequently come across combustion analysis problems as you practice determining empirical (and later on molecular)
formulas from data obtained on the collection of combustion products. For all combustion analysis problems you come
across, always keep in the back of your mind the following underlying assumption — the combustion reaction is complete. In
other words, assume that there are no other side-products produced in the combustion reaction; only the product
compounds mentioned in the problem are formed. Therefore, for hydrocarbons and compounds containing C, H, and O,
this means that only gaseous carbon dioxide and water are produced. For other compounds containing other elements such
as Sand N, you can expect to see other compounds form as well, including SO2 and NOy; these will be mentioned in the
question to help you determine the identity of the unknown compound.

If it were an incomplete combustion, side-products such as carbon monoxide, carbon (soot), and nitric oxide (NO)
would form, making it extremely difficult, if not impossible, to determine the composition of elements and identity of your
sample.

Example 1.2.3 — Combustion Analysis

Polyethylene is a hydrocarbon polymer used to produce food-storage bags and many other
flexible plastic items. Combustion analysis of a 0.00126 g sample of polyethylene yields 0.00394
g of CO2 and 0.00161 g of HyO. What is the empirical formula of polyethylene?
Solution

The primary assumption in this exercise is that all the carbon in the sample combusted is
converted to carbon dioxide (CO3), and all the hydrogen in the sample is converted to water,
H>O (note that the sample, being a hydrocarbon, is represented by CXHy):

CxHy (5) + excess Oz (g) ? x CO2 (g) +y 2H20 (g)

Note that a balanced equation is not necessary for the task at hand. To derive the empirical
formula of the compound, only the subscripts x and y are needed.

First, calculate the molar amounts of carbon and hydrogen in the sample, using the provided
masses of the carbon dioxide and water, respectively. With these molar amounts, the empirical
formula for the compound may be written as described in the previous chapter of this text. An

outline of this approach is given in the following flow chart:

1 med 01, = 1 el
44.01 g L meod 0

1mol Hy0  2mel H
18.02 g o 1 el Ha 2

e © = (L0394 g OO0, = = {95 = 107 mol

mal H = 000161 g H_-I:' s =179 %10 mol ¥

The empirical formula for the compound is then derived by identifying the smallest whole-

number multiples for these molar amounts. The H-to-C molar ratio is:
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mol H 179 X 107* mol H _2molH
molC  895x105molC 1molC

The empirical formula for polyethylene is CHp.
Check Your Learning 1.2.3 — Combustion Analysis
A 0.00215 g sample of polystyrene, a polymer composed of carbon and hydrogen, produced
0.00726 g of CO2 and 0.00148 g of HoO by combustion analysis. What is the empirical formula
for polystyrene?
Answer
CH
Example 1.2.4 — Combustion Analysis

Salicylic acid is used to make aspirin. It contains only carbon, oxygen, and hydrogen.
Combustion of a 43.5 mg sample of this compound produced 97.1 mg of CO; and 17.0 mg of
H>O. What is the empirical formula of salicylic acid?

Answer

The primary assumption in this exercise is that all the carbon in the sample combusted is
converted to carbon dioxide (CO3), all the hydrogen in the sample is converted to water (H,O),
and all of the oxygen is converted to either carbon dioxide or water.

First, calculate the molar amounts of carbon and hydrogen in the sample, using the provided

masses of the carbon dioxide and water, respectively:

i i 1 mad O, 1 maof © i i
mol  =0.0971 g O x # = =221 ®x 107 moi
’ 4401 g/mal 1 mel OO0y

1 meod Hy 2 ol H
X
1802 gfmad 1 ol Ha 2

el H = 00170 g Hy0 % 1.89 % 107" mol ¥

Knowing the molar masses of carbon and hydrogen, we can convert these molar values into

masses; consequently, these will represent the mass of carbon and hydrogen in the sample:

- 1201 g .
mass £ = 2.21 x 1072 mol = = 0.0265 g
1 mol ©
_ 3 ey _
mass H = 1.89 = 107 mol = T i 0.00190 g

If we know the mass of the sample and the mass of carbon and hydrogen individually in the
sample, the remaining mass must be oxygen, for which we find its molar amount:
MO = Msample— MC — MH
mo = 0.0435 g — 0.0265 g — 0.00190 g



12 - DETERMINING CHEMICAL FORMULAE | 25

mo=0.0151g

1mol 0

e o 9.44 % 10~*mol 0
16.00 g R

mal 0= 00151 g =

The empirical formula for the compound is then derived by identifying the smallest whole-

number multiples for these molar amounts. The C-to-O and H-to-O molar ratio is

mal € 221 %10 molC 233molC 3 T ool 7

= = %3 - —
mol & %44 = 1074 mal O 1 el (3 Imold
mol H 189% 103 mol H  2.00mol H amol H

= ES —- Y = —
mal 0 944 = 107% mal O 1 mad 3 mol O

Hence, the empirical formula for salicylic acid is C7HgO3.
Check Your Learning 1.2.5 — Combustion Analysis
A 2.0714 g sample containing carbon, hydrogen, and oxygen was burned in a combustion
analysis apparatus; 1.928 g of HoO and 4.709 g of CO; were produced. Separately, the molar
mass of the sample was found to be 116.16 g/mol. Determine the empirical formula of the
sample.
Answer
Empirical formula: C3HgO
Determination of Molecular Formulas
Recall that empirical formulas are symbols representing the reative numbers of a compound’s
elements. Determining the absolute numbers of atoms that compose a single molecule of a covalent
compound requires knowledge of both its empirical formula and its molecular mass or molar mass.
These quantities may be determined experimentally by various measurement techniques. Molecular
mass, for example, is often derived from the mass spectrum of the compound (see discussion of this
technique in the box below). Molar mass can be measured by a number of experimental methods, many

of which will be introduced in later chapters of this text.
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In Case You're Interested...Mass Spectrometry

Mass spectrometry (MS) is widely used in chemistry, forensics, medicine, environmental science, and many
other fields to analyze and help identify the substances in a sample of material. In a typical mass spectrometer
(Figure 1.2.10):

the sample is vaporized and exposed to a high-energy electron beam that causes the sample’s atoms (or
molecules) to become electrically charged, typically by losing one or more electrons

the cations pass through a (variable) electric or magnetic field that deflects each cation’s path to an extent that
depends on both its mass and charge (similar to how the path of a large steel ball-bearing rolling past a magnet is
deflected to a lesser extent than that of a small steel BB)

the ions are detected, and a plot of the relative number of ions generated versus their mass-to-charge ratios (a
mass spectrum) is made — the height of each vertical feature or peak in a mass spectrum is proportional to the
fraction of cations with the specified mass-to-charge ratio.

Magnet
Sample 100 —|
enters Heater vaporizes
here  sample

Zr-90

a
<)

Relative abundance (%)

Zr-92 Zr-94
Electron beam Zr-91
source

TN I Y I I Y B |

Zr-96
Magnetic field rrr 1117171
deflects lightest 90 92 94 96
ions most Detector Mass-to-charge ratio

=)

Figure 1.2.10. Analysis of zirconium in a mass spectrometer produces a mass spectrum with peaks showing
the different isotopes of Zr.

Since its initial use during the development of modern atomic theory, MS has evolved to become a powerful
tool for chemical analysis in a wide range of applications.

For more information you can check out the following videos (podcast video #1; educational video #2 from

the Royal Society of Chemistry) that explain and animate the process of mass spectrometry.

Molecular formulas are derived by comparing the compound’s molecular or molar mass to its
empirical formula mass. As the name suggests, an empirical formula mass is the sum of the average
atomic masses of all the atoms represented in an empirical formula. If we know the molecular (or
molar) mass of the substance, we can divide this by the empirical formula mass in order to identify the

number of empirical formula units per molecule, which we designate as 7:

tandecidar ar molar mass (ams oF g iwal)

empirieal farmuia mess [amu er g mel )

=n formula units /molecule

The molecular formula is then obtained by multiplying each subscript in the empirical formula
by 7, as shown by the generic empirical formula AyBy:
(AxBy)nzAanny
For example, consider a covalent compound whose empirical formula is determined to be
CH;O. The empirical formula mass for this compound is approximately 30 amu (the sum of 12 amu

for one C atom, 2 amu for two H atoms, and 16 amu for one O atom). If the compound’s molecular


https://cnx.org/contents/havxkyvS@12.1:ZV-IsnqQ@12/Atomic-Structure-and-Symbolism
https://www.youtube.com/watch?v=mBT73Pesiog
https://www.youtube.com/watch?v=J-wao0O0_qM
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mass is determined to be 180 amu, this indicates that molecules of this compound contain six times the
number of atoms represented in the empirical formula:
180 amu/meolecule

(I
= formula unit

= 6 formula units fmolecule

Molecules of this compound are then represented by molecular formulas whose subscripts are
six times greater than those in the empirical formula:
(CH20)6 = C¢H120¢
Note that this same approach may be used when the molar mass (g/mol) instead of the
molecular mass (amu) is used. In this case, we are merely considering one mole of empirical formula

units and molecules, as opposed to single units and molecules.

Example 1.2.4 — Determination of Molecular Formulas
Nicotine (Figure 1.2.11), an alkaloid in the nightshade family of plants that is mainly
responsible for the addictive nature of cigarettes, contains 74.02 % C, 8.710 % H, and 17.27 %

N. If 40.57 g of nicotine contains 0.2500 mol nicotine, what is the molecular formula?

Figure 1.2.11. 2D and 3D structure of nicotine

Solution

Determining the molecular formula from the provided data will require a comparison of
the compound’s empirical formula mass to its molar mass. As the first step, use the percent
composition to derive the compound’s empirical formula. Assuming a convenient, a 100 g

sample of nicotine yields the following molar amounts of its elements:

(74.02 g €) (N) — 6.163 mol C
1201gC
1mol H

(8.710 g H) (W) — B.624 mol H

(17.27 g N) (ﬂ] = 1.233 mol N
1401 g N
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Next, we calculate the molar ratios of these elements relative to the least abundant element,

N.

6.163mol C/ 1.233mol N =5
8.264molH/ 1.233molN =7
1.233mol N/ 1.233molN =1

1.233
m =1.000mol N
6.163
8.624

The C-to-N and H-to-N molar ratios are adequately close to whole numbers, and so the
empirical formula is CsH7N. The empirical formula mass for this compound is therefore 81.13
amu/formula unit, or 81.13 g/mol formula unit.

We calculate the molar mass for nicotine from the given mass and molar amount of

compound:

40.57 g nicotine 1623 g
0.2500 mol nicotine  mol

Comparing the molar mass and empirical formula mass indicates that each nicotine molecule

contains two formula units:

162.3 g/maol

&
81.13 formula unit

= 2 formula units fmolecule

Thus, we can derive the molecular formula for nicotine from the empirical formula by
multiplying each subscript by two:
(CsH7N)2 = C1oH14N>
Check Your Learning 1.2.6 — Determination of Molecular Formulas
A sample of a chromium compound has a molar mass of 76.09 g/mol. Elemental analysis of
the compound shows that it contains 47.37 % carbon, 10.59 % hydrogen, and 42.04 % oxygen.
What is the molecular formula of the compound?

Answer
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Cr03

Itis important to be aware that it may be possible for the same atoms to be arranged in different ways.
Compounds with the same molecular formula may have different atom-to-atom bonding and, therefore
different structures and properties, these are known as isomers. You’ll learn much more about different
types of isomers in CHM 1321 (Organic Chemistry I).

Writing and Balancing Chemical Equations

When atoms gain or lose electrons to yield ions or combine with other atoms to form molecules, their
symbols are modified or combined to generate chemical formulas (as we’ve seen so far in this section)
that appropriately represent these species. Extending this symbolism to represent both the identities
and the relative quantities of substances undergoing a chemical (or physical) change/reaction involves
writing and balancing a chemical equation. Consider as an example the reaction between one methane
molecule (CHj) and two diatomic oxygen molecules (O2) to produce one carbon dioxide molecule
(CO2) and two water molecules (HyO). The chemical equation representing this process is provided in

the upper half of Figure 1.2.12, with space-filling molecular models shown in the lower half of the figure.

Reactant Reactant Product Product
Coefficient Coefficient
~ ~~
CH, + 20, _—> co, + 2H,0
o g — @ ®
Reactant side Product side

Figure 1.2.12. The reaction between methane and oxygen to yield carbon dioxide and water
(shown at bottom) may be represented by a chemical equation using formulas (top).

This example illustrates the fundamental aspects of any chemical equation:

1. The substances undergoing reaction are called reactants, and their formulas are placed on the left
side of the equation.

2. The substances generated by the reaction are called products, and their formulas are placed on the
right side of the equation.

3. Plus signs (+) separate individual reactant and product formulas, and an arrow (?) separates the
reactant and product (left and right) sides of the equation.

4. The relative numbers of reactant and product species are represented by coefficients (numbers
placed immediately to the left of each formula). A coefhicient of 1 is typically omitted.

It is common practice to use the smallest possible whole-number coefficients in a chemical

equation, as is done in this example. Realize, however, that these coefficients represent the relative
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numbers of reactants and products, and, therefore, they may be correctly interpreted as ratios. Methane
and oxygen react to yield carbon dioxide and water in a 1:2:1:2 ratio. This ratio is satisfied if the numbers
of these molecules are, respectively, 1-2-1-2, or 2-4-2-4, or 3-6-3-6, and so on (Figure 1.2.13). Likewise,
these coefficients may be interpreted with regard to any amount (number) unit, and so this equation
may be correctly read in many ways, including:

One methane molecule and fwo oxygen molecules react to yield one carbon dioxide molecule and rwo
water molecules.

One dozen methane molecules and rwo dozen oxygen molecules react to yield one dozen carbon dioxide
molecules and two dozen water molecules.

One mole of methane molecules and 2 moles of oxygen molecules react to yield 7 mole of carbon

dioxide molecules and 2 moles of water molecules.

Mixture before reaction Mixture after reaction

1 ® @ 9
LYo/

® 9 gﬁ'y@

Figure 1.2.13. Regardless of the absolute numbers of molecules involved, the ratios between numbers
of molecules of each species that react (the reactants) and molecules of each species that form (the
products) are the same and are given by the chemical reaction equation.

Balancing Equations

The chemical equation is called balanced when an equal numbers of atoms for each element
involved in the reaction are represented on the reactant and product sides. This is a requirement the
equation must satisfy to be consistent with the law of conservation of matter. It may be confirmed
by simply summing the numbers of atoms on either side of the arrow and comparing these sums to
ensure they are equal. Note that the number of atoms for a given element is calculated by multiplying
the coefficient of any formula containing that element by the element’s subscript in the formula. If
an element appears in more than one formula on a given side of the equation, the number of atoms
represented in each must be computed and then added together. For example, both product species in
the example reaction of Figure 1.2.12, CO; and H>O, contain the element oxygen, and so the number
of oxygen atoms on the product side of the equation is:

2 0 atoms

i, molecule

11 @tom

0y melecule ¥
(LE 2 FOOSECAL Hy0 .'rzu.'r:u.!..-.-l

] 1 |:E Hz D molecules x

= 4 0 atoms

The equation for the reaction between methane and oxygen to yield carbon dioxide and water is

confirmed to be balanced per this approach, as shown here:
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CH4+ 20, ? COy2+2H0

Element Reactants Products Balanced?
C 1x1=1 1x1=1 1=1,yes
H 4x1=4 2x2=4 4=4,yes
@) 2x2=4% (1x2)+(2x1)=4 4 =4, yes

A balanced chemical equation often may be derived from a qualitative description of some chemical
reaction by a fairly simple approach known as balancing by inspection. Consider as an example, the
decomposition of water to yield molecular hydrogen and oxygen. This process is represented
qualitatively by an #nbalanced chemical equation:

H>O — Hj + O (unbalanced)

Comparing the number of H and O atoms on either side of this equation confirms its imbalance:

Element Reactants Products Balanced?
H 1x2=2 1x2=2 2=2,yes
(@) 1x1=1 1x2=2 1#2,no

The numbers of H atoms on the reactant and product sides of the equation are equal, but the numbers
of O atoms are not. To achieve balance, the coefficients of the equation may be changed as needed. Keep
in mind, of course, that the formula subscripts define, in part, the identity of the substance, and so these
cannot be changed without altering the qualitative meaning of the equation. For example, changing the
reactant formula from H»O to H>O; would yield balance in the number of atoms, but doing so also
changes the reactant’s identity (it’s now hydrogen peroxide and not water). The O atom balance may be
achieved by changing the coefficient for H,O to 2.
2H>0 — Hj + O3 (unbalanced)
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Element Reactants Products Balanced?

H 2x2=4 1x2=2 4#2,no

(@) 2x1=2 1x2=2 2=2,yes

The H atom balance was upset by this change, but it is easily reestablished by changing the coefhicient
for the Hp product to 2.
2H,0 — 2H; + O3 (balanced)

Element Reactants Products Balanced?

H 2x2=4% 2x2=4 4=4,yes

@) 2x1=2 1x2=2 2=2,yes

These coefficients yield equal numbers of both H and O atoms on the reactant and product sides, and

the balanced equation is, therefore:

2H,0O — 2H, + Oy
Example 1.2.5 — Balancing Equations
Write a balanced equation for the reaction of molecular nitrogen (N2) and oxygen (O2) to
form dinitrogen pentoxide.
Solution
First, write the unbalanced equation.
N3 + Oz — N3Os (unbalanced)
Next, count the number of each type of atom present in the unbalanced

equation.

Element Reactants Products Balanced?

N 1x2=2 1x2=2 2=2,yes

O 1x2=2 1x5=5 2#5,n0
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Though nitrogen is balanced, changes in coefficients are needed to balance the number of oxygen
atoms. To balance the number of oxygen atoms, a reasonable first attempt would be to change the
coefhicients for the Oy and N2Os to integers that will yield 10 O atoms (the least common multiple for

the O atom subscripts in these two formulas).

N3 + 50, — 2N20s5 (unbalanced)

Element Reactants Products Balanced?

N 1x2=2 2x2=4 2#4,no

0] 5x2=10 2x5=10 10=10,yes

The N atom balance has been upset by this change; it is restored by changing the coefficient for the

reactant N> to 2.

2Nj + 502 — 2N70Os5 (balanced)

Element Reactants Products Balanced?

N 2x2=4 2x2=4 4=4,yes

O 5x2=10 2x5=10 10=10,yes

The numbers of N and O atoms on either side of the equation are now equal, and so the
equation is balanced.
Check Your Learning 1.2.7 — Balancing Equations
Write a balanced equation for the decomposition of ammonium nitrate to form molecular
nitrogen, molecular oxygen, and water. (Hint: Balance oxygen last, since it is present in more
than one molecule on the right side of the equation.)
Answer
2NH4NO3 ? 2N> + O + 4H,0
It is sometimes convenient to use fractions instead of integers as intermediate coefficients in
the process of balancing a chemical equation. When balance is achieved, all the equation’s coefficients

may then be multiplied by a whole number to convert the fractional coefficients to integers without
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upsetting the atom balance. For example, consider the reaction of ethane (C,Hg) with oxygen to yield
H>0 and COp, represented by the unbalanced equation:
CyHg + O — H30 + CO; (unbalanced)

Following the usual inspection approach, one might first balance C and H atoms by changing

the coefficients for the two product species, as shown:
CyHg + O — 3H,0 + 2CO3 (unbalanced)

This results in seven O atoms on the product side of the equation, an odd number—no integer

coefhicient can be used with the O reactant to yield an odd number, so a fractional coefficient, 7/ 2, is

used instead to yield a provisional balanced equation:

7
CzHﬁ +502 — 3H20 + 2C02

A conventional balanced equation with integer-only coefficients is derived by multiplying each

coefhicient by 2:
2CoHg + 702 — 6H70 + 4CO>

Finally with regard to balanced equations, recall that convention dictates the use of the smallest
whole-number coefficients. Although the equation for the reaction between molecular nitrogen and
molecular hydrogen to produce ammonia is indeed balanced:

3N, + 9H, — 6NHj3
the coefficients are not the smallest possible integers representing the relative numbers of reactant

and product molecules. Dividing each coeflicient by the greatest common factor, 3, gives the preferred
equation:

N> +3H, — 2NHj3

Balancing Chemical Equations — Additional Practice

Balancing chemical equations is an extremely important and fundamental skill you’ll need to master to succeed
in general chemistry and many other chemistry-related courses.

This interactive tutorial lets you review and practice balancing some equations, as well as this link that generates
chemical reactions for you to balance.

Additional Information in Chemical Equations

The physical states of reactants and products in chemical equations very often are indicated with
a parenthetical abbreviation following the formulas. Common abbreviations include s for solids, / for
liquids, ¢ for gases, and ag for substances dissolved in water (agueous solutions). These notations are

illustrated in the example equation here:


https://phet.colorado.edu/sims/html/balancing-chemical-equations/latest/balancing-chemical-equations_en.html
http://science.widener.edu/svb/tutorial/rxnbalancingcsn7.html
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Na (5) + 2H,0 (1) — 2NaOH (aq) + H; (¢)

This equation represents the reaction that takes place when sodium metal is placed in water. The solid
sodium reacts with liquid water to produce molecular hydrogen gas and the ionic compound sodium
hydroxide (a solid in pure form, but readily dissolved in water).

Special conditions necessary for a reaction are sometimes designated by writing a word or
symbol above or below the equation’s arrow. For example, a reaction carried out by heating may be

indicated by the uppercase Greek letter delta (A) over the arrow.

A
CECOE(.Q) d Cao(s) + COZ(H)

Other examples of these special conditions will be encountered in more depth in later chapters.

% Questions

1. Write the molecular and empirical formulas of the following compounds

, O0=C=0

(yH—C=C—H

H H
X /
C=C
% \
(c) H H
O

(d) O—H

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

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

(b) Can you arrange these atoms in any way to make a different compound? If so, draw its structural

formula and state its name.


http://openstax.org/l/16molbuilding
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(c) How are the molecules drawn in (a) and (b) the same? How do they differ? What are they called
(the type of relationship between these molecules, not their names).

3. Calculate the following to four significant figures:

(a) the percent composition of ammonia, NH3,

(b) the percent composition of photographic “hypo,” NayS,03,

(c) the percent of calcium ion in Ca3(PO4)s,

% % Questions

4. Determine the empirical formulas for compounds with the following percent compositions:

(a) 43.6 % phosphorus and 56.4 % oxygen

(b) 28.7 % K, 1.5 % H, 22.8% P, and 47.0% O

5. Dichloroethane, a compound that is often used for dry cleaning, contains carbon, hydrogen, and
chlorine. It has a molar mass of 99 g/mol. Analysis of a sample shows that it contains 24.3 % carbon and
4.1 % hydrogen. What is its molecular formula?

6. A major textile dye manufacturer developed a new yellow dye. The dye has a percent composition
0f 75.95% C, 17.72 % N, and 6.33 % H by mass with a molar mass of about 240 g/mol. Determine the
molecular formula of the dye.

7. How many moles of CO; and H,O will be produced by combustion analysis of 0.010 mol of

styrene?

Styrene

8. Combustion of a 34.8 mg sample of benzaldehyde, which contains only carbon, hydrogen, and
oxygen, produced 101 mg of CO; and 17.7 mg of H,O.

(a) What was the mass of carbon and hydrogen in the sample?

(b) Assuming that the original sample contained only carbon, hydrogen, and oxygen, what was the
mass of oxygen in the sample?

(c) What was the mass percentage of oxygen in the sample?

(d) What is the empirical formula of benzaldehyde?
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(€) The molar mass of benzaldehyde is 106.12 g/mol. What is its molecular formula?

% Questions (Part 2)

9. Balance the following equations:

(a) PCIs (5) + HyO (1) — POCI; (1) + HCl (ag)

(b) Cu (5) + HNO3 (dq) - Cu(NO3)2 (dq) + H,O (Z) + NO (g)

(c)Ha(g)+ 1o (s) — HI(s)

(d)Fe(s)+ Oz (g) — Fe203(s)

(e) Na(s) + HO (/) — NaOH (ag)+ Hj (g)

(f) (NH4)2Cr207 (s) — Cr203(s) + Na (g) +H20 (g)

(g) P4 (s)+Cla(g) — PCl3(1)

(h) PtCly (s) — Pt(s)+ Cla (g)

10. Write a balanced molecular equation describing each of the following chemical reactions.

(a) Solid calcium carbonate is heated and decomposes to solid calcium oxide and carbon dioxide gas.

(b) Gaseous butane, C4Hjig, reacts with diatomic oxygen gas to yield gaseous carbon dioxide and
water vapour.

(c) Aqueous solutions of magnesium chloride and sodium hydroxide react to produce solid
magnesium hydroxide and aqueous sodium chloride.

(d) Water vapor reacts with sodium metal to produce solid sodium hydroxide and hydrogen gas.

% % Questions (Part 2)

11. A novel process for obtaining magnesium from sea water involves several reactions. Write a
balanced chemical equation for each step of the process.

(a) The first step is the decomposition of solid calcium carbonate from seashells to form solid calcium
oxide and gaseous carbon dioxide.

(b) The second step is the formation of solid calcium hydroxide as the only product from the reaction
of the solid calcium oxide with liquid water.

(c) Solid calcium hydroxide is then added to the seawater, reacting with dissolved magnesium chloride
to yield solid magnesium hydroxide and aqueous calcium chloride.

(d) The solid magnesium hydroxide is added to a hydrochloric acid solution, producing dissolved
magnesium chloride and liquid water.

(e) Finally, the magnesium chloride is melted and electrolyzed to yield liquid magnesium metal and
diatomic chlorine gas.

Answers

1. (a) molecular CO», empirical COp; (b) molecular C2Hy, empirical CH; (c) molecular CoHy,
empirical CHp; (d) molecular HSOy4, empirical HySO4

2. (a) Ethane
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o
H—C—C—H

H oM
(b) There are no other ways to arrange the atoms.
(c)n/a

3. (a) 17.8% H, 82.2% N;; (b) 29.1% Na, 30.4% O, 40.6% S; () 38.8% Ca, 41.3% O, 20.0% P
4. (a) P2Os (b) KH2PO4
5. CoH4Cly
7. Moles of CO3: 0.08 mol CO3, moles of H>O: 0.04 mol H,O
8.(a) 27.6 mg C and 1.98 mg H; (b) 5.2 mg O; (c) 15%; (d) C7HO; (e) C7HgO
9.(a) PCls (s) + HyO (1) — POClI3 (1) + 2 HCl (ag)
(b) 3 Cu(s)+ 8 HNO3 (ag) — 3 Cu(NO3); (ag)+4 HyO (1) + 2NO (g)

(c)Ha(g)+1a(s) — 2HI(s)

(d)4Fe(s)+302(g) — 2Fe203(s)

(e) 2Na(s5)+2H20 (1) — 2NaOH (ag) + H; (g)

() (NH4)2Cr207 (s) — Cr203(s) + N2 (g) + 4 H2O (g)

(g) P4+(5)+6Cly(g) — 4PCl3(l)

(h) PtCls (s) — Pt(5)+2Cla(g)

10. (a) CaCO3(5) — CaO (5) + CO (g)

(b)2C4Hi10(g) +1302(g) — 8CO;(g) + 10 HLO (g)

(c) MgCly (ag) + 2 NaOH (ag) — Mg(OH), (5) + 2 NaCl (ag)

(d) 2H20 (g) +2Na(s) — 2NaOH () + Hz (g)

11. (a) CaCO3(5) — CaO (5)+ COy(g)

(b) CaO (5) + HO (1) — Ca(OH)(5)

(c) Ca(OH), (s) + MgCl, (ag) — Mg(OH), (s) + CaCly (ag)

(d) Mg(OH), + 2HCl (a9) — MgCl, (ag) + H20 (1)

(e) MgCl, — Mg + 2HCl (ag), Cathode: Mg2+ + 2¢° — Mg (s5), Anode: 2Cl" (ag) — Cly(g) +
2e
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The Stoichiometry of Balanced Chemical Equations

A balanced chemical equation provides a great deal of information in a very succinct format. Chemical
formulas provide the identities of the reactants and products involved in the chemical change, allowing the
classification of the reaction. Coefficients provide the relative numbers of these chemical species, allowing a
quantitative assessment of the relationships between the amounts of substances consumed and produced by
the reaction. These quantitative relationships are known as the reaction’s stoichiometry, a term derived from
the Greek words stoicheion (meaning “element”) and metron (meaning “measure”). In this module, the use of
balanced chemical equations for various stoichiometric applications is explored.

The general approach to using stoichiometric relationships is similar in concept to the way people go
about many common activities. Food preparation, for example, offers an appropriate comparison. A recipe for
making eight pancakes calls for 1 cup pancake mix, % cup milk, and one egg. The “equation” representing the
preparation of pancakes per this recipe is:

1 cup mix + % cup milk + 1 egg — 8 pancakes

If two dozen pancakes are needed for a big family breakfast, the ingredient amounts must be increased

proportionally according to the amounts given in the recipe. For example, the number of eggs required to make

24 pancakes is:

egyg

24 pancakes X —————
pan 8 pancakes

= 3 eggs

Balanced chemical equations are used in much the same fashion to determine the amount of one
reactant required to react with a given amount of another reactant, or to yield a given amount of product,
and so forth. The coefhicients in the balanced equation are used to derive stoichiometric factors that permit
the computation of the desired quantity. To illustrate this idea, consider the production of ammonia by the
reaction of hydrogen and nitrogen:

N> (¢) +3H2 (g) — 2NHj3(g)
This equation shows ammonia molecules are produced from hydrogen molecules in a 2:3 ratio, and

stoichiometric factors may be derived using any amount (number) unit:

2 MWH; molecules 2 dozx NH; malecules 2 mol NH; molecules

or [ils
1 Hy molecules 3doz Hy molecules 3 mold Hy molecules

These stoichiometric factors can be used to compute the number of ammonia molecules produced
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from a given number of hydrogen molecules, or the number of hydrogen molecules required to produce a
given number of ammonia molecules. Similar factors may be derived for any pair of substances in any chemical
equation.
Example 1.3.1 — Moles of Reactant Required in a Reaction
How many moles of I are required to react with 0.429 mol of Al according to the following
equation (see Figure 1.3.1)?
2A1+31, — 2 All3

Figure 1.3.1. Aluminum and iodine react to produce aluminum iodide. The heat of the
reaction vaporizes some of the solid iodine as a purple vapour. (credit: modification of work by Mark
Ott)
Solution
Referring to the balanced chemical equation, the stoichiometric factor relating the two
substances of interest is 3 mol Iy, 2 mol Al. The molar amount of iodine is derived by

multiplying the provided molar amount of aluminum by this factor:

Moles of Al Moles of I,
Stoichiometric

factor

3moll,
mol I = 0.429 mol Al X =y

= 0.644 mol I,

Check Your Learning 1.3.1 — Moles of Reactant Required in a Reaction

How many moles of Ca(OH), are required to react with 1.36 mol of H3POy4 to produce
Ca3(PO4); according to the equation 3 Ca(OH), + 2 H3PO4 2 Ca3(PO4)2 + 6 HyO?
Answer

n = 2.04 mol

Example 1.3.2 — Number of Product Molecules Generated by a Reaction

How many carbon dioxide molecules are produced when 0.75 mol of propane is combusted

according to this equation?
C3sHg+507 — 3CO2+ 4 HyO
Solution

The approach here is the same as for the previous example, though the absolute number of


https://cnx.org/contents/havxkyvS@12.1:HOsTvufM@10/Reaction-Stoichiometry
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molecules is requested, not the number of moles of molecules. This will simply require the use
of the moles-to-numbers conversion factor, Avogadro’s number.

The balanced equation shows that carbon dioxide is produced from propane in a 3:1 ratio:

3mol CO,
1 mol C3Hg

Using this stoichiometric factor, the provided molar amount of propane, and Avogadro’s

Moles of C3Hg Moles of CO, z'gew'es of
Stoichiometric Avogadro’s 2

factor number

number,

Fmol 00, 6.022 x 107 0O, molecules
1 maol E3Hy = maol O,

0,75 mal CgHy =

= 1.4 % 10** C0, molecules

Check Your Learning 1.3.2 — Number of Product Molecules Generated by a
Reaction
How many NHj3 molecules are produced by the reaction of 4.0 mol of Ca(OH); according
to the following equation:
(NH4)2SO4 + Ca(OH), — 2NH3 + CaSO4 + 2 H,O
Answer
4.8 x 10%* NH3 molecules
These examples illustrate the ease with which the amounts of substances involved in a chemical
reaction of known stoichiometry may be related. Directly measuring numbers of atoms and molecules
is, however, not an easy task, and the practical application of stoichiometry requires that we use the more
readily measured property of mass.
Example 1.3.3 — Relating Masses of Reactants and Products
What mass of sodium hydroxide, NaOH, would be required to produce 16 g of the antacid
milk of magnesia [magnesium hydroxide, Mg(OH),] by the following reaction?
MgCly (ag) + 2 NaOH(ag) — Mg(OH) (s) + 2 NaCl (agq)
Solution
We must derive an appropriate stoichiometric factor from the balanced chemical equation
and use it to relate the amounts of the two substances of interest. In this case, however, masses
(not molar amounts) are provided and requested, so additional steps of the sort learned in
the previous chapter are required. The calculations required are outlined in the following flow

chart:
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Mass of Moles of
Mg(OH), — Mg(OH),
Stoichiometric
factor
v
Mass of NaOH Moles of NaOH
Molar mass
LTmol Mg(0il;  2mel NalH 400 g Naol

16 g Ma(OH ), =

= 17 g N
583 g Mg(0H]): 1 mod Mg{OH),; * ol Naoh 22 g NodH

Check Your Learning 1.3.3 — Relating Masses of Reactants and Products
What mass of gallium oxide, GapO3, can be prepared from 29.0 g of gallium metal? The
equation for the reactionis 4 Ga+ 3 Oz ? 2 GayOs.
Answer
m=39.0g
Example 1.3.4 — Relating Masses of Reactants
What mass of oxygen gas, O», from the air is consumed in the combustion of 702 g of octane,
CgH1s, one of the principal components of gasoline?
2CgH1g+250, — 16 CO7 + 18 HO
Solution
The approach required here is the same as for the previous example, differing only in that the

provided and requested masses are both for reactant species.

Mass of Moles of

Caftis Molar mass Caflis

Stoichiometric
factor

\ 4
Mass of O, < Moles of O,
Molar mass

1 ol Caffy g Zomol @y 32009 Oy
x %
114323 g Cafyp 2 mol CpHya meod O

TO2 g CgHyg =246 % 10% g o,

Check Your Learning 1.3.4 — Relating Masses of Reactants
What mass of CO is required to react with 25.13 g of FeyO3 according to the following
equation?
FepO3+3CO ? 2Fe+3CO»
Answer
m=1322g
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These examples illustrate just a few instances of reaction stoichiometry calculations. Numerous
variations on the beginning and ending computational steps are possible depending upon what
particular quantities are provided and sought (volumes, solution concentrations, and so forth).
Regardless of the details, all these calculations share a common essential component: the use of
stoichiometric factors derived from balanced chemical equations. Figure 1.3.2 provides a general outline

of the various computational steps associated with many reaction stoichiometry calculations.

(ex. atoms, molecules) (ex. atoms, molecules)

Figure 1.3.2. The flow chart depicts the various computational steps involved in most reaction
stoichiometry calculations.
Limiting Reactant
Consider another food analogy, making grilled cheese sandwiches (Figure 1.3.3):
1 slice of cheese + 2 slices of bread — 1 sandwich
Stoichiometric amounts of sandwich ingredients for this recipe are bread and cheese slices in a 2:1 ratio.
Provided with 28 slices of bread and 11 slices of cheese, one may prepare 11 sandwiches per the provided recipe,
using all the provided cheese and having six slices of bread leftover. In this scenario, the number of sandwiches

prepared has been limited by the number of cheese slices, and the bread slices have been provided in excess.

1 sandwich = 2 slices of bread + 1 slice of cheese

Provided with: 28 slices of bread + 11 slices of cheese
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Figure 1.3.3. Sandwich making can illustrate the concepts of limiting and excess reactants.

Consider this concept now with regard to a chemical process, the reaction of hydrogen with chlorine

to yield hydrogen chloride:
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H, (¢) + Cla (¢) — 2HCl(g)

The balanced equation shows the hydrogen and chlorine react in a 1:1 stoichiometric ratio. If these
reactants are provided in any other amounts, one of the reactants will nearly always be entirely consumed, thus
limiting the amount of product that may be generated. This substance is the limiting reactant, and the other
substance is the excess reactant. Identifying the limiting and excess reactants for a given situation requires
computing the molar amounts of each reactant provided and comparing them to the stoichiometric amounts
represented in the balanced chemical equation. For example, imagine combining 3 moles of H> and 2 moles of
Clp. This represents a 3:2 (or 1.5:1) ratio of hydrogen to chlorine present for reaction, which is greater than the
stoichiometric ratio of 1:1. Hydrogen, therefore, is present in excess, and chlorine is the limiting reactant. The
reaction of all the provided chlorine (2 mol) will consume 2 mol of the 3 mol of hydrogen provided, leaving 1
mol of hydrogen unreacted.

An alternative approach to identifying the limiting reactant involves comparing the amount of product
expected for the complete reaction of each reactant. Each reactant amount is used to separately calculate the
amount of product that would be formed per the reaction’s stoichiometry. The reactant yielding the lesser
amount of product is the limiting reactant. For the example in the previous paragraph, the complete reaction

of the hydrogen would yield:

2 maol HCI
mol HO produced = 3 mol Hy = m = o mal HCL

The complete reaction of the provided chlorine would produce:

2 mal HCl

Tmol Ol T 4 mol HCI

mol Hel produced = 2 mol Ol x

The chlorine will be completely consumed once 4 moles of HCI have been produced. Since enough
hydrogen was provided to yield 6 moles of HCI, there will be unreacted hydrogen remaining once this reaction

is complete. Chlorine, therefore, is the limiting reactant and hydrogen is the excess reactant (Figure 1.3.4).

@ J%
0 it o
@ o J@QJ

6H,and 4 Cl, 8 HCland 2 H,

Figure 1.3.4. When H> and CI; are combined in nonstoichiometric amounts, one of these reactants will
limit the amount of HCl that can be produced. This illustration shows a reaction in which hydrogen is

present in excess and chlorine is the limiting reactant.
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Example 1.3.5 — Identifying the Limiting Reactant
Silicon nitride is a very hard and high-temperature-resistant ceramic used as a component of
turbine blades in jet engines. It is prepared according to the following equation:
3S8i(5)+2Nz(g) — SizN4(s)
Which is the limiting reactant when 2.00 g of Si and 1.50 g of N react?
Solution
Compute the provided molar amounts of reactants, and then compare these amounts to the

balanced equation to identify the limiting reactant.

: . 1mol Si )

mol 5i = 2.00 g 5i x m = 0.0712 mol Si
1 mol N; g

mol Ny, = 1.50 ) Ny = m = 0.0535 mal N;

The provided Si: N molar ratio is:

0.0712mol Si _ 133 mol Si
0.0535mol N,  1mol N,

The stoichiometric Si: Ny ratio is:

3 mol Si i 1.5 mol Si
2mol N, 1molN,

Comparing these ratios shows that Si is provided in a less-than stoichiometric amount, and
so is the limiting reactant. Alternatively, compute the amount of product expected for the
complete reaction of each of the provided reactants. The 0.0712 moles of silicon would yield:

1 ol 5iyN,

mal Sz, produced = 00712 mol 5§ = Tmial 6

= 00237 mol SigN,

while the 0.0535 moles of nitrogen would produce:

1 mod Sighy

ol Sighy produced = 00535 mol Ny £ ——————
= e 2 meod Ny

= 00268 mol Sighy

Since silicon yields a lesser amount of product, it is the limiting reactant.
Check Your Learning 1.3.5 — Identifying the Limiting Reactant
Which is the limiting reactant when 5.00 g of Hy and 10.0 g of O react and form

water? How much excess reagent remains once the reaction has gone to completion?
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Answer
O, is the limiting reagent and 3.75 g of O remains in excess.
Percent Yield
The amount of product that may be produced by a reaction under specified conditions, as calculated
per the stoichiometry of an appropriately balanced chemical equation, is called the theoretical yield of the
reaction. In practice, the amount of product obtained is called the actual yield, and it is often less than the
theoretical yield for a number of reasons. Some reactions are inherently inefficient, being accompanied by side
reactions that generate other products. Others are, by nature, incomplete. Some products are difficult to collect
without some loss, so less than perfect recovery will reduce the actual yield. The extent to which a reaction’s

theoretical yield is achieved is commonly expressed as its percent yield:

i I _actual yield 0
percent yield = theoretical vield X 100%

Actual and theoretical yields may be expressed as masses or molar amounts (or any other appropriate
property; e.g., volume, if the product is a gas). As long as both yields are expressed using the same units, these
units will cancel when the percent yield is calculated.

Example 1.3.6 — Calculation of Percent Yield
Upon reaction of 1.274 g of copper sulfate with excess zinc metal, 0.392 g copper metal was
obtained according to the equation:
CuSOy4 (ag) +Zn (s) — Cu (s)+ ZnSOy4 (ag)
What is the percent yield?
Solution
The provided information identifies copper sulfate as the limiting reactant, and so the

theoretical yield is found by the approach illustrated in the previous module, as shown here:

1 w0l Cadilyan 1 ma! Cu 63155 g Cu

* *
15962 g CuSyag 1 Cubyg, 1 ol Cu

1274 g Cufly ., * = 05072 g fu

Using this theoretical yield and the provided value for actual yield, the percent yield is
calculated to be:

¢ vield actual yvield < 100%
percent yiesd = theoretical yield ’

0.392 g Cu
0.5072 g Cu

percent yield = 77.3%

percent yield = x 100%

Check Your Learning 1.3.6 — Calculation of Percent Yield
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You use the following reaction to produce Freon (CF,Clz) from CCl4 and HF:
CCls+2HF — CF,Cl, + 2 HCI
This reaction has a yield of 75 %. Knowing this, how much HF (in kg) is needed to produce
10 kg of Freon?
Answer
m = 4.40 kg
% Questions
1. Write the balanced equation, then outline the steps necessary to determine the information requested in
each of the following:
(a) The number of moles (in mol) and the mass of chlorine (in grams), Cl, required to react with 10.0 g of
sodium metal, Na, to produce sodium chloride, NaCl.
(b) The number of moles (in mol) and the mass (in grams) of oxygen formed by the decomposition of 1.252
g of mercury (II) oxide.
(c) The number of moles (in mol) and the mass (in grams) of sodium nitrate, NaNO3, required to produce
128 g of oxygen. (NaNO; is the other product.)
(d) The number of moles (in mol) and the mass (in grams) of carbon dioxide formed by the combustion of
20.0 kg of carbon in an excess of oxygen.
(e) The number of moles (in mol) and the mass (in grams) of copper(II) carbonate needed to produce 1.500
kg of copper(II) oxide. (CO; is the other product.)
(f) The number of moles and the mass of Co;H4Br) formed by the reaction of 12.85 g of ethene with an
excess of Bry.
2.1 is produced by the reaction of 0.4235 mol of CuCly according to the following equation:
2CuCly +4KI — 2Cul+4KCl+1p

(a) How many molecules of I are produced?

(b) What mass of I is produced (in grams)?
3. Silver is often extracted from ores such as K[Ag(CN),] and then recovered by the reaction:
2K[Ag(CN)2] (ag) + Zn (5) — 2 Ag(s) + Zn(CN); (ag) + 2 KCN (agq)
(a) How many molecules of Zn(CN); are produced by the reaction of 35.27 g of K[Ag(CN),]?
(b) What mass of Zn(CN), is produced (in grams)?

4. Carborundum is silicon carbide, SiC, a very hard material used as an abrasive on sandpaper and in other
applications. It is prepared by the reaction of pure sand, SiO, with carbon at high temperature. Carbon
monoxide, CO, is the other product of this reaction. Write the balanced equation for the reaction, and
calculate how much (mass, in grams) SiO is required to produce 3.00 kg of SiC.

% % Questions

5. In an accident, a solution containing 2.5 kg of nitric acid was spilled. Two kilograms of NayCO3 was
quickly spread on the area and CO; was released by the reaction. Was sufficient NapCO3 used to neutralize all
of the acid?
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6. A sample of 0.53 g of carbon dioxide was obtained by heating 1.31 g of calcium carbonate. What is the
percent yield for this reaction?

CaCO3(s5) — CaO(5)+CO2(s)

7. Freon-12, CClyFy, is prepared from CCly by reaction with HF. The other product of this reaction is
HCI. Outline the steps needed to determine the percent yield of a reaction that produces 12.5 g of CCloF;
from 32.9 g of CCly. Freon-12 has been banned and is no longer used as a refrigerant because it catalyzes the
decomposition of ozone and has a very long lifetime in the atmosphere. Determine the percent yield.

8. Citric acid, C¢HgO7, a component of jams, jellies, and fruity soft drinks, is prepared industrially via
fermentation of sucrose by the mold Aspergillus niger. What mass of citric acid (in grams) is produced from
exactly 1 metric ton (1.000 x 10° kg) of sucrose if the yield is 92.30 %? The equation representing this reaction
is:

C12H22011 + H O +3 0Oy — 2 CxHgO7 + 4 H,O

9. Outline the steps needed to determine the limiting reactant when 30.0 g of propane, C3Hg, is burned
with 75.0 g of oxygen. Determine the limiting reactant.

10. What is the limiting reactant when 1.50 g of lithium and 1.50 g of nitrogen combine to form lithium
nitride, a component of advanced batteries, according to the following unbalanced equation:

Li+ Ny — LisN (unbalanced)

11. Uranium can be isolated from its ores by dissolving it as UO2(NO3),, then separating it as solid
UO,(C204)-3H,0. Addition of 0.4031 g of sodium oxalate, NapCrOy, to a solution containing 1.481 g of
uranyl nitrate, UO(NO3)y, yields 1.073 g of solid UO2(C204)-3H,0.

NayCr04 + UO2(NO3)2 + 3 HyO — UO,(C204)-3H20 + 2 NaNO3
Determine the limiting reactant and the percent yield of this reaction.

12. The phosphorus pentoxide used to produce phosphoric acid for cola soft drinks is prepared by burning
phosphorus in oxygen.

(a) What is the limiting reactant when 0.200 mol of P4 and 0.200 mol of O react according to:

P4s+505 ? P4sO10

(b) Calculate the percent yield if 10.0 g of P4O1 is isolated from the reaction.

Answers

1.(a) Cly (g) + 2 Na(s) — 2 NaCl(ag), 0.435 mol Na, 0.217 mol Clp, 15.4 g Cl

(b) 2HgO (s) — 2 Hg (5) + Oz (), 0.005780 mol HgO, 2.890 x 10> mol Oy, 9.248 x 10 g O,
¢) 2NaNO3 (5) — O2(g) +2NaNO; (5), 8.00 mol NaNO3, 6.8 x 10> g NaNO3
d) C(s)+ Oz (g) — CO2(g), 1665 mol COy, 73.3kg CO,

e) CuCOs3 (5) — CuO (5) + CO2 (g), 18.86 mol Cu0, 2.330 kg CuCO3
f) CoH4Brp — CaHy + Brp, 0.4580 mol CoH4Br), 86.05 g CoH4Bro
2.(a) 1.28 x 10% molecules; (b) 26.9 g

3. (2) 5.337 x 10 molecules; (b) 10.41 g Zn(CN),

4.4.50kg, SiOy, SiO2 +3C — SiC+2CO

(
(
(
(
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5. Yes — recognize that there is a 2:1 mole ratio of HNO3 : NapCOj3 in the balanced chemical equation
for this neutralization reaction. Hence, we need at least 2 moles of NapCOj3 for every 1 mole of HNO3 to
neutralize all of the acid. The given quantities (in kg) correspond to molar quantities of 39.67 mol HNO3
: 18.87 mol NayCOs3; this is a 2:1 mole ratio (2X more sodium carbonate than acid). Therefore, sufficient
Na,CO3 was used to neutralize all of the acid.

6.92.0%

7. Percent yield = 48.3 %, g CCls ? mol CCls ? mol CClLF; ? g CClLF,

8. 1.03 tonnes

9. (1) Determine the balanced chemical equation: C3Hg + 5 Oy — 3 CO» + 4 H,O; (2) Using the given
masses and the reactants’ molar mass, find the moles for both propane and oxygen; (3) With the moles found
in the previous step, find the mole of carbon dioxide with the mole ratios based on the balanced chemical
equation; (4) With these two values, determine the mass of carbon dioxide. The reactant which results in the
smallest mass of carbon dioxide is the limiting reactant. In this case it is oxygen.

10. Li is the limiting reactant

11. NapyCyOy is the limiting reactant. percent yield = 86.6 %

12. (a) Oz is the limiting reactant; (b) 88 %



1.4 — SOLUTION STOICHIOMETRY

Molarity

In preceding sections, we focused on the composition of substances: samples of matter that contain
only one type of element or compound. However, mixtures—samples of matter containing two or more
substances physically combined—are more commonly encountered in nature than are pure substances. Similar
to a pure substance, the relative composition of a mixture plays an important role in determining its properties.
The relative amount of oxygen in a planet’s atmosphere determines its ability to sustain aerobic life. The
relative amounts of iron, carbon, nickel, and other elements in steel (a solid mixture known as an “alloy”)
determine its physical strength and resistance to corrosion. The relative amount of the active ingredient in a
medicine determines its effectiveness in achieving the desired pharmacological effect. The relative amount of
sugar in a beverage determines its sweetness (see Figure 1.4.1.). In this section, we will describe one of the most

common ways in which the relative compositions of mixtures may be quantified.

Figure 1.4.1. Sugar is one of many components in the complex mixture known as coffee. The
amount of sugar in a given amount of coffee is an important determinant of the beverage’s sweetness. (credit:
Jane Whitney)

Solutions
We have previously defined solutions as homogeneous mixtures, meaning that the composition of the
mixture (and therefore its properties) is uniform throughout its entire volume. Solutions occur frequently

in nature and have also been implemented in many forms of manmade technology. We will explore a more
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thorough treatment of solution properties in the chapter on solutions and colloids, but here we will introduce
some of the basic properties of solutions.

The relative amount of a given solution component is known as its concentration. Often, though not
always, a solution contains one component with a concentration that is significantly greater than that of all
other components. This component is called the solvent and may be viewed as the medium in which the other
components are dispersed, or dissolved. Solutions in which water is the solvent are, of course, very common
on our planet. A solution in which water is the solvent is called an aqueous solution.

A solute is a component of a solution that is typically present at a much lower concentration than
the solvent. Solute concentrations are often described with qualitative terms such as dilute (of relatively low
concentration) and concentrated (of relatively high concentration).

Concentrations may be quantitatively assessed using a wide variety of measurement units, each
convenient for particular applications. Molarity (M) is a useful concentration unit for many applications in

chemistry. Molarity is defined as the number of moles of solute in exactly 1 litre (1 L) of the solution:

mol solute
"~ L solution

Example 1.4.1 — Calculating Molar Concentrations
A 355 mL soft drink sample contains 0.133 mol of sucrose (table sugar). What is the molar
concentration of sucrose in the beverage?
Solution
Since the molar amount of solute and the volume of the solution are both given, the molarity
can be calculated using the definition of molarity. Per this definition, the solution volume must

be converted from mL to L:

: mol solute i 0.133 mol

T Lsolution .. L
355 ml = 1000 7L

=0375 M

Check Your Learning 1.4.1 — Calculating Molar Concentrations
A teaspoon of table sugar contains about 0.01 mol sucrose. What is the molarity of sucrose if
a teaspoon of sugar has been dissolved in a cup of tea with a volume of 200 mL?

Answer
M =0.05 mol/L

Example 1.4.2 — Deriving Moles and Volumes from Molar Concentrations
How much sugar (mol) is contained in a modest sip (~10 mL) of the soft drink from the

previous example?
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Solution
In this case, we can rearrange the definition of molarity to isolate the quantity sought, moles

of sugar. We then substitute the value for molarity that we derived in the previous example,

0.375 mol/L:
mol solute
~ L solution
mod solute = M = L solution
mal sugar 1L ) )
mal solute = 0,375 T ® (10 mL T 0,004 mol sugar

Check Your Learning 1.4.2 — Deriving Moles and Volumes from Molar
Concentrations
What volume (mL) of the sweetened tea described in the previous example contains the same
amount of sugar (mol) as 10 mL of the soft drink in this example?
Answer
V=80 mL

Example 1.4.3 — Calculating Molar Concentrations from the Mass of Solute
Distilled white vinegar (Figure 1.4.2) is a solution of acetic acid, CH3CO2H, in water. A
0.500 L vinegar solution contains 25.2 g of acetic acid. What is the concentration of the acetic

acid solution in units of molarity?

Figure 1.4.2. Distilled white vinegar is a solution of acetic acid in water.
Solution
As in previous examples, the definition of molarity is the primary equation used to calculate
the quantity sought. In this case, the mass of solute is provided instead of its molar amount, so
we must use the solute’s molar mass to obtain the amount of solute in moles:
First, find the number of moles of the solute:

1 mol CH:C0.H

25.2
9 > 60,052 g CHsCO,H

= 0.420 g CHyCO,H

Next, we find the molarity:
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mol solute

"~ L solution

= 0.420 mol solute
"~ 0.500 L solution

M =0839M

In other words:

mol solute
= =(0839M
L solution

M= 0.839 mol solute
1.00 L solution

Check Your Learning 1.4.3 — Calculating Molar Concentrations from the Mass of
Solute
Calculate the molarity of 6.52 g of CoCl; (128.9 g/mol) dissolved in an aqueous solution
with a total volume of 75.0 mL.
Answer
0.674 mol/L
Example 1.4.4 — Determining the Mass of Solute in a Given Volume of Solution
How many grams of NaCl are contained in 0.250 L of a 5.30 mol/L solution?
Solution
The volume and molarity of the solution are specified, so the amount (mol) of solute is easily

computed as demonstrated in the second example:

ol solute
i L solution

il Nall

mel selute = 5.30 * 0250 L = 1.325 mol NaCl

Finally, this molar amount is used to derive the mass of NaCl:

1,325 mol Nacl x 2o g Nall oo o Nacl
325 mol Na e NaC] = 749 Na

Check Your Learning 1.4.4 — Determining the Mass of Solute in a Given Volume of
Solution

How many grams of CaCl, (110.98 g/mol) are contained in 250.0 mL of a 0.200 mol/L

solution of calcium chloride?
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Answer
5.55 g CaCly
When performing calculations stepwise, as in the previous example, it is important to refrain
from rounding any intermediate calculation results, which can lead to rounding errors in the final result.
In the previous example, the molar amount of NaCl computed in the first step, 1.325 mol, would
be properly rounded to 1.32 mol if it were to be reported; however, although the last digit (5) is not
significant, it must be retained as a guard digit in the intermediate calculation. If we had not retained
this guard digit, the final calculation for the mass of NaCl would have been 77.1 g, a difference of 0.3 g.
In addition to retaining a guard digit for intermediate calculations, we can also avoid rounding
errors by performing computations in a single step (see the next example). This eliminates intermediate
steps so that only the final result is rounded.
Example 1.4.5 — Determining the Volume of Solution Containing a Given Mass of Solute
In the Example 1.4.3, we found the typical concentration of vinegar to be 0.839 mol/L. What
volume of vinegar contains 75.6 g of acetic acid?
Solution
First, use the molar mass to calculate moles of acetic acid from the given

mass:

mol solute

g solute x m = mol solute

Then, use the molarity of the solution to calculate the volume of the solution containing this

molar amount of solute:

L solute
mol solute X —— = [, solute
mol solute

Combining these two steps into one yields:

mad selute L solution

g solute x = L solution

o sofute mid solake

mve] CHo O 0, Hy L solution
756 CHy (0 H |t ]|{ i

= 1.50 L sofut
v GO0 g 0,839 mol .f.'r.',r?n,rr} e R

Check Your Learning 1.4.5 — Determining the Volume of Solution Containing a Given
Mass of Solute
What volume of a 1.50 mol/L KBr solution contains 66.0 g KBr?
Answer
V=0.370L

Other Units for Solution Concentrations
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Mass Percentage
Earlier in this chapter, we introduced percent composition as a measure of the relative amount of a
given element in a compound. Percentages are also commonly used to express the composition of mixtures,
including solutions. The mass percentage of a solution component is defined as the ratio of the component’s

mass to the solution’s mass, expressed as a percentage:

mass of component
mass percentage = - * 100%,
mass af solution

We are generally most interested in the mass percentages of solutes, but it is also possible to compute
the mass percentage of solvent. When expressing mass percent, you can use any measurement system you
choose, but the same units must be used on both the top and the bottom of the equation and the denominator
is always 100 (for example: g/100 g, 0z/100 oz).

Mass percentage is also referred to by similar names such as percent mass, percent weight, weight/weight
percent, and other variations on this theme. The most common symbol for mass percentage is simply the
percent sign, %, although more detailed symbols are often used including % mass, % weight, and (w/w)%. Use of
these more detailed symbols can prevent confusion of mass percentages with other types of percentages, such
as volume percentages (to be discussed later in this section).

Mass percentages are popular concentration units for consumer products. The label of a typical liquid

bleach bottle (Figure 1.4.3) cites the concentration of its active ingredient, sodium hypochlorite (NaOClI), as
being 7.4 %. Therefore, a 100.0 g sample of bleach would contain 7.4 g of NaOCI.

" —

Figure 1.4.3. Liquid bleach is an aqueous solution of sodium hypochlorite (NaOCI). This brand has a
concentration of 7.4 % NaOCl by mass.
Example 1.4.6 — Calculation of Percent by Mass
A 5.0 g sample of spinal fluid contains 3.75 mg (0.00375 g) of glucose. What is the percent by
mass of glucose in spinal fluid?
Solution
The spinal fluid sample contains roughly 4 mg of glucose in 5000 mg of fluid, so the mass
fraction of glucose should be a bit less than one part in 1000, or about 0.1 %. Substituting the

given masses into the equation defining mass percentage yields:

975 e 149
3.75 myg glucose ® 1000 mg

b glucose = = 1008 = 0.075%

5.0 g spinal fluid
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This result compares well to our ballpark estimate (it’s a bit less than one-half the stock
concentration, S mol/L).
Check Your Learning 1.4.6 — Calculation of Percent by Mass
What is the concentration of the solution that results from diluting 25.0 mL of a 2.04 mol/L
solution of CH30H to 500.0 mL?
Answer
14.8 %

Example 1.4.7 — Calculations using Mass Percentage

“Concentrated” hydrochloric acid is an aqueous solution of 37.2 % HCI by mass that is
commonly used as a laboratory reagent. The density of this solution is 1.19 g/mL. What mass of
HCl is contained in 0.500 L of this solution?

Solution

The HCl concentration is near 40%, so a 100 g portion of this solution would contain about
40 g of HCI. Since the solution density isn’t greatly different from that of water (1 g/mL), a
reasonable estimate of the HCI mass in 500 g (0.5 L) of the solution is about five times greater
than that in a 100 g portion, or 5 x 40 = 200 g. In order to derive the mass of solute in a solution
from its mass percentage, we need to know the corresponding mass of the solution. Using the
solution density given, we can convert the solution’s volume to mass, and then use the given

mass percentage to calculate the solute mass. This mathematical approach is outlined in this flow

Volume of Mass of Mass of
solution (mL) | Multiply by solution (g) Multiply by HCl (g)
density (g/mL) mass percent as ratio

(g HCl/g solution)

chart:

For proper unit cancellation, the 0.500 L volume is converted into 500 mL, and the mass

percentage is expressed as a ratio, 37.2 g HCI/100 g solution:

1199 :n'.l.!u.!mn)( 372 g HCI

Al En o [ 100 g solution

= 23 '
el solution ] 221 g Kt

This mass of HCl is consistent with our rough estimate of approximately 200 g.
Check Your Learning 1.4.7 — Calculations using Mass Percentage
What volume of concentrated HCl solution contains 125 g of HCI?
Answer
V'=282mL
Volume Percentage

Liquid volumes over a wide range of magnitudes are conveniently measured using common and
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relatively inexpensive laboratory equipment. The concentration of a solution formed by dissolving a
liquid solute in a liquid solvent is therefore often expressed as a volume percentage, % vol or (v/v)%:

volume solute

rolume percentage = — ¢ 100%
volume solution

Example 1.4.8 — Calculations using Volume Percentage
Rubbing alcohol (isopropanol) is usually sold as a 70 % by volume aqueous solution. If the
density of isopropyl alcohol is 0.785 g/mL, how many grams of isopropyl alcohol are present in
a 355 mL bottle of rubbing alcohol?
Solution
Per the definition of volume percentage, the isopropanol volume is 70 % of the total solution

volume. Multiplying the isopropanol volume by its density yields the requested mass:

70 ml. isopropyl alcoholy (0.785 g lsapropyl alcohaly

55 mil solution |
(355 mL sotutia I][ 100 ml sefution L 1mi .u..-lrl.l'-:.l:y.l alcohal )

= 195 g isopropyl alcohal

Check Your Learning 1.4.8 — Calculations using Volume Percentage
Wine is approximately 12 % ethanol (CH3CH>OH) by volume. Ethanol has a molar mass of
46.06 g/mol and a density 0.789 g/mL. How many moles of ethanol are present in a 750-mL
bottle of wine?
Answer
n = 1.5 mol ethanol
Mass-Volume Percentage
“Mixed” percentage units, derived from the mass of solute and the volume of solution, are popular
for certain biochemical and medical applications. A mass-volume percent is a ratio of a solute’s mass to
the solution’s volume expressed as a percentage. The specific units used for solute mass and solution volume
may vary, depending on the solution. For example, a physiological saline solution, used to prepare intravenous
fluids, has a concentration of 0.9% mass/volume (72/v), indicating that the composition is 0.9 g of solute
per 100 mL of solution. The concentration of glucose in blood (commonly referred to as “blood sugar”) is
also typically expressed in terms of a mass-volume ratio. Though not expressed explicitly as a percentage, its

concentration is usually given in milligrams of glucose per deciliter (100 mL) of blood (Figure 1.4.4).
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Figure 1.4.4. “Mixed” mass-volume units are commonly encountered in medical settings. (a) The NaCl

concentration of physiological saline is 0.9% (2/v). (b) This device measures glucose levels in a sample of

blood. The normal range for glucose concentration in blood (fasting) is around 70-100 mg/dL. (credit a:
modification of work by “The National Guard”/Flickr; credit b: modification of work by Biswarup Ganguly)

Parts per Million and Parts per Billion

Very low solute concentrations are often expressed using appropriately small units such as parts per

million (ppm) or parts per billion (ppb). The units, pm and ppb, can also be defined with respect to
numbers of atoms and molecules.

The mass-based definitions of ppm and ppb are given here:

mass solute

£ &
o mass solution S L

mass solute

b = 10? ppb
PP mass solution : Pp

Both ppm and ppb are convenient units for reporting the concentrations of pollutants and other trace
contaminants in water. Concentrations of these contaminants are typically very low in treated and natural
waters, and their levels cannot exceed relatively low concentration thresholds without causing adverse effects
on health and wildlife. For example, the Environmental Protection Agency (EPA) has identified the maximum
safe level of fluoride ion in tap water to be 4 ppm. Inline water filters are designed to reduce the concentration

of fluoride and several other trace-level contaminants in tap water (Figure 1.4.5).
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Figure 1.4.5. (a) In some areas, trace-level concentrations of contaminants can render unfiltered tap water
unsafe for drinking and cooking. (b) Inline water filters reduce the concentration of solutes in tap water.
(credit a: modification of work by Jenn Durfey; credit b: modification of work by
“vastateparkstaff”/Wikimedia commons)
Example 1.4.9 — Calculation of Parts per Million and Parts per Billion Concentrations
According to the EPA, when the concentration of lead in tap water reaches 15 ppb, certain
remedial actions must be taken. What is this concentration in ppm? At this concentration, what
mass of lead (pg) would be contained in a typical glass of water (300 mL)?
Solution
The definitions of the ppm and ppb units may be used to convert the given concentration
from ppb to ppm. Comparing these two unit definitions shows that ppm is 1000 times greater

than ppb (1 ppm = 10° ppb). Thus:

1 ppm

15 ppb Xl(ﬁ—ppb

= 0.015 ppm

The definition of the ppb unit may be used to calculate the requested mass if the mass
of the solution is provided. However, only the volume of solution (300 mL) is given, so we
must use the density to derive the corresponding mass. We can assume the density of tap water
to be roughly the same as that of pure water (~1.00 g/mL), since the concentrations of any
dissolved substances should not be very large. Rearranging the equation defining the ppb unit

and substituting the given quantities yields:

mass solute

b= 10° ppb
PP mass solution % pp

ppb X mass solution
10? ppb

mass solute =

1.00 g

15 pph = 300 ml =
Ml _ g5 10-5g

mass solute = “}.} pr

Finally, convert this mass to the requested unit of micrograms:

1ug
-6 o —
45x107°g 105 g 4.5 ug
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Check Your Learning 1.4.9 — Calculation of Parts per Million and Parts per Billion
Concentrations
(a) Your tap water contains 4.0 ppm fluoride. A conspiracy website says fluoride is dangerous
and you can be poisoned if you consume more than 5.0 grams of it. If you drink 6 glasses (each
glass is 0.40 L) of tap water per day, how long until you consume 5.0 grams of fluoride (assuming
it NEVER leaves your body?).
(b) A 50.0 g sample of industrial wastewater was determined to contain 0.48 mg of mercury.
Express the mercury concentration of the wastewater in ppm and ppb units.
Answer
a. 520 days
b. 9.6 ppm, 9600 ppb
Molality
A final way to express the concentration of a solution is by its molality. The molality (&) of a solution is the
moles of solute divided by the kilograms of solvent. A solution that contains 1.0 mol of NaCl dissolved into
1.0 kg of water is a “one-molal” solution of sodium chloride. The symbol for molality is a lower-case & written
in italics.
maoles of solute maol
kilograms of solvent = kg

Molality (b) =

Molality differs from molarity only in the denominator. While molarity is based on the litres of solution,
molality is based on the kilograms of solvent. Concentrations expressed in molality are used when studying
the properties of solutions related to vapour pressure and temperature changes. Molality is used because its
value does not change with changes in temperature. The volume of a solution, on the other hand, is slightly
dependent upon temperature.

Example 1.4.10 — Molality
Determine the molality of a solution prepared by dissolving 28.60 g of glucose (CsH120¢)
into 250 g of water.
Solution
Convert grams of glucose to moles and divide by the mass of the water in kilograms:

1mod C M0,

28.60 9 CuH1206 X 15578 g CaHyz 06

= 0.1587 mol CuH,.0,

015387 mol C H .0,

T o = 0035 molfkg CH,,0,
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The answer represents the moles of glucose per kilogram of water and has three significant
figures.
Molality and molarity are closely related in value for dilute aqueous solutions because the density of
those solutions is relatively close to 1.0 g/mL. This means that 1.0 L of solution has nearly a mass of
1.0 kg. As the solution becomes more concentrated, its density will not be as close to 1.0 g/mL and
the molality value will be different than the molarity. For solutions with solvents other than water, the
molality will be very different than the molarity. Make sure that you are paying attention to which
quantity is being used in a given problem.
Water as a Universal Solvent
Water is dubbed a universal solvent because it dissolves many substances due to strong interactions
between water molecules and those of other substances. Entropy is another driving force for a liquid to dissolve
or mix with other substances (just know for now that entropy describes matter and/or energy dispersal within
a system or the measure of the disorder of a system). Mixing increases disorder or entropy. You will learn more
about entropy in CHM2131/CHM2132.
Hydrophobic effect and hydrophilic effect
Because of its high dipole moment and ability to donate and accept protons for hydrogen bonding,
water is an excellent solvent for polar substances and electrolytes, which consist of ions. Molecules that strongly
interact with or love water molecules are hydrophilic, due to hydrogen bonding, polar-ionic or polar-polar
attractions. Nonpolar molecules that do not mix with water are hydrophobic or lipophilic because they tend
to dissolve in oil. Large molecules such as proteins and fatty acids that have hydrophilic and hydrophobic
portions are amphipathic or amphiphilic. Water molecules strongly intermingle with hydrophilic portions
by means of dipole-dipole interaction or hydrogen bonding. This will be examined in detail in CHM1321.
Dilution of Solutions
Dilution is the process whereby the concentration of a solution is lessened by the addition of solvent.
For example, we might say that a glass of iced tea becomes increasingly diluted as the ice melts. The water from
the melting ice increases the volume of the solvent (water) and the overall volume of the solution (iced tea),

thereby reducing the relative concentrations of the solutes that give the beverage its taste (Figure 1.4.6).

N

,
T
\» R
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Figure 1.4.6. Both solutions contain the same mass of copper nitrate. The solution on the right is more
dilute because the copper nitrate is dissolved in more solvent. (credit: Mark Ortt)

Dilution is also a common means of preparing solutions of a desired concentration. By adding solvent
to a measured portion of a more concentrated stock solution, we can achieve a particular concentration. For
example, commercial pesticides are typically sold as solutions in which the active ingredients are far more
concentrated than is appropriate for their application. Before they can be used on crops, these pesticides must
be diluted. This is also a very common practice for the preparation of a number of common laboratory reagents
(Figure 1.4.7).

Figure 1.4.7. A solution of KMnOy is prepared by mixing water with 4.74 g of KMnOy in a flask. (credit:
modification of work by Mark Ott)

A simple mathematical relationship can be used to relate the volumes and concentrations of a solution
before and after the dilution process. According to the definition of molarity, the molar amount of solute in a
solution () is equal to the product of the solution’s molarity (A4) and its volume in litres (L):

n=ML
Expressions like these may be written for a solution before and after it is diluted:
nyp=MjpLj
ny=M>L,
where the subscripts “1” and “2” refer to the solution before and after the dilution, respectively. Since the
dilution process does not change the amount of solute in the solution, n1 = na. Thus, these two equations may be
set equal to one another:
MiLi=M>L,

This relation is commonly referred to as the dilution equation. Although we derived this equation
using molarity as the unit of concentration and litres as the unit of volume, other units of concentration and
volume are more commonly used. The dilution equation is often written in the more general form:

CVi=CV2
where Cand V7 are concentration is expressed in moles/litre and volume is litres, respectively.
Example 1.4.11 — Determining the Concentration of a Diluted Solution
If 0.850 L of a 5.00 mol/L solution of copper nitrate, Cu(NO3)y, is diluted to a volume of
1.80 L by the addition of water, what is the molarity of the diluted solution?

Solution
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We are given the volume and concentration of a stock solution, 71 and C1, and the volume of
the resultant diluted solution, V5. We need to find the concentration of the diluted solution, C5.

We thus rearrange the dilution equation in order to isolate C:

GV =GV,
4

Since the stock solution is being diluted by more than two-fold (volume is increased from
0.85 L to 1.80 L), we would expect the diluted solution’s concentration to be less than one-half
of 5 mol/L. We will compare this ballpark estimate to the calculated result to check for any gross
errors in computation (for example, such as an improper substitution of the given quantities).

Substituting the given values for the terms on the right side of this equation yields:

0.850 L x 5.00 Mol

. L e
i =236M
2 1.80 L

This result compares well to our ballpark estimate (it’s a bit less than one-half the stock
concentration, 5 mol/L).
Check Your Learning 1.4.11 — Determining the Concentration of a Diluted Solution
What is the concentration of the solution that results from diluting 25.0 mL of a 2.04 mol/L
solution of CH30H to 500.0 mL?
Answer
0.102 mol/L CH30H
Example 1.4.12 — Volume of a Diluted Solution
What volume of 0.12 mol/L HBr can be prepared from 11 mL (0.011 L) of 0.45 mol/L HBr?
Solution
We are given the volume and concentration of a stock solution, 7 and Cjy, and the
concentration of the resultant diluted solution, C>. We need to find the volume of the diluted

solution, V5. We thus rearrange the dilution equation in order to isolate V5:

GV =GV,

_Gh

V.
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Since the diluted concentration (0.12 mol/L) is slightly more than one-fourth of the original
concentration (0.45 mol/L), we would expect the volume of the diluted solution to be roughly
four times the original volume, around 44 mL. Substituting the given values and solving for the

unknown volume yields:

_ (0.45M)(0.011 L)
= (0.12 M)
V, = 0.041L

The volume of the 0.12 mol/L solution is 0.041 L (41 mL). The result is reasonable and
compares well with our rough estimate.
Check Your Learning 1.4.10 — Volume of a Diluted Solution
A laboratory experiment calls for 0.125 mol/L HNO3. What volume of 0.125 mol/L HNO3
can be prepared from 0.250 L of 1.88 mol/L HNO3?
Answer
V=376L

Example 1.4.13 — Volume of a Concentrated Solution Needed for Dilution
What volume of 1.59 mol/L KOH is required to prepare 5.00 L of 0.100 mol/L KOH?
Solution
We are given the concentration of a stock solution, C1, and the volume and concentration of
the resultant diluted solution, V5 and Cy. We need to find the volume of the stock solution, V7.

We thus rearrange the dilution equation in order to isolate V7:

CVy = GV,
3V
V, =——

Since the concentration of the diluted solution 0.100 mol/L is roughly one-sixteenth that of
the stock solution (1.59 mol/L), we would expect the volume of the stock solution to be about
one-sixteenth that of the diluted solution, or around 0.3 litres. Substituting the given values and

solving for the unknown volume yields:
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~ (0.100 M)(5.00 L)
1 (1.59 M)

V, = 0314 L

Thus, we would need 0.314 L of the 1.59 mol/L solution to prepare the desired solution. This
result is consistent with our rough estimate.
Check Your Learning 1.4.11 — Volume of a Concentrated Solution Needed for Dilution
What volume of a 0.575 mol/L solution of glucose, C4H120¢, can be prepared from 50.00
mL of a 3.00 mol/L glucose solution?
Answer
'=0.261L
Molecular, Complete Ionic, and Net Ionic Equations
So far, we have looked only at molecular equations. These are the balanced reaction equations where
we have accounted for all the atoms involved in the reaction. For some reactions, this isn’t the whole story. In
the cases where we have ionic compounds dissolved in water, we need to go one step further.
Let us consider the precipitation reaction for the formation of barium sulfate. Precipitation is
a process in which a homogeneous solution reacts to form a solid product (known as the precipitate) The
complete chemical equation for this reaction can be written to describe what happens, and such an equation is

useful in making chemical calculations:

BaCl,(aq) + Na,SO,(aq) — BaSO,(s) + 2 NaCl(aq)

-~
Complete Chemical Equation

However, the complete chemical equation does not really represent the microscopic particles (that is,
the ions) present in the solution. Thus we might write below the complete ionic equation, where the aqueous
salts are written as their individual ions:

spectator spectator spectator
spectator
—_—

2+ - + 2— < + -
Ba®"(aq) + 2 Cl" (aq) + 2 Na™(aq) + SO} ~(aq) — BaSO,(s) + 2Na" (aq) + CI"(aq)

~
Complete Ionic Equation

The complete ionic equation is rather cumbersome and includes so many different ions that it may
be confusing. In any case, we are often interested in the independent behaviour of ions, not the specific
compound from which they came. A precipitate of BaSO4(5) will form when any solution containing
Ba2+(aq) is mixed with 47y solution containing SO42_ (ag) (provided concentrations are not extremely small).
This happens independently of the CI" (2g) and Na* (ag) ions in the complete ionic equation. These ions

are called spectator ions because they do not participate in the reaction. When we want to emphasize the
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independent behaviour of ions, a net ionic equation is written, omitting the spectator ions. For precipitation

of BaSOy, the net ionic equation is”

Ba® *(aq) + SO; ~(aq) — BaSO,(s)

A=

-
Net Ionic Equation

Example 1.4.14 — AgCl Precipitation

When a solution of AgNOj3 is added to a solution of CaCly, insoluble AgCl precipitates.
Write three equations (complete chemical equation, complete ionic equation, and net ionic
equation) that describe this process.

Solution

Complete Chemical Equation:

2 AgNOj3 (ag) + CaCly (ag) — 2 AgCl (5) + Ca(NO3)2 (ag)

The proper states and formulas of all products are written and the chemical equation is
balanced.

Complete Ionic Equation:

2 Ag" (ag) + 2NO3” (ag) + Ca®" (ag) + 2 CI” (ag) — 2 AgCl(s) + Ca”" (ag) + 2NO3 ™ (ag)

AgClis asolid so it does not break up into ions in solution.

Net Ionic Equation:
Ag+ (ag)+ Cl (ag) — AgCl(s)

All spectator ions are removed.
Check Your Learning 1.4.12 — AgCl Precipitation
Write balanced net ionic equations to describe a reaction that may occur when K,CO3 and
SrCl, are mixed.
Answer
el (ag) + CO32' (ag) — SrCO3 (5)
Example 1.4.15 — Combining Na>SO4 and NH,I
Write a balanced net ionic equation to describe any reaction which occurs when the solutions
of N2,SO4 and NH4I are mixed.
Solution
Complete Chemical Equation:
NapSOy4 (ag) + NHylp (aq) — 2 Nal (ag) + (NH4)2SO4 (ag)
Both products are aqueous so there is no net ionic equation that can be written.
Check Your Learning 1.4.13 — Combining Na;SO4 and NHyI
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Write balanced net ionic equations to describe a reaction which may occur when FeSO4

Ba(NO3); are mixed.

Answer
Ba®" (ag) + SO (ag) — BaSO4 (s)

The occurrence or nonoccurrence of precipitates can be used to detect the presence or absence
of various species in solution. A BaCly solution, for instance, is often used as a test for the presence
of SO42- ions. There are several insoluble salts of Ba, but they all dissolve in dilute acid except for
BaSO4. Thus, if BaCly solution is added to an unknown solution that has previously been acidified, the
occurrence of a white precipitate is proof of the presence of the SO42' ion.

AgNOs solutions are often used in a similar way to test for halide ions. If an AgNOj3 solution is added to an
acidified unknown solution, a white precipitate indicates the presence of Cl ™ ions, a cream-coloured precipitate
indicates the presence of Br ions, and a yellow precipitate indicates the presence of I ions (Figure 1.4.8).
Further tests can then be made to see whether perhaps a mixture of these ions is present. When AgNO3 is
added to tap water, a white precipitate is almost always formed. The Cl ions in tap water usually come from

the Clp which is added to municipal water supplies to kill microorganisms.

Figure 1.4.8. The three common silver halide precipitates: Agl, AgBr and AgCl (left to right). The
silver halides precipitate out of solution, but often form suspensions before settling. Image used with
permission (CC BY-SA 3.0; Cychr).

Precipitates are also used for quantitative analysis of solutions, that is, to determine the amount
of solute or the mass of solute in a given solution. For this purpose, it is often convenient to use the first
of the three types of equations described above. Then the rules of stoichiometry may be applied.

% Questions

1. Determine the molarity for each of the following solutions:

(a) 0.444 mol of CoCly in 0.654 L of solution

(b) 98.0 g of phosphoric acid, H3POy, in 1.00 L of solution

() 0.2074 g of calcium hydroxide, Ca(OH)a, in 40.00 mL of solution
(d) 10.5 kg of NapSO4-10H0 in 18.60 L of solution


https://en.wikipedia.org/wiki/User:Cychr
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(e) 7.0 x 107> mol of I in 100.0 mL of solution

() 1.8 x 10* mg of HCl in 0.075 L of solution

2. What is the mass of the solute in 0.500 L of 0.30 A glucose, C¢H120¢, used for intravenous
injection? Outline the steps necessary to answer the question.

3. Calculate the number of moles and the mass of the solute in each of the following solutions:

(a) 2.00 L of 18.5 mol/L H3SO4, concentrated sulfuric acid

(b) 100.0 mL of 3.8 x 10™> mol/L NaCN, the minimum lethal concentration of sodium cyanide in blood
serum

(c) 5.50 L of 13.3 mol/L HyCO, the formaldehyde used to “fix” tissue samples

(d) 325 mL of 1.8 x 107 mol/L FeSOy4, the minimum concentration of iron sulfate detectable by taste in
drinking water

4. What is the molarity of KMnOy in a solution of 0.0908 g of KMnOj in 0.500 L of solution? Outline the
steps necessary to answer the question.

5. Calculate the molarity of each of the following solutions:

(a) 0.195 g of cholesterol, C27H460, in 0.100 L of serum, the average concentration of cholesterol in human
serum

(b) 4.25 g of NH3 in 0.500 L of solution, the concentration of NH3 in household ammonia

(c) 1.49 kg of isopropyl alcohol, C3H7OH, in 2.50 L of solution, the concentration of isopropyl alcohol in
rubbing alcohol

(d) 0.029 g of I in 0.100 L of solution, the solubility of I in water at 20 °C

6. There is about 1.0 g of calcium, as Ca2+, in 1.0 L of milk. What is the molarity of Ca? in milk?

7. A 9.00 g sample contains 45.0 mg of dissolved sugar. What is the percent by mass of sugar in this solution?

% % Questions

8. A cleaning solution is 4% by mass sodium hypochlorite (bleach). If you use 70 g of cleaning solution to
clean your bathroom, how much bleach was used?

9. Your beer is 7% alcohol by volume. How much pure alcohol did you actually drink if your bottle contains
7 fl 0z and you have had two and a half bottles?

10. You mix 73 pL of loading dye with 1000 uL of DNA. How much loading dye is there in the solution by
volume percent.

11. Your blood sugar reading is 0.2% (2/v). How many grams of sugar are in your body (assuming you
contain 5.1 L of blood)?

12. Suppose the vinegar you use is 0.76 mol/L acetic acid (CH3COOH). What is the concentration of your
vinegar in ppm?

13. Suppose you mix S0 mL CoCly in 0.654 L of solution. What is the concentration of the resulting
mixture in ppb?

14. You add 3.6 g of H2SO4 to 10.0 g of water. What is the molality of this solution?
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15. You have 1 L of saline solution (NaCl) at 0.15 mol/L. What is the molality of the solution if NaCl has a
density of 2.16 g/cm3 (hint: 1 cm’ =1 mL)?

16.1f 4.12 L of a2 0.850 mol/L H3POy4 solution is diluted to a volume of 10.00 L, what is the concentration
of the resulting solution?

% Questions (Part 2)

17. What is the final concentration of the solution produced when 225.5 mL of a 0.09988 mol/L solution
of Nap,COs is allowed to evaporate until the solution volume is reduced to 45.00 mL?

18. An experiment in a general chemistry laboratory calls for a 2.00 mol/L solution of HCl. How many mL
of 11.9 mol/L HCl would be required to make 250 mL of 2.00 mol/L HCI?

19. Write out the complete chemical equation, complete ionic equation, and net ionic equation for the
mixture of Ca(NO3)2 (2g) and H3POy4 (ag).

20. Write out the complete chemical equation, complete ionic equation, and net ionic equation for the
mixture of KCl (2g) and Pb(NO3); (ag).

21. Indicate what type, or types, of reaction each of the following represents:

(a) Ca(s)+Bry(l) ? CaBra(s)

(b) Ca(OH); (ag) + 2 HBr (ag) ? CaBrz(aq)+ 2 H2O (1)

() CesH12(1)+902(g) ? 6COz(g)+ 6 HyO (g)

Answers

1. (a) 0.679 mol/L; (b) 1.00 mol/L; (c) 0.06998 mol/L; (d) 1.75 mol/L; (e) 0.070 mol/L; (f) 6.6 mol/L

2. 27 g; Determine the number of moles of glucose in 0.500 L of solution; determine the molar mass of
glucose; determine the mass of glucose from the number of moles and its molar mass.

3. (a) 37.0 mol H,S04; 3.63 x 10° g H2804; (b) 3.8 x 10 mol NaCNj 1.9 x 10~* g NaCN; (c) 73.2 mol
H,CO; 2.20 kg HyCO; (d) 5.9 x 107 mol FeSO4; 8.9 x 107> g FeSO4

4.115x107° mol/L; Determine the molar mass of KMnQOy; determine the number of moles of KMnOy4
in the solution; from the number of moles and the volume of solution, determine the molarity.

5. (a) 5.04 x 10> mol/L; (b) 0.499 mol/L; (c) 9.92 mol/L; (d) 1.1 x 10> mol/L

6.0.025 mol/L

7.0.5%

8.2.8¢

9.36.23 mL

10. 6.8%

11. 1.02 kg

12. 45719.97 ppm

13.71 022 727 ppb

14. 3.67 mol/kg

15. 0.069 mol/kg

16.0.35 mol/L
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17.0.50 mol/L

18. 42 mL

19. Complete: 3 Ca(NO3), + 2 H3PO4 — Ca3(PO4)2 + 6 HNO3

Complete Tonic: 3 Ca®"+ 6 NO3™ + 6 H+ 2PO4> — Ca3(POg), + 6 H+ 6 NO3~

Net Ionic: 3 Ca”* +2P0,> — Cas(PO),

20. Complete: Pb(NO3); (2g) + 2 K1 (ag) — Pbl, (5) + 2 KNO3 (ag)

Complete Ionic: Pb* (ag) +2NO3 (ag)+2 K" (ag) +21 (ag) — Pbly(ag)+2 K" (ag) +2NO3 (ag)
Net Ionic: Pb*" (ag) + 21" (ag) — Pbl,(ag)

21. (a) oxidation-reduction (addition); (b) acid-base (neutralization); (c) oxidation-reduction (combustion)
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Earth’s atmosphere contains about 20% molecular oxygen, O a chemically reactive gas that plays an
essential role in the metabolism of aerobic organisms and in many environmental processes that shape the world.
The term oxidation was originally used to describe chemical reactions involving Oo, a term which you may be

Sfamiliar with within the context of real-life scenarios and applications like the browning of some fruits and the
implication of antioxidants. However, in the sciences, its meaning has evolved to refer to a broad and important
reaction class known as oxidation-reduction (redox) reactions. A few examples of such reactions will be used to
develop a clear picture of this classification, and we’ll use the stoichiometry skills you've learned throughout this
chapter to balance redox reactions and solve amounts/concentrations of reactants/products.

Oxidation-Reduction (Redox) Reactions

Some redox reactions involve the transfer of electrons between reactant species to yield ionic products,
such as the reaction between sodium and chlorine to yield sodium chloride:

2Na(s)+Cla(g) — 2NaCl ()

It is helpful to view the process with regard to each individual reactant, that is, to represent the fate of each

reactant in the form of an equation called a half-reaction:
2Na(s) = 2Na'(5)+2e”
Ch(g+2e — 2CI (5)

These equations show that Na atoms Jose electrons while Cl atoms (in the Clp molecule) gazn electrons, recall
the “s” indicates that the resulting ions are present in the form of a solid ionic compound. For redox reactions
of this sort, the loss and gain of electrons define the complementary processes that occur:

Oxidation = loss of electrons
Reduction = gain of electrons

Table 1.5.1. Tips & tricks — Oxidation & reduction acronyms.

Here’s are two acronyms you can easily use to remember the difference between oxidation and reduction:
1) OIL RIG
OIL = Oxidation Is Loss (of electrons)
RIG = Reduction Is Gain (of electrons)
2) LEO says GER
LEO (zodiac sign for the lion) = Lose Electrons — Oxidation
GER (like a lion growl - “grrr*) = Gain Electrons — Reduction

In this reaction, then, sodium is oxzdized and chlorine undergoes reduction. Viewed from a more

active perspective, sodium functions as a reducing agent (reductant), since it provides electrons to (or
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reduces) chlorine. Likewise, chlorine functions as an oxidizing agent (oxidant), as it effectively removes
electrons from (oxidizes) sodium.

Reducing agent = species that is oxidized

Oxidizing agent = species that is reduced

Hence, given that the electrons are transferred from one reactant to another, it’s important to
remember that if something has been oxidized (it lost electrons), then something else has been reduced (gained
those electrons).
Some redox processes, however, do not involve the transfer of electrons. Consider, for example, a reaction
similar to the one yielding HCI:
Hj (¢g)+ Cly(g) — 2HCl(g)

The product of this reaction is a covalent compound, so the transfer of electrons in the explicit sense is not
involved. To clarify the similarity of this reaction to the previous one and permit an unambiguous definition of
redox reactions, a property called oxzdation number has been defined. The oxidation number (or oxidation
state) of an element in a compound is the charge its atoms would possess if the compound was ionic. The
following guidelines are used to assign oxidation numbers to each element in a molecule or ion:

The oxidation number of an atom in its elemental form is zero (e.g. O, Clp, Na).

The oxidation number of a monatomic ion is equal to the ion’s charge (e.g. +1 for Na', -2 for 02').

The sum of oxidation numbers for all atoms in a molecule or polyatomic ion equals the charge on the
molecule or ion.

Oxidation numbers for common nonmetals are usually assigned as follows:

Hydrogen: +1 when combined with nonmetals (e.g. H2O), —1 when combined with metals and boron

Oxygen: —2 in most compounds (e.g. H,0), sometimes —1 (so-called peroxides, 022_), very rarely —1/2 (so-
called superoxides, Oy ), might be +2 or -1 when coupled to a more electronegative centre (such as F) or a
group 1 or group 2 metal

Halogens: -1 for F always (e.g. HF), —1 for other halogens when combined with metals, nonmetals (except
0), and other halogens lower in the group

Note: The proper convention for reporting charge is to write the number first, followed by the sign (e.g.,
2+), while oxidation number is written with the reversed sequence, sign followed by number (e.g., +2). This
convention aims to emphasize the distinction between these two related properties.

A few tips to keep in mind as you solve problems involving determining oxidation numbers in compounds:
1) if two rules appear to contradict each other, follow the rule that appears higher on the list; 2) for a multi-

atom species, figure out the easy oxidation states first, then solve for the other unknown atoms.

Example 1.5.1 — Assigning Oxidation Numbers
Follow the guidelines in this section of the text to assign oxidation numbers to all the elements

in the following species:
(a) HoS
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(b) SO5™
(c) NapSO4
Solution
(a) According to guideline 1, the oxidation number for H is +1.
Using this oxidation number and the compound’s formula, guideline 4 may then be used to
calculate the oxidation number for sulfur:
Chargeon HyS=0=(2+1) + (1 x x)
x=0-(2x(+1)=-2
(b) Guideline 3 suggests the oxidation number for oxygen is —2.
Using this oxidation number and the ion’s formula, guideline 4 may then be used to calculate
the oxidation number for sulfur:
Charge on SO3” =-2 = (3 x (-2)) + (1 x x)
x=-2-(3x(2)=+4
(c) For ionic compounds, it’s convenient to assign oxidation numbers for the cation and
anion separately.
According to guideline 2, the oxidation number for sodium is +1.
Assuming the usual oxidation number for oxygen (-2 per guideline 3), the oxidation number
for sulfur is calculated as directed by guideline 4:
charge on SO4” = -2 = (4 x (-2)) + (1 x x)
x=-2-(4x%(2))=+6
Check Your Learning 1.5.1 — Assigning Oxidation Numbers
Assign oxidation states to the elements whose atoms are underlined in each of the following
compounds or ions:
(a) KNO3
(b) AlH3
(c) NH4"
(d) Ho2PO4
Answer
(a) N, +5; (b) AL, +3; (c) N, =3; (d) P, +5
Using the oxidation number concept, an all-inclusive definition of redox reaction has been established.
Oxidation-reduction (redox) reactions are those in which one or more elements involved undergo a change
in oxidation number. (While the vast majority of redox reactions involve changes in oxidation number for two
or more elements, a few interesting exceptions to this rule do exist — see Example 1.5.2 “Describing Redox
Reactions”.) Definitions for the complementary processes of this reaction class are correspondingly revised as
shown here:
Oxidation = increase in oxidation number

Reduction = decrease in oxidation number
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Returning to the reactions used to introduce this topic, they may now both be identified as redox processes.
In the reaction between sodium and chlorine to yield sodium chloride, sodium is oxidized (its oxidation
number increases from 0 in Na to +1 in NaCl) and chlorine is reduced (its oxidation number decreases from
0 in Cl to =1 in NaCl). In the reaction between molecular hydrogen and chlorine, hydrogen is oxidized
(its oxidation number increases from 0 in Hj to +1 in HCI) and chlorine is reduced (its oxidation number
decreases from 0 in Clj to —1 in HCI).

Types of Redox Reactions — Combustion

Several subclasses of redox reactions are recognized, including combustion reactions in which the
reductant (also called a fuel) and oxidant (often, but not necessarily, molecular oxygen) react vigorously and
produce significant amounts of heat, and often light, in the form of a flame. Solid rocket-fuel reactions
(Figure 1.5.1) are combustion processes. A typical propellant reaction in which solid aluminum is oxidized by
ammonium perchlorate is represented by this equation:

10 Al (5) + 6 NH4ClO4 (s) — 4 AlbO3 (5)+ 2 AICI3 (5) + 12H0 (g) + 3 N2 (g)

Figure 1.5.1. Many modern rocket fuels are solid mixtures of substances combined in carefully measured

amounts and ignited to yield a thrust-generating chemical reaction. (credit: modification of work by NASA)

Check out this brief video showing the test-firing of a small-scale, prototype, hybrid rocket engine planned for
use in the new Space Launch System being developed by NASA. The first engines firing at 3 s (green flame)
use a liquid fuel/oxidant mixture, and the second, more powerful engines firing at 4 s (yellow flame) use a solid
mixture.

Types of Redox Reactions — Single-displacement (Replacement)

Single-displacement (replacement) reactions are redox reactions in which an ion in solution is displaced
(or replaced) via the oxidation of a metallic element. One common example of this type of reaction is the acid
oxidation of certain metals:

Zn (s)+2HCl (ag) — ZnCl; (ag) + H; (g)

Metallic elements may also be oxidized by solutions of other metal salts; for example:

Cu (s)+2 AgNO3 (ag) — Cu(NO3), (ag) +2 Ag(s)


https://www.youtube.com/watch?v=tqt4hmsi4b0
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This reaction may be observed by placing copper wire in a solution containing a dissolved silver salt. Silver
. . . . . . 2+ .
ions in solution are reduced to elemental silver at the surface of the copper wire, and the resulting Cu™" ions

dissolve in the solution to yield a characteristic blue colour (Figure 1.5.2).

Figure 1.5.2. (a) A copper wire is shown next to a solution containing silver(I) ions. (b) Displacement of
dissolved silver ions by copper ions results in (c) accumulation of gray-coloured silver metal on the wire and
development of a blue colour in the solution, due to dissolved copper ions. (credit: modification of work by

Mark Ott)
Example 1.5.2 — Describing Redox Reactions
Identify which equations represent redox reactions, providing a name for the reaction if
appropriate. For those reactions identified as redox, name the oxidant and reductant.
(a) ZnCO3 (s) — ZnO (5)+ CO2 (g)
(b)2Ga(l)+3Bry(l) — 2GaBr3(s)
(c)2H207 (ag) — 2HxO (1) + O2(g)
(d) BaCly (ag) + K2SO4 (ag) — BaSOy4 (5) + 2KCl (ag)
(e) CoH4 (g) +3 02 (g) — 2CO2(g)+2H0(1)
Solution

Redox reactions are identified per definition if one or more elements undergo a change in
oxidation number.

(a) This is not a redox reaction, since oxidation numbers remain unchanged for all elements.

(b) This is a redox reaction. Gallium is oxidized, its oxidation number increasing from 0 in Ga
(/) to +3 in GaBr3 (s). The reducing agent is Ga (/). Bromine is reduced, its oxidation number
decreasing from 0 in Bry (/) to —1 in GaBr3 (s). The oxidizing agent is Bry (/).

(c) This is a redox reaction. It is a particularly interesting process, as it involves the same
element, oxygen, undergoing both oxidation and reduction (a so-called disproportionation
reaction). Oxygen is oxidized, its oxidation number increasing from —1 in H>O; (a24) to 0 in
O3 (g). Oxygen is also reduced, its oxidation number decreasing from —1 in HyO3 (4g) to =2
in HO (/). For disproportionation reactions, the same substance functions as an oxidant and a
reductant.

(d) This is not a redox reaction since oxidation numbers remain unchanged for all elements.

(e) This is a redox reaction (combustion). Carbon is oxidized, its oxidation number increasing
from =2 in C2H4(g) to +4in CO2 (g). The reducing agent (fuel) is CoH4 (¢). Oxygen is reduced,
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its oxidation number decreasing from 0 in O3 (g) to =2 in HyO (/). The oxidizing agent is O3
()
Check Your Learning 1.5.2 — Describing Redox Reactions
This equation describes the production of tin (II) chloride:
Sn(s)+2HCl(g) — SnCl (s)+ Hz (g)
Is this a redox reaction? If so, provide a more specific name for the reaction if appropriate,
and identify the oxidant and reductant.
Answer
Yes, a single-replacement reaction. Sn (s) is the reductant, HCI (g) is the
oxidant.
Balancing Redox Reactions — The Half-Reaction Method
The redox reactions discussed so far tended to be rather simple, and conservation of mass (atom
counting by type) and deriving a correctly balanced chemical equation was relatively simple. Balancing other
reactions becomes more complicated when they take place in aqueous media that often involves water,
hydronium ions, and hydroxide ions as reactants or products. Although these species are not oxidized or
reduced, they do participate in chemical change in other ways (e.g., by providing the elements required to form
oxyanions). Equations representing these reactions are sometimes very difficult to balance by inspection, so
systematic approaches have been developed to assist in the process. One very useful approach is to use the half-
reaction method, which splits oxidation-reduction reactions into their oxidation “half” and reduction “half”
to make finding the overall equation easier. This method involves the following general steps:
Write out the net ionic form of the reaction (see the preceding section “Solution Stoichiometry” to refresh
your memory on expressing net ionic equations).
Separate this equation into its two half-reactions representing the redox process.
Balance all elements except oxygen and hydrogen.
Balance oxygen atoms by adding H,O molecules.
Balance hydrogen atoms by adding H" ions.
Balance the net charge on each side by adding electrons.
If necessary, multiply each half-reaction’s coeflicients by the smallest possible integers to yield equal
numbers of electrons in each.
Add the balanced half-reactions together and simplify by removing species that appear on both sides of the
equation.
Verify your final reaction (check that the number of atoms and the total charges are balanced).
Redox reactions frequently occur in solutions, which could be acidic, basic, or neutral. When balancing
oxidation-reduction reactions, the nature of the solution may be important:
Acidic solution: follow all steps 1-9 as normal.

Basic solution: follow all steps 1-9 as normal, add two additional “steps” to step 5 :
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* Add OH' ions to both sides of the equation in numbers equal to the number of H" ions. A common
mistake students make is that they add OH to only one side of the equation, but just like in math
equations, if you add one element to one side, you must add it to the other side as well (hence, add the
same number of OH' ions to both sides!).

* On the side of the equation containing both H* and OH™ ions, combine these ions to yield water

molecules.

Example 1.5.3 — Balancing Redox Reactions in Acidic Solution
Write a balanced equation for the reaction between dichromate ion and iron (II) to yield
iron(III) and chromium(III) in an acidic solution.
CrzO72' + R > T EY
Solution
1. Write the two balf-reactions. Each half-reaction will contain one reactant
and one product with one element in common.
2+
Fe©" — Fe
2- 3+
CrnO7" — Cr

2. Balance all elements except oxygen and hydrogen. The iron half-reaction is already balanced,

3+

but the chromium half-reaction shows two Cr atoms on the left and one Cr atom on the right.
Changing the coefficient on the right side of the equation to 2 achieves balance with regard to
Cr atoms.
Fez+ N Fe3+
2— 3+
CrnO7~ — 2Cr
3. Balance oxygen atoms by adding HyO molecules. The iron half-reaction does not contain O
atoms. The chromium half-reaction shows seven O atoms on the left and none on the right, so
seven water molecules are added to the right side.
Fe** — Fe
2- 3+
Cr,O;~ — 2Cr " +7H)0

4. Balance hydrogen atoms by adding H" ions. The iron half-reaction does not contain H

3+

atoms. The chromium half-reaction shows 14 H atoms on the right and none on the left, so 14
hydrogen ions are added to the left side.
2+
Fe©" — Fe
Cr,07” +14H" > 2Cr" + 7H,0

S. Balance charge by adding electrons. The iron half-reaction shows a total charge of 2+ on

3+

the left side (1 Fet ion) and 3+ on the right side (1 Fet ion). Adding one electron to the right
side brings that side’s total charge to (3+) + (1-) = 2+, and charge balance is achieved. The
chromium half-reaction shows a total charge of (1 x 2—) + (14 x 1+) = 12+ on the left side (1
Cr2072_ ion and 14 H ions). The total charge on the right side is (2 x 34) = 6 + (2 cr? ions).



78 | 1.5 - REDOX REACTIONS

Adding six electrons to the left side will bring that side’s total charge to ((12+) + (6—)) = 6+, and
charge balance is achieved.
Fe?" — Fe¥t 4 e
Cr,07” +14H +6¢” — 2Cr" + 7H,0

Note: At this point, make sure you always check that one of your equations has the electron(s)
on the reactants side, while the other equation has the electron(s) on the products side. If this
isn’t the case, it’s a clear sign that you’ve done something wrong — go back and check your work
to find the error(s).

6. Multiply the two half-reactions so the number of electrons in one reaction equals the number
of electrons in the other reaction. To be consistent with mass conservation, and the idea that redox
reactions involve the transfer (not creation or destruction) of electrons, the iron half-reaction’s
coefficient must be multiplied by 6.

6Fe*t > 6Fe +6e”
Cr,07” +14H +6¢” — 2Cr + 7H,0

A good way to qualitatively check your work when balancing both half-reactions is by
recalling your understanding of oxidation and reduction. For the first reaction, 6 Fe’t — 6Fe>"
+ 6 ¢, the oxidation state of iron goes up from +2 and +3, and there are electrons being lost in
the products side, so it’s the oxidation half-reaction. For the second reaction, the oxidation state
of chromium goes down from +6 to +3, and electrons are gained in the reactants side, so it’s the
reduction half-reaction.

7. Add the balanced balf-reactions and cancel species that appear on both sides of the equation.
6Fe™ +Cr0;" +14H + 6¢” — 6Fe> + 6™ +2Cr " +7H,0

Only the six electrons are redundant species. Removing them from each side of the equation
yields the simplified, balanced equation here:

6Fe™ +Cr0;" +14H — 6F>* +2Cr" +7H0

A final check of atom and charge balance confirms the equation is balanced.

Element Reactants Products
Fe 6 6

Cr 2 2

o 7 7

H 14 14
Charge +24 +24

Check Your Learning 1.5.3 — Balancing Redox Reactions in Acidic Solution
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In acidic solution, hydrogen peroxide reacts with Fe*t to produce Fe’t and H>0O. Write a
balanced equation for this reaction.
Answer
H,0, (ag) + 2H" (ag) + 2Fe** — 2H,0 (1) + 2 Fe>"
Example 1.5.4 — Balancing Redox Reactions in Basic Solution
Balance the following reaction equation in basic solution:
MnOj (2g) + Ct(OH)3 (5) — MnO; (5) + CrO4” (ag)
Solution

This is an oxidation-reduction reaction, so start by collecting the species given into an

unbalanced oxidation half-reaction and an unbalanced reduction half-reaction:
Oxidation (unbalanced): Cr(OH)3 (5) — CrO42' (ag)
Reduction (unbalanced): MnOy4 (2g) — MnO; (5)

Starting with the oxidation half-reaction, we can balance the chromium:
Oxidation (unbalanced): Cr(OH)3 (5) — CrO42' (ag)

In acidic solution, we can use or generate hydrogen ions (H"). Adding one water molecule
to the left side provides the necessary oxygen; the “leftover” hydrogen appears as five H* on the
right side:

Oxidation (unbalanced): Cr(OH)3 (5) + H2O (1) — CrO42' (ag)+ 5 H* (ag)

The left side of the equation has a total charge of [0], and the right side a total charge of [-2
+5 x (+1) = +3]. The difference is three, adding three electrons to the right side produces a
mass- and charge-balanced oxidation half-reaction (in acidic solution):

Oxidation (balanced): Cr(OH);3 () + H2O (1) — CrO42' (ag)+ 5 H* (ag)+3e
Checking the half-reaction:
Cr: Does (1 x1)=(1x1)? Yes.
H:Does (1x3+1x2)=(5x1)? Yes.
O:Does (1 x3+1x1)=(4x1)? Yes.
Charge: Does [0] = [1x (-2) +5 x (+1) + 3 x(-1)]? Yes.

Now work on the reduction. It is necessary to convert the four O atoms in the MnOy4
minus the two O atoms in MnO» into two water molecules. To do this, add four H' to convert
the oxygen into two water molecules:

Reduction (unbalanced): MnOy4 (agq) + 4 H* (ag) — MnO2 (s) + 2 H2O (1)
Then add three electrons to the left side to balance the charge:
Reduction (balanced): MnOy4 (agq) + 4 H* (ag)+3e — MnO2(s)+2HO (/)
Make sure to check the half-reaction:
Mn: Does (1 x1)=(1x1)? Yes.
H: Does (4x 1) = (2 x2)? Yes.
O:Does (1 x4)=(1x2+2x1)? Yes.
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Charge: Does [1x (-1) + 4 x (+1) + 3 x (-1)] = [0]? Yes.
Collecting what we have so far:
Oxidation (balanced): Cr(OH)3 () + H2O (1) — CrO42' (ag)+ 5 H* (ag)+3e
Reduction (balanced): MnOy4 ™ (agq) + 4 H* (ag)+3e — MnO2(s)+2HO (/)
In this case, both half-reactions involve the same number of electrons; therefore, simply add
the two half-reactions together.
Cr(OH)3(s) + HoO (1) + MnOy4 (ag) + 4 H' (ag)+3e — MnOy(s)+2HO (1) + CrO42' (ag)
+SH+(aq)+3e_
Cr(OH)3(s) + MnOy4 (ag) — MnO2 (s) + HxO (1) + CrO42' (aq) + H* (ag)
Checking each side of the equation:
Mn: Does (1 x1)=(1x1)? Yes.
Cr: Does (1 x1)=(1x1)? Yes.
H:Does(1x3)=(2x1+1x1)? Yes.
O:Does(1x4+1x3)=(1x4+1x2+1x1)? Yes.
Charge: Does [1x(-1)] = [1x(-2) + 1 x (+1)]? Yes.
This is the balanced equation in acidic solution. For a basic solution, add one hydroxide ion to
each side and simplify:
OH' (ag) + Cr(OH)3 (s) + H2O (1) + MnOy4 (ag) — MnO3 (s) + HO (1) + CrO42' (ag)
+(H"+0OH") (ag)
OH' (ag) + Cr(OH)3(s) + H2O (1) + MnOy4 (ag) — MnO; (5) + 2H,0 (1) + CrO42' (ag)
Checking each side of the equation:
Mn: Does (1 x1)=(1x1)? Yes.
Cr: Does (1 x1)=(1x1)? Yes.
H:Does (1x1+1x3)=(2x2)? Yes.
O:Does(1x1+1x4+1x3)=(1x4+1x2+2x1)? Yes.
Charge: Does [1x(-1) + 1 x(-1)] = [1 x (-2)]? Yes.
This is the balanced equation in basic solution.
Check Your Learning 1.5.4 — Balancing Redox Reactions in Basic Solution
Balance the following in the type of solution indicated.
() Hy+ Cu" ? Cu (acidic solution)
(b) Hy + Cu(OH); ? Cu (basic solution)
(c) Fe+ Ag+ > Fe' + Ag
(d) Identify the oxidizing agents in reactions (a), (b), and (c).
(e) Identify the reducing agents in reactions (a), (b), and (c).
Answer
(2) Hz (¢) + Cu”™ (ag) ? 2H" (ag) + Cu (s);
(b) Hz2 () + Cu(OH)2 (s) ? 2H20 (/) + Cu (s);
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(c) Fe (s) + 2 Ag" (ag) ? Fe*" (ag) +2 Ag (s);
(d) Recall oxidizing agent = species reduced: (a) Cu2+; (b) Cu(OH)y; (c) A
(e) Recall reducing agent = species oxidized: (a) Ho; (b) Hp; (c) Fe

% Questions

1. Determine the oxidation states of the elements in the following compounds:
(a) Nal

) Mg>Si
) RbO, rubidium superoxide
(g) HF

2. Determine the oxidation states of the elements in the compounds listed. None of the oxygen-containing

(
(c
(d) HaSe
(e
(

compounds are peroxides or superoxides.
(a)H3PO4
(b) AI(OH)3
(c) SeO2
(d) KNO,
(e) InaS3

(f.) P4O¢
3. Identify the atoms that are oxidized and reduced, the change in oxidation state for each, and the oxidizing

and reducing agents in each of the following equations:
(a) Mg (s) + NiClp (ag) — MgCly (ag) + Ni(s)

b) PC13 (l) + Cl (g) - PC15 (5)

c) CoH4 () +302(g) — 2CO2(g) +2H0 (g)

d) Zn (5) + HySO4 (ag) — ZnSOy4 (ag)+H) (g)

€) 2K58,03 (5)+ 1o (5) — K2S40¢(s)+2KI (5)

(£) 3Cu (5)+ 8 HNO3 (a9) — 3 Cu(NO3)s (a9) + 2NO (g) + 4 H20 (1)

4. Complete and balance the following oxidation-reduction reactions, which give the highest possible

A~ N N~

oxidation state for the oxidized atoms.
(a) Al(5)+Fa(g) —
(b) Al (s) + CuBr2 (ag) — (single displacement)
(c)P4(5)+O2(g) —
(d) Ca(s)+HyO (1) — (products are a strong base and a diatomic gas)
S. When heated to 700-800 °C, diamonds, which are pure carbon, are oxidized by atmospheric oxygen.

(They burn!) Write the balanced equation for this reaction.
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6. The military has experimented with lasers that produce very intense light when fluorine combines
explosively with hydrogen. What is the balanced equation for this reaction?

% % Questions

7. Complete and balance each of the following half-reactions (steps 2-5 in half-reaction method):

(2) Sn*" (aq) — Sn”* (ag)

(b) [Ag(NH3)o] (aq) — Ag” (s) + NH3 (ag)

() Hg:Cla (5) — Hg (1)+ CI” (ag)

(d)H20 (1) — O3 (g) (in acidic solution)

(/105 (ag) = 12()

(H SO32' (ag) — 8042' (aq) (in acidic solution)

(g) MnOy4 (ag) — Mn? (aq) (in acidic solution)

(h) Cl" (ag) — ClO3" (ag)(in basic solution)

8. Balance each of the following equatlons according to the half-reaction method:

(a) Sn’ (4q) + Cu” (ozq) — Sn* (aq) +Cu’ (ag)

(b) HaS (g) + ng (ﬂq) — Hg (1) +S(s) (in acid)

(c) CN (ag) + ClOz (ag) — CNO' (ag)+ Cl (ag) (in acid)

(d) Fe®" (ag) + Ce* (ag) — Fe** (ag) + Ce** (ag)

(e) HBrO (agq) — Br™ (ag)+ O3 (¢) (in acid)

9. Balance each of the following equations according to the half-reaction method:

(a) MnOy4 (ag) + NO2 (ag) — MnO3 (s) + NO3™ (ag) (in base)

(b) MnO42' (ag) — MnOy4 (ag)+ MnO; (5) (in base)

(c)Bra (1) + SO2 (g) — Br™ (ag) + SO4> (ag) (in acid)

10. Balance the following in acidic solution:

(2) HyO5 + Sn** — H,0 + Sn**

(b) PbO, + Hg — Hgy>" + Pb*"

(c) Al + Cr,0~ — AP+t

11. Balance the following in basic solution:

(2) SO3™ (ag) + Cu(OH), (5) — SO4” (ag) + Cu(OH)

(b) O2(g) + Mn(OH)2 (5) = MnOx ()

(c)NOs (ag)+ Ha (¢) = NO (g

(d) Al (5) + CrO4” (ag) — AI(OH)3 (s) + Cr(OH)4" (ag)

Answers

1.(a) Na+1,1-1;(b) Gd +3, CI-1;(c) Li +1, N +5, O -3; (d) H +1, Se -2; (¢) Mg +2, Si -4; (f) Rb -1, O +0.5;
(gPH+1,F-1

2.(a)H+1,P+5,0 -2; (b) Al +3, H +1, O =2;(c) Se +4, O —=2; (d) K +1, N +3, O =2; (¢) In +3, S —2; (f)
P+3,0-2

3. (a) Mg: oxidized, 0 — +2, reducing agent, Ni: reduced, +2 — 0, oxidizing agent;
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(b) P: oxidized, +3 — S, reducing agent, Cl: reduced, 0 — -1, oxidizing agent;
(c)

(d)
(e) S: oxidized, +2 — +5/2, reducing agent, I: reduced, 0 — -1, oxidizing agent;

C: oxidized, -2 — +4, reducing agent, O: reduced, 0 — -2, oxidizing agent;

Zn: oxidized, 0 — +2, reducing agent, H: reduced, +1 — 0, oxidizing agent;

(f) Cu: oxidized, 0 — +2, reducing agent, N: reduced, +5 — +2, oxidizing agent

4.(a)2Al(5)+3F2(g) — 2AlF3(s5)

(b) Al (s) + CuBr (ag) — 3 Cu (5)+ 2 AlBr3 (ag)

(c) P4 (s)+O2(g) = P4sO10(s)

(d) Ca(s)+H20 (1) — Ca(OH)2 (ag) + Ha2 (g)

5. Cdiamond () + O2 (¢g) — CO2 (g)

6. Hz(g)+F2(g) - COz@

7.(a) Sn*t (ag) +2e — S (ag)

(b) [Ag(NH3)2] (ag) + ¢~ — Ag" (5) + NH3 (ag)

(c)HgoClh (s)+2e¢ — Hg (1) + Cl (agq)

(d)2H20 (1) — Oy (g)+4H" (ag)+4e”

() 6H2O (1) +103 (ag)+10e” — Ip(s)+120H (ag)

(f) HoO () + SO3> (ag) — SO4 (ag) +2H" (ag) + 2

(g) 8 H* (ag) + MnOy4 (ag)+5e — Mn? (dq) +4H>0 (1)

(h) CI” (4q) +60H (aq) — ClO3~ (dq) +3HO(l)+6¢

8.(a) Sn” (aq) +2 Cu? (ﬂq) — Sn* (aq) +2Cu’ (ag)

(b) HaS () + ng " (ag)+2H,0 (1) —> 2Hg (1) +S (s) + 2H30" (ag)

()5 CN (ag) + 2 ClO3 (ag) + 3H20 () > 5 CNO' (ag)+2Cl (ag)+2 H30" (aq)

(d) Fe (aq) +Ce* (ozq) — Fe? (dq) +Ceé’ (aq)

(e) 2HBrO (aq) + 2H2O (1) — 2 H;0" (aq) +2Br (ag)+ O2(g)
(
)

9.

(b)3 MnO4 (ag) +2H0 (I) > 2MnOy4 (ag) + MnOz (s)+4OH (aq)
(c)Bra (/) + SO2(g) + 2H0O (1) — 2Br (ag) + SO4 (ag) + 4 H' (ag)

10.(2) 2H" + Hy05 + Sn** — H,0 +Sn™**

(b) 4H" + PbO, + 2 Hg — Hgy”" +Pb>" + 2 H,0

()2 Al + Cr,07~ + 14HY — 2 AP +2Crt + 7H,0

11. (2) SO3™ (ag) + 2 Cu(OH), (s) — SO4> (ag) + 2 Cu(OH) + H,0

(b) Oz (g) + 2Mn(OH)2 (s) — 2MnO; (5) + 2 H,0

(c)2NO3 (ag)+3Hj(g)+2HO — NO(g)+20H" (ag)

(d) Al (s)+ CrO42' (ag) + 4 HyO — Al(OH)3 (5) + Cr(OH)4 (ag)+ OH  (ag)

)
a)2 MnO4 (ag) +3NO2 (ag)+H20 () — 2MnO;(5)+3NO3 (ag)+20H  (ag)
)
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2.1 - INTERMOLECULAR FORCES

The States of Matter

The differences in the properties of a solid, liquid, or gas reflect the strengths of the attractive forces
between the atoms, molecules, or ions that make up each phase. The phase in which a substance exists depends
on the relative extents of its intermolecular forces (IMFs) and the kinetic energies (£) of its molecules. IMFs
are the various forces of attraction that may exist between the atoms and molecules of a substance due to
electrostatic phenomena, as will be detailed in this module. These forces serve to hold particles close together,
whereas the particles’ £ provides the energy required to overcome the attractive forces and thus increase the
distance between particles. Figure 2.1.1 illustrates how changes in physical state may be induced by changing
the temperature, hence, the average E}, of a given substance.

Increasing E, (temperature)

Crystalline solid

Increasing IMF

Figure 2.1.1. Transitions between solid, liquid, and gaseous states of a substance occur when conditions of
temperature or pressure favor the associated changes in intermolecular forces. (Note: The space between
particles in the gas phase is much greater than shown.)

As an example of the processes depicted in Figure 2.1.1, consider a sample of water. When gaseous
water is cooled sufficiently, the attractions between H»O molecules will be capable of holding them together
when they come into contact with each other; the gas condenses, forming liquid HO. For example, liquid
water forms on the outside of a cold glass as the water vapour in the air is cooled by the cold glass, as seen in
Figure 2.1.2.
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Figure 2.1.2. Condensation forms when water vapour in the air is cooled enough to form liquid water,
such as (a) on the outside of a cold beverage glass or (b) in the form of fog. (credit a: modification of work by
Jenny Downing; credit b: modification of work by Cory Zanker)

We can also liquefy many gases by compressing them, if the temperature is not too high. The increased
pressure brings the molecules of a gas closer together, such that the attractions between the molecules become
strong relative to their £;. Consequently, they form liquids. Butane, C4H1y, is the fuel used in disposable
lighters and is a gas at standard temperature and pressure.

We define Standard Temperature and Pressure (STP) for gases as 0 °C and 1.00 bar (1 bar = 100
000 Pa = 0.987 atm) to establish convenient conditions for comparing the molar volumes of gases. Inside the
lighter’s fuel compartment, the butane is compressed to a pressure that results in its condensation to the liquid

state, as shown in Figure 2.1.3.

HHHH

Figure 2.1.3. Gaseous butane is compressed within the storage compartment of a disposable lighter,
resulting in its condensation to the liquid state. (credit: modification of work by “Sam-Cat”/Flickr)
Finally, if the temperature of a liquid becomes sufficiently low, or the pressure on the liquid becomes
sufficiently high, the molecules of the liquid no longer have enough £}, to overcome the attractive IMF between
them, and a solid forms. A more thorough discussion of these and other changes of state, or phase transitions,
is provided in a later section of this chapter.
Forces Between Molecules
Under appropriate conditions, the attractions between all gas molecules will cause them to form
liquids or solids. This is due to intermolecular forces, not zntramolecular forces. Intramolecular forces are
those within the molecule that keep the molecule together, for example, the bonds between the atoms.
Intermolecular forces are the attractions berween molecules, which determine many of the physical properties
of a substance. Figure 2.1.4 illustrates these different molecular forces. The strengths of these attractive forces
vary widely, though usually the IMFs between small molecules are weak compared to the intramolecular forces
that bond atoms together within a molecule. For example, to overcome the IMFs in one mole of liquid HCI
and convert it into gaseous HCI requires only about 17 kilojoules of energy. However, to break the covalent
bonds between the hydrogen and chlorine atoms in one mole of HCI requires about 25 times more energy:
430 kilojoules.
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Intramolecular force Intermolecular force
(strong) (weak)

H

Figure 2.1.4. Intramolecular forces keep a molecule intact. /ntermolecular forces hold multiple molecules
together and determine many of a substance’s properties.

All of the attractive forces between neutral atoms and molecules are known as van der Waals forces,
although they are usually referred to more informally as intermolecular attraction. We will consider the various
types of IMFs in the next three sections of this module.

Dispersion Forces

One of the three van der Waals forces is present in all condensed phases, regardless of the nature of
the atoms or molecules composing the substance. This attractive force is called the London dispersion force
in honour of German-born American physicist Fritz London who, in 1928, first explained it. This force is
often referred to as simply the dispersion force. Because the electrons of an atom or molecule are in constant
motion (or, alternatively, the electron’s location is subject to quantum-mechanical variability), at any moment
in time, an atom or molecule can develop a temporary, instantaneous dipole if its electrons are distributed
asymmetrically. Dipoles are present in molecules where there is an unequal dispersion of charge. If there is
increased electron density on one end of the molecule, we would label this area with a delta minus (3"). This
then means that the other end of the molecule has a decreased electron density therefore, it is labelled with
a delta plus (8™). These labels are shown in Figure 2.1.5. The presence of this dipole can, in turn, distort the
electrons of a neighboring atom or molecule, producing an induced dipole. These two rapidly fluctuating,
temporary dipoles thus result in a relatively weak electrostatic attraction between the species—a so-called

dispersion force like that illustrated in Figure 2.1.5.

Unequal distribution
of electrons Attractive force

\ J - J
Y Y

\— Temporary dipoles —/
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Figure 2.1.5. Dispersion forces result from the formation of temporary dipoles, as illustrated here for two
nonpolar diatomic molecules.

Dispersion forces that develop between atoms in different molecules can attract the two molecules to
each other. The forces are relatively weak, however, and become significant only when the molecules are very
close. Larger and heavier atoms and molecules exhibit stronger dispersion forces than do smaller and lighter
atoms and molecules. F and Cl, are gases at room temperature (reflecting weaker attractive forces); Bry is a
liquid, and I is a solid (reflecting stronger attractive forces). Trends in observed melting and boiling points for
the halogens clearly demonstrate this effect, as seen in the following table.

Table 2.1.1. Melting and Boiling Points of the Halogens

Halogen Molar Mass Atomic Radius Melting Point Boiling Point
fluorine, Fy 38 g/mol 72 pm 53K 85K
chlorine, Cl, 71 g/mol 99 pm 172K 238K
bromine, Bry 160 g/mol 114 pm 266K 332K
iodine, I 254 g/mol 133 pm 387K 457K
astatine, Aty 420 g/mol 150 pm 575 K 610K

The increase in melting and boiling points with increasing atomic/molecular size may be rationalized
by considering how the strength of dispersion forces is affected by the electronic structure of the atoms or
molecules in the substance. In a larger atom, the valence electrons are, on average, farther from the nuclei
than in a smaller atom. Thus, they are less tightly held and can more easily form the temporary dipoles that
produce the attraction. The measure of how easy or difficult it is for another electrostatic charge (for example,
a nearby ion or polar molecule) to distort a molecule’s charge distribution (its electron cloud) is known as
polarizability. A molecule that has a charge cloud that is easily distorted is said to be very polarizable and will
have large dispersion forces; one with a charge cloud that is difficult to distort is not very polarizable and will
have small dispersion forces.

Example 2.1.1 — London Forces and Their Effects
Order the following compounds of a group 14 element and hydrogen from lowest to highest boiling
point: CHy, SiHy4, GeHy, and SnH4. Explain your reasoning.
Solution
You may recall chemical bonding and molecular geometry from high school chemistry. All of
these compounds are predicted to be nonpolar, so they may experience only dispersion forces:

the smaller the molecule, the less polarizable and the weaker the dispersion forces; the larger the
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molecule, the larger the dispersion forces. The molar masses of CHy, SiH4, GeHy, and SnHjy
are approximately 16 g/mol, 32 g/mol, 77 g/mol, and 123 g/mol, respectively. Therefore, CHy
is expected to have the lowest boiling point and SnHjy the highest boiling point. The ordering
from lowest to highest boiling point is expected to be CH4 < SiH4 < GeHy < SnHa.
A graph of the actual boiling points of these compounds versus the period of the group 14
element shows this prediction to be correct:
Carbon Family

—40 |
60 SnH,

—80 -

C)

GeH
~100 4

-120 4 SiH,
140

Temperature (°

—160 — CH,

-180 —

-200 T T T T
0 1 2 3 4 5
Period

Check Your Learning 2.1.1 — London Forces and Their Effects
Order the following hydrocarbons from lowest to highest boiling point:
CyHg, C3Hg, and C4Hy.
Answer
CoHg < C3Hg < C4Hjo. All of these compounds are nonpolar and only have London
dispersion forces: the larger the molecule, the larger the dispersion forces and the higher the

boiling point. The ordering from lowest to highest boiling point is therefore CoHg < C3Hg <
C4Hjo.

The shapes of molecules also affect the magnitudes of the dispersion forces between them. For example,
boiling points for the isomers #-pentane, isopentane, and neopentane (shown in Figure 2.1.6) are 36 °C, 27
°C, and 9.5 °C, respectively. Even though these compounds are composed of molecules with the same chemical
formula, CsH 12, the difference in boiling points suggests that dispersion forces in the liquid phase are different,
being greatest for z-pentane and least for neopentane. The elongated shape of z-pentane provides a greater
surface area available for contact between molecules, resulting in correspondingly stronger dispersion forces.
The more compact shape of isopentane offers a smaller surface area available for intermolecular contact and,
therefore, weaker dispersion forces. Neopentane molecules are the most compact of the three, offering the least
available surface area for intermolecular contact and, hence, the weakest dispersion forces. This behavior is
analogous to the connections that may be formed between strips of VELCRO brand fasteners: the greater the

area of the strip’s contact, the stronger the connection.
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Small contact area, Less surface area, Large contact area,
weakest attraction less attraction strong attraction

4D oon
L%

0

neopentane isopentane n-pentane
boiling point: 9.5 °C boiling point: 27 °C boiling point: 36 °C

Figure 2.1.6. The strength of the dispersion forces increases with the contact area between
molecules, as demonstrated by the boiling points of these pentane isomers.
Geckos and Intermolecular Forces

Geckos have an amazing ability to adhere to most surfaces. They can quickly run up smooth walls and
across ceilings that have no toe-holds, and they do this without having suction cups or a sticky substance on
their toes. And while a gecko can lift its feet easily as it walks along a surface, if you attempt to pick it up, it
sticks to the surface. How are geckos (as well as spiders and some other insects) able to do this? Although this
phenomenon has been investigated for hundreds of years, scientists only recently uncovered the details of the
process that allows geckos’ feet to behave this way.

Geckos’ toes are covered with hundreds of thousands of tiny hairs known as setae, with each seta, in
turn, branching into hundreds of tiny, flat, triangular tips called spatulae. The huge numbers of spatulae on its
setae provide a gecko (shown in Figure 2.1.7) with a large total surface area for sticking to a surface. In 2000,
Kellar Autumn, who leads a multi-institutional gecko research team, found that geckos adhered equally well to
both polar silicon dioxide and nonpolar gallium arsenide. This proved that geckos stick to surfaces because of
dispersion forces—weak intermolecular attractions arising from temporary, synchronized charge distributions
between adjacent molecules. Although dispersion forces are very weak, the total attraction over millions of
spatulae is large enough to support many times the gecko’s weight.

In 2014, two scientists developed a model to explain how geckos can rapidly transition from “sticky”
to “non-sticky.” Alex Greaney and Congcong Hu at Oregon State University described how geckos can achieve
this by changing the angle between their spatulae and the surface. Geckos’ feet, which are normally non sticky,
become sticky when a small shear force is applied. By curling and uncurling their toes, geckos can alternate
between sticking and unsticking from a surface, and thus easily move across it. Further investigations may

eventually lead to the development of better adhesives and other applications.
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Setae Spatulae

Figure 2.1.7. Geckos’ toes contain large numbers of tiny hairs (setae), which branch into many triangular
tips (spatulae). Geckos adhere to surfaces because of van der Waals attractions between the surface and a
gecko’s millions of spatulae. By changing how the spatulae contact the surface, geckos can turn their stickiness
“on” and “oft.” (credit photo: modification of work by “JC*+A!”/Flickr)

Dipole-Dipole Attractions

You may recall from your high school chemistry class on chemical bonding and molecular geometry
that polar molecules have a partial positive charge on one side and a partial negative charge on the other side
of the molecule — a separation of charge called a dipole. Consider a polar molecule such as hydrogen chloride,
HCI. In the HCI molecule, the more electronegative Cl atom bears the partial negative charge, whereas the
less electronegative H atom bears the partial positive charge. An attractive force between HCl molecules results
from the attraction between the positive end of one HCI molecule and the negative end of another. This
attractive force is called a dipole-dipole attraction—the electrostatic force between the partially positive end

of one polar molecule and the partially negative end of another, as illustrated in Figure 2.1.8.

Figure 2.1.8. This image shows two arrangements of polar molecules, such as HCI, that allow an

attraction between the partial negative end of one molecule and the partial positive end of another.

The eftect of a dipole-dipole attraction is apparent when we compare the properties of HCI molecules
to nonpolar F» molecules. Both HCI and F; consist of the same number of atoms and have approximately the
same molecular mass. At a temperature of 150 K, molecules of both substances would have the same average
Ey.. However, the dipole-dipole attractions between HCI molecules are sufficient to cause them to condense to
form a liquid, whereas the relatively weaker dispersion forces between nonpolar F» molecules are not, and so
this substance is gaseous at this temperature. The higher normal boiling point of HCI (188 K) compared to F»
(85 K) is a reflection of the greater strength of dipole-dipole attractions between HCI molecules, compared to
the attractions between nonpolar F» molecules. We will often use values such as boiling or freezing points, or
enthalpies of vaporization or fusion, as indicators of the relative strengths of IMFs of attraction present within
different substances.

Example 2.1.2 — Dipole-Dipole Forces and Their Effects
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Predict which will have the higher boiling point: N2 or CO. Explain your reasoning.
Solution
CO and N are both diatomic molecules with masses of about 28 amu, so they experience
similar London dispersion forces. Because CO is a polar molecule, it experiences dipole-dipole
attractions. Because Ny is nonpolar, its molecules cannot exhibit dipole-dipole attractions. The
dipole-dipole attractions between CO molecules are comparably stronger than the dispersion
forces between nonpolar N2 molecules, so CO is expected to have the higher boiling point.
Check Your Learning 2.1.2 — Dipole-Dipole Forces and Their Effects
Predict which will have the higher boiling point: ICl or Bry. Explain your
reasoning.
Answer
ICL ICI and Br, have similar masses (~160 amu) and therefore experience similar London
dispersion forces. ICl is polar and thus also exhibits dipole-dipole attractions; Brp is nonpolar
and does not. The relatively stronger dipole-dipole attractions require more energy to overcome,
so ICl will have the higher boiling point.
Hydrogen Bonding
Nitrosyl fluoride (ONF, molecular mass 49 amu) is a gas at room temperature. Water (H,0O, molecular
mass 18 amu) is a liquid, even though it has a lower molecular mass. We clearly cannot attribute this difference
between the two compounds to dispersion forces. Both molecules have about the same shape and ONF is
the heavier and larger molecule. It is, therefore, expected to experience more significant dispersion forces.
Additionally, we cannot attribute this difference in boiling points to differences in the dipole moments of the
molecules. Both molecules are polar and exhibit comparable dipole moments. The large difference between
the boiling points is due to a particularly strong dipole-dipole attraction that may occur when a molecule
contains a hydrogen atom bonded to a fluorine, oxygen, or nitrogen atom. These three elements have very
high values of electronegativity, the ability of an atom to attract electron density in a chemical bond towards
its own nucleus (defined and discussed in Section 9.3). The very large difference in electronegativity between
the H atom (2.1) and the atom to which it is bonded (4.0 for a F atom, 3.5 for an O atom, or 3.0 for a N
atom), combined with the very small size of a H atom and the relatively small sizes of F, O, or N atoms, leads
to highly concentrated partial charges with these atoms. Molecules with F-H, O-H, or N-H moieties are very
strongly attracted to similar moieties in nearby molecules, a particularly strong type of dipole-dipole attraction
called hydrogen bonding. Examples of hydrogen bonds include HF---HF, H,O--HOH, and H3N--HNHD>,
in which the hydrogen bonds are denoted by dots. Figure 2.1.9 illustrates hydrogen bonding between water

molecules.
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Figure 2.1.9. Water molecules participate in multiple hydrogen-bonding interactions with nearby water
molecules.

Despite use of the word “bond,” keep in mind that hydrogen bonds are ntermolecular attractive
forces, not intramolecular attractive forces (covalent bonds). Hydrogen bonds are much weaker than covalent
bonds, only about 5 to 10% as strong, but are generally much stronger than other dipole-dipole attractions and
dispersion forces.

Hydrogen bonds have a pronounced effect on the properties of condensed phases (liquids and solids).
For example, consider the trends in boiling points for the binary hydrides of group 15 (NH3, PH3, AsH3, and
SbH3), group 16 hydrides (H20, H,S, HoSe, and Ho Te), and group 17 hydrides (HF, HCI, HBr, and HI). The
boiling points of the heaviest three hydrides for each group are plotted in Figure 2.1.10. As we progress down
any of these groups, the polarities of the molecules decrease slightly, whereas the sizes of the molecules increase
substantially. The effect of increasingly stronger dispersion forces dominates that of increasingly weaker dipole-

dipole attractions, and the boiling points are observed to increase steadily.
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Figure 2.1.10. For the group 15, 16, and 17 hydrides, the boiling points for each class of compounds
increase with increasing molecular mass for elements in periods 3, 4, and S.

If we use this trend to predict the boiling points for the lightest hydride for each group, we would
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expect NH3 to boil at about —120 °C, HO to boil at about —80 °C, and HF to boil at about —110 °C.
However, when we measure the boiling points for these compounds, we find that they are dramatically higher
than the trends would predict, as shown in Figure 2.1.11. The stark contrast between our naive predictions and

reality provides compelling evidence for the strength of hydrogen bonding.
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Figure 2.1.11. In comparison to periods 3—5, the binary hydrides of period 2 elements in groups 17, 16
and 15 (F, O and N, respectively) exhibit anomalously high boiling points due to hydrogen bonding.
Example 2.1.3 — Effect of Hydrogen Bonding on Boiling Points
Consider the compounds dimethylether (CH30CH3), ethanol (CH3CH2OH), and propane
(CH3CH,CH3). Their boiling points, not necessarily in order, are —42.1 °C, —=24.8 °C, and 78.4 °C.
Match each compound with its boiling point. Explain your reasoning.
Solution
The VSEPR-predicted shapes of CH30CH3, CH3CH,OH, and CH3CH,CH3 are similar,
as are their molar masses (46 g/mol, 46 g/mol, and 44 g/mol, respectively), so they will exhibit
similar dispersion forces. Since CH3CH2CH3 is nonpolar, it may exhibit on/y dispersion forces.
Because CH30CH3 is polar, it will also experience dipole-dipole attractions. Finally,
CH3CH,0H has an —~OH group, and so it will experience the uniquely strong dipole-dipole
attraction known as hydrogen bonding. So the ordering in terms of strength of IMFs, and thus
boiling points, is CH3CH,CH3 < CH30CH3 < CH3CH2OH. The boiling point of propane
is =42.1 °C, the boiling point of dimethylether is —24.8 °C, and the boiling point of ethanol is
78.5 °C.
Check Your Learning 2.1.3 — Effect of Hydrogen Bonding on Boiling Points

Ethane (CH3CH3) has a melting point of —183 °C and a boiling point of =89 °C.
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Predict the relative melting and boiling points for methylamine (CH3NH)). Explain your reasoning.
H H
| | ITI ;H
H-C-C-H H—C—N

I I I N

H H H

Answer
CH3CHj3 and CH3NH, are similar in size and mass, but methylamine possesses two N-H
bonds and therefore will exhibit hydrogen bonding. This greatly increases its IMFs, and
therefore its melting and boiling points. Therefore, the melting point and boiling point for
methylamine are predicted to be significantly greater than those of ethane. Our prediction is
confirmed by literature values: CH3NH> has a melting point of =93 °C and a boiling point of

-6°C.
Hydrogen Bonding and DNA

Deoxyribonucleic acid (DNA) is found in every living organism and contains the genetic information
that determines the organism’s characteristics, provides the blueprint for making the proteins necessary for life,
and serves as a template to pass this information on to the organism’s oftspring. A DNA molecule consists
of two (anti-) parallel chains of repeating nucleotides, which form its well-known double-helical structure, as

shown in Figure 2.1.12.
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Figure 2.1.12. Two separate DNA molecules form a double-stranded helix in which the molecules are
held together via hydrogen bonding. (credit: modification of work by Jerome Walker, Dennis Myts)
Each nucleotide contains a (deoxyribose) sugar bound to a phosphate group on one side, and one

of four nitrogenous bases on the other. Two of the bases, cytosine (C) and thymine (T), are single-ringed
structures known as pyrimidines. The other two, adenine (A) and guanine (G), are double-ringed structures
called purines. These bases form complementary base pairs consisting of one purine and one pyrimidine, with
adenine pairing with thymine, and cytosine with guanine. Each base pair is held together by hydrogen bonding.
A and T share two hydrogen bonds, C and G share three, and both pairings have a similar shape and structure
Figure 2.1.13.
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Figure 2.1.13. The geometries of the base molecules result in maximum hydrogen bonding between
adenine and thymine (AT) and between guanine and cytosine (GC), so-called “complementary base pairs.”

The cumulative effect of millions of hydrogen bonds effectively holds the two strands of DNA
together. Importantly, the two strands of DNA can relatively easily “unzip” down the middle since hydrogen
bonds are relatively weak compared to the covalent bonds that hold the atoms of the individual DNA
molecules together. This allows both strands to function as a template for replication.

Summary

Transitions between the solid and liquid or the liquid and gas phases are due to changes in
intermolecular interactions but do not affect intramolecular interactions. The three major types of
intermolecular interactions are dipole—dipole interactions, London dispersion forces (these two are often
referred to collectively as van der Waals forces), and hydrogen bonds. Dipole-dipole interactions arise from
the electrostatic interactions of the positive and negative ends of molecules with permanent dipole moments;
their strength is proportional to the magnitude of the dipole moment and to 1/ 76, where 7 is the distance
between dipoles. London dispersion forces are due to the formation of instantaneous dipole moments in polar
or nonpolar molecules as a result of short-lived fluctuations of electron charge distribution, which in turn
cause the temporary formation of an induced dipole in adjacent molecules. Like dipole—dipole interactions,
their energy falls off as 1/ . Larger atoms tend to be more polarizable than smaller ones because their outer
electrons are less tightly bound and are therefore more easily perturbed. Hydrogen bonds are especially strong
dipole-dipole interactions between molecules that have hydrogen bonded to a highly electronegative atom,
such as O, N, or F. The resulting partially positively charged H atom on one molecule (the hydrogen bond
donor) can interact strongly with a lone pair of electrons of a partially negatively charged O, N, or F atom
on adjacent molecules (the hydrogen bond acceptor). Because of strong hydrogen bonding between water
molecules, water has an unusually high boiling point, and ice has an open, cage-like structure that is less dense
than liquid water. Table 2.1.2 summarizes relative bond energies of intermolecular forces.

Table 2.1.2 Relative Bond Energies of Intermolecular Forces
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TEge, Seyhan (2003) Organic Chemistry: Structure and Reactivity. Houghton Mifflin College. ISBN 0618318097. pp.
30-33, 67.

Questions
% Questions
1. Open the PhET States of Matter Simulation to answer the following questions:

(a) Select the Solid, Liquid, Gas tab. Explore by selecting different substances, heating and cooling the
systems, and changing the state. What similarities do you notice between the four substances for each
phase (solid, liquid, gas)? What differences do you notice?

(b) For each substance, select each of the states and record the given temperatures. How do the given
temperatures for each state correlate with the strengths of their intermolecular attractions? Explain.

(c) Select the Interaction Potential tab, and use the default neon atoms. Move the Ne atom on the
right and observe how the potential energy changes. Select the Total Force button, and move the Ne
atom as before. When is the total force on each atom attractive and large enough to matter? Then
select the Component Forces button, and move the Ne atom. When do the attractive (van der Waals)
and repulsive (electron overlap) forces balance? How does this relate to the potential energy versus the
distance between atoms graph? Explain.

2. Define the following and give an example of each:

(a) Dispersion force

(b) Dipole-dipole attraction

(c) Hydrogen bond


http://openstax.org/l/16phetvisual
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3. On the basis of intermolecular attractions, explain the differences in the boiling points of z—butane (-1

°C) and chloroethane (12 °C), which have similar molar masses.

h b A
H-C-C-C-C-H n-butane
W
H H
H-C—C-cl  chloroethane
o

4. The melting point of H>O (5)is 0 °C. Would you expect the melting point of H5S (5) to be =85 °C, 0 °C,
or 185 °C? Explain your answer.

5. Silane (SiHy), phosphine (PH3), and hydrogen sulfide (H5S) melt at —185 °C, —133 °C, and -85 °C,
respectively. What does this suggest about the polar character and intermolecular attractions of the three
compounds?

6. Proteins are chains of amino acids that can form in a variety of arrangements, one of which is a helix.
What kind of IMF is responsible for holding the protein strand in this shape? On the protein image, show the

locations of the IMFs that hold the protein together:

C:O-ct
C=0-+-H-N
=0+*+H-N

7. Identify the intermolecular forces present in the following solids:
(a) CH3CH,OH
(b) CH3CH,CHj3
(c) CH3CH,CI
Answers
1. (a) Similarities: Solid and liquid are more dense compared to gas. The higher temperature the system has,
the faster the molecular move. Differences: For water, the liquid state is denser than solid state; while other

solids are denser than their liquid state. Different substances have different temperatures.
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Temperature Neon Argon Oxygen Water
Solid -260°C -230°C -242°C -116°C
Liquid -247°C -187°C -204°C 55°C
Gas -218°C -84°C -79°C 536°C

The higher temperature they have, the stronger IMF the substances bave.

(b) The potential energy first decreases in the negative region, and then keeps increasing. When the distance
between two atoms is greater than ¢, the total force on each atom is attractive and large enough to matter.
When the distance between two atoms is ¢, the attractive (van der Waals) and repulsive (electron overlap)
forces balance. At this point, the whole system has the lowest potential energy.

2. (a) Dispersion forces occur as an atom develops a temporary dipole moment when its electrons are
distributed asymmetrically about the nucleus. This structure is more prevalent in large atoms such as argon or
radon. A second atom can then be distorted by the appearance of the dipole in the first atom. The electrons of
the second atom are attracted toward the positive end of the first atom, which sets up a dipole in the second
atom. The net result is rapidly fluctuating, temporary dipoles that attract one another (example: Ar).

(b) A dipole-dipole attraction is a force that results from an electrostatic attraction of the positive end of one
polar molecule for the negative end of another polar molecule (example: ICI molecules attract one another by
dipole-dipole interaction).

(c) Hydrogen bonds form whenever a hydrogen atom is bonded to one of the more electronegative atoms,
such as a fluorine, oxygen, or nitrogen atom. The electrostatic attraction between the partially positive
hydrogen atom in one molecule and the partially negative atom in another molecule gives rise to a strong
dipole-dipole interaction called a hydrogen bond (example: HF---HF).

3. Only rather small dipole-dipole interactions from C-H bonds are available to hold z-butane in the liquid
state. Chloroethane, however, has rather large dipole interactions because of the CI-C bond; the interaction is
therefore stronger, leading to a higher boiling point.

4. =85 °C. Water has stronger hydrogen bonds so it melts at a higher temperature.

5. The higher the melting point reflects stronger intermolecular forces. In this case, silane has the strongest
intermolecular forces whereas sulfide has the weakest. Although, the polarity cannot be directly determined
based on the melting points.

6. H-bonding is the principle IMF holding the DNA strands together. The H-bonding is between the N-H
and C=0.

7.

(a) Hydrogen bonding and dispersion forces
(b) Dispersion forces

(c) Dipole-dipole attraction and dispersion forces
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The geometric structure and the physical and chemical properties of atoms, ions, and molecules
usually do zot depend on their physical state; the individual water molecules in ice, liquid water, and steam, for
example, are all identical. In contrast, the macroscopic properties of a substance depend strongly on its physical
state, which is determined by intermolecular forces and conditions such as temperature and pressure.

Figure 2.2.1 shows the locations in the periodic table of those elements that are commonly found in
the gaseous, liquid, and solid states. Except for hydrogen, the elements that occur naturally as gases are on
the right side of the periodic table. Of these, all the noble gases (group 18) are monatomic gases, whereas the
other gaseous elements are diatomic molecules (Ha, N, O, F2, and Clp). Oxygen can also form a second
allotrope, the highly reactive triatomic molecule ozone (O3), which is also a gas. In contrast, bromine (as Br»)
and mercury (Hg) are liquids under normal conditions (25 °C and 1.0 atm, commonly referred to as “room
temperature and pressure”). Gallium (Ga), which melts at only 29.76 °C, can be converted to a liquid simply
by holding a container of it in your hand or keeping it in a non-air-conditioned room on a hot summer day.
The rest of the elements are all solids under normal conditions.

M Gaseous element

Liquid element
Solid element

Figure 2.2.1. Elements that occur naturally as gases, liquids, and solids at 25 °C and 1 atm. The noble
gases and mercury occur as monatomic species, whereas all other gases and bromine are diatomic molecules.

All of the gaseous elements (other than the monatomic noble gases) are molecules. Within the same
group (1, 15, 16 and 17), the lightest elements are gases. All gaseous substances are characterized by weak
interactions between the constituent molecules or atoms. When referring to nongaseous elements, we use the
term vapour. The term vapour refers to the gaseous form of a substance that is a liquid or a solid under normal
conditions so nitrogen (N2) and oxygen (O2) are referred to as gases, but gaseous water in the atmosphere is
called water vapour.

Questions

% Questions
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1. Neon, a gas at room temperature, condenses into a liquid at 25 K. Which chemical properties of neon are
affected by this phase change?

2. Like oxygen, carbon also exists in multiple naturally-occurring allotropes. Are any of them in the gaseous
state under normal conditions?

Answers

1. None, the inherent chemical properties of an element remain unchanged when there is a change in phase.

2. No. The three major allotropes of carbon — graphite, diamond, and fullerenes — are all solids under

normal conditions.
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Pressure

Any object, whether it is your computer, a person, or a sample of gas, exerts a force on any surface with
which it comes in contact. The air in a balloon, for example, exerts a force against the interior surface of the
balloon, and a liquid injected into a mold exerts a force against the interior surface of the mold, just as a chair
exerts a force against the floor because of its mass and the eftects of gravity. If the air in a balloon is heated, the
increased kinetic energy of the gas eventually causes the balloon to burst because of the increased pressure (P)

of the gas, the force (F) per unit area (A) of surface:

Force F

" Area A

Equation 2.3.1. The pressure force area relation.

Pressure is dependent on both the force exerted and the size of the area to which the force is applied.
We know from the equation relating force, area, and pressure that applying the same force to a smaller area
produces a higher pressure. When we use a hose to wash a car, for example, we can increase the pressure of the
water by reducing the size of the opening of the hose with a thumb.

The units of pressure are derived from the units used to measure force and area. The SI unit for
pressure, derived from the SI units for force (newtons) and area (square metres), is the newton per square metre
(N/ mz), which is called the Pascal (Pa), after the French mathematician Blaise Pascal (1623 - 1662):

1Pa=1N/m’
One pascal is a very small pressure; in many cases, it is more convenient to use units of kilopascal (1 kPa =
1000 Pa) or bar (1 bar = 100 000 Pa).
Example 2.3.1 — Pressure Exerted by a Paperback Book
Assuming a paperback book has a mass of 2.00 kg, a length of 27.0 cm, a width of 21.0 cm, and a
thickness of 4.5 cm, what pressure does it exert on a surface if it is:
(a) lying flat?
(b) standing on edge in a bookcase?
Solution
The force exerted by the book does 7oz depend on its orientation. Recall that the force exerted
by an object is F'= ma, where m is its mass and 4 is its acceleration. In Earth’s gravitational field,
the acceleration is due to gravity (9.8067 m/ s> at Earth’s surface). In SI units, the force exerted

by the book is therefore:
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feg - m

-2

m
F=ma=200kgx98067 — =196 =196 N
5

(a) We calculated the force as 19.6 N. When the book is lying flat, the area is:
A=0.270m x 0.210 m = 0.0567 m”
If the book is standing on its end, the force remains the same, but the area decreases:
A=21.0cm x 45 cm=0.210m x 0.045 m = 9.5 x 10° m*
(b) The pressure exerted by the text lying flat is thus:

F 19.6 N

et o= 2
T T = 3.46 X 10 Pa

e

The pressure exerted by the text standing on its end is thus:

196 N

= 5T 105 = 206 X 10° Pa

Check Your Learning 2.3.1 — Pressure Exerted by a Paperback Book

What pressure does a 60.0 kg student exert on the floor:

(a) when standing flat-footed in the laboratory in a pair of tennis shoes (the surface area of the soles is
approximately 180 cmz)?

(b) as she steps heel-first onto a dance floor wearing high-heeled shoes (the area of the heel = 1.0 cmz)?

Answer

(2) 3.27 x 10* Pa

(b) 5.9 x 10° Pa
Atmospheric Pressure

The air surrounding the earth is pulled toward the surface by gravity in the same way as the paperback
book in the example above. Consequently, the air also exerts a pressure on the surface. This is called
atmospheric pressure.

The following video shows the ‘power’ of atmospheric pressure. A metal can full of water is heated
until the water inside boils, creating a high internal pressure. The can is then put upside down into a bowl of
cold ice water, causing the formerly hot water vapour to cool and decrease in volume. This cooling causes a
decrease in the internal pressure of the can. The lower pressure exerts less force on the can and can no longer
counter the atmospheric pressure coming from the outside of the can, which pushes inward, crushing the can.

This can also be seen in Figure 2.3.1 on a much larger scale.


https://www.youtube.com/watch?time_continue=1&v=xg5NiOwf_Zw
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Figure 2.3.1. Thomas the railroad tank car is crushed by the difference in pressure.

Because winds may add more air or take some away from the vertical column above a given area on the
surface, atmospheric pressure will vary. Pressure also decreases as one moves to higher altitudes. The tops of
the Himalayas, the highest mountains in the world at about 8000 m (almost 5 miles), are above more than half
the atmosphere. The lower pressure at such heights makes breathing very difficult—even the slightest exertion
leaves one panting and weak. For this reason, jet aircraft, which routinely fly at altitudes of 8 to 10 km, have
equipment to maintain air pressure in their cabins artificially.

It is often convenient to express pressure using a unit which is about the same as the average
atmospheric pressure at sea level. Atmospheric pressure is about 101 kPa, and the standard atmosphere (atm)
is defined as exactly 101.325 kPa. Since this unit is often used, it is useful to remember that:

1atm = 101.325 kPa = 1.01325 bar
Example 2.3.2 — Atmospheric Pressure
The total mass of air directly above a 30 cm by 140 cm section of the Atlantic Ocean was 4.34 x 10°
kg on July 27, 1977. Calculate the pressure exerted on the surface of the water by the atmosphere.
Solution
First calculate the force of gravitational attraction on the air:
F=ma = (4.34 x 10° kg) x (9.81 m-s_z) =426 % 10% kg-m-s_'2 =426 x 10°N
The area is:

2

1 .
m ) = 0.42 m?

A =30 cm x 140 cm = 4200 em? (—
O o= Cim ome X ‘_|_|:||]|:-m

Thus the pressure is:

_F_4.25x104ﬁ

A T I 1.01 % 107 Pa = 101 kPa
421
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Barometric Pressure
Just as we exert pressure on a surface because of gravity, so does our atmosphere. We live at the bottom
of an ocean of gases that becomes progressively less dense with increasing altitude. Approximately 99% of the
mass of the atmosphere lies within 30 km of Earth’s surface (Figure 2.3.2). Every point on Earth’s surface
experiences a net pressure called barometric pressure. The pressure exerted by the atmosphere is considerable: a
1m? column, measured from sea level to the top of the atmosphere, has a mass of about 10 000 kg, which gives

a pressure of about 101 kPa. However, we typically do not perceive this pressure because we are physiologically

adapted to it!

To top of Earth’s
atmosphere

.. 99% below 30 km

Stratosphere (13-44 km)

Altitude (km)

50% bpelow 5.5 K

Troposphere (0-13 km)

Atmospheric mass (%)

Equivalent mass:

~10,000 kg
1 atm

pressure
at Earth’s
surface

‘Ln#/mﬂ -0

Figure 2.3.2. Barometric pressure. Each square metre of Earth’s surface supports a column of air that

is more than 200 km high and weighs about 10 000 kg at Earth’s surface.
Barometric pressure can be measured using a barometer, a device invented in 1643 by one of Galileo’s
students, Evangelista Torricelli (1608-1647). As shown in Figure 2.3.3, a barometer may be constructed from
along glass tube that is closed at one end. It is filled with mercury and placed upside down in a dish of mercury

without allowing any air to enter the tube. Some of the mercury will run out of the tube, but a relatively tall
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column remains inside. Why doesn’t all the mercury run out? Gravity is certainly exerting a downward force
on the mercury in the tube, but it is opposed by the pressure of the atmosphere pushing down on the surface
of the mercury in the dish, which has the net effect of pushing the mercury up into the tube. Because there
is no air above the mercury inside the tube in a properly filled barometer (it contains a vacuum), there is no
pressure pushing down on the column. Thus, the mercury runs out of the tube until the pressure exerted by
the mercury column itself exactly balances the pressure of the atmosphere. The pressure exerted by the mercury

column can be expressed as:

p-Ah-g
p=—""°%
A

P =pgh

with g is the gravitational acceleration, 7z is the mass, p is the density, Vis the volume, 4 is the bottom area,
and 4 is the height of the mercury column.
Under normal weather conditions at sea level, the two forces are balanced when the top of the mercury
column is approximately 760 mm above the level of the mercury in the dish, as shown in Figure 2.3.3. This
value varies with meteorological conditions and altitude. In Denver, Colorado, for example, at an elevation of

about 1 mile, or 1609 m (5280 ft), the height of the mercury column is 630 mm rather than 760 mm.

—— Vacuum
Hg pressure equal B
to air pressure 1 I
Atmospheric
pressure fia0 iR
Mercury (Hg)

g
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Figure 2.3.3. A mercury barometer. The pressure exerted by the atmosphere on the surface of the pool of
mercury supports a column of mercury in the tube that is about 760 mm tall. Because the boiling point of
mercury is quite high (356.73 °C), there is negligible mercury vapour in the space above the mercury column.

Mercury barometers have been used to measure barometric pressure for so long that they have their
own unit for pressure: the millimetre of mercury (mmHg), often called the Torr, after Torricelli. Standard
barometric pressure is the barometric pressure required to support a column of mercury exactly 760 mm tall;
this pressure is also referred to as 1 atmosphere (atm). These units are also related to the pascal:

1 atm =760 mmHg
=760 Torr
= 1.01325 x 10’ Pa
=101.325 kPa
=1.01325 bar
= 14.6959 psi

Thus, a pressure of 1 atm equals 760 mmHg exactly.

We are so accustomed to living under this pressure that we never notice it. Instead, what we notice are
changes in the pressure, such as when our ears pop in fast elevators in skyscrapers or in airplanes during rapid
changes in altitude. We make use of barometric pressure in many ways. We can use a drinking straw because
sucking on it removes air and thereby reduces the pressure inside the straw. The barometric pressure pushing
down on the liquid in the glass then forces the liquid up the straw.

To learn more about the barometer and its history, check out the following video.

Example 2.3.3 — Barometric Pressure

A general chemistry professor visited Rocky Mountain National Park several years ago. After
departing from an airport at sea level in the eastern United States, he arrived in Denver (altitude 5280 ft),
rented a car, and drove to the top of the highway outside Estes Park (elevation 14 000 ft). He noticed that
even slight exertion was very difficult at this altitude, where the barometric pressure is only 454 mmHg.
Convert this pressure to:

(a) atmospheres (atm).

(b) bar.

Solution

(a) From the conversion factors, we have 1 atm = 760 mmHg = 101.325 kPa. The pressure at

14,000 ft in atm is thus:
P = 454 H L
o ™ —
MY % 760 mmHg
P = 0.597 atm

(b) The pressure in bar is given by:


https://www.youtube.com/watch?v=EkDhlzA-lwI
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1.01325 bar
P =0.597 atm x
1 atm
P = 0.605 bar

Check Your Learning 2.3.2 — Barometric Pressure
Mt. Everest, at 29,028 ft above sea level, is the world’s tallest mountain. The normal barometric
pressure at this altitude is about 0.308 atm. Convert this pressure to:
(a) Millimetres of mercury
(b) Bar
(c)Pascals
Answer
(a) 234 mmHg
(b) 0.312 bar
(c) 31200 Pa
Manometers
Barometers measure barometric pressure, but manometers measure the pressures of samples of gases
contained in an apparatus. The key feature of a manometer is a U-shaped tube containing mercury (or
occasionally another nonvolatile liquid). A closed-end manometer is shown schematically in Figure 2.3.4(a).
When the bulb contains no gas (i.e., when its interior is a near vacuum), the heights of the two columns of
mercury on either side of the U shape are identical because the space above the mercury on the left is also a
near vacuum (it contains only traces of mercury vapour). If a gas is added to the bulb on the right, it will exert
a pressure on the mercury in the right column, and the two columns of mercury will no longer be the same
height. The difference between the heights of the two columns is equal to the pressure of the gas. If the tube
is open to the atmosphere instead of closed, as in the open-end manometer shown in Figure 2.3.4(b). then the
two columns of mercury have the same height only if the gas in the bulb has a pressure equal to the barometric
pressure. If the gas in the bulb has a higher pressure, the mercury in the open tube will be forced up by the gas
pushing down on the mercury in the other arm of the U-shaped tube. The pressure of the gas in the bulb is
therefore the sum of the barometric pressure (measured with a barometer) and the difference in the heights of
the two columns. If the gas in the bulb has a pressure Jess than that of the atmosphere, then the height of the
mercury will be greater in the arm attached to the bulb. In this case, the pressure of the gas in the bulb is the

barometric pressure minus the difference in the heights of the two columns.

Vacuum Vacuum
'd (P=0) “

(a) Closed-end manometer (b) Open-end manometer
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Figure 2.3.4. The two types of manometers. (a) In a closed-end manometer, the space above the mercury
column on the left (the reference arm) is essentially a vacuum (2 = 0), and the difference in the heights of the
two columns gives the pressure of the gas contained in the bulb directly. (b) In an open-end manometer, the

left (reference) arm is open to the atmosphere (P = 1 atm), and the difference in the heights of the two
columns gives the difference between barometric pressure and the pressure of the gas in the bulb.
To learn more about manometers, check out the following video.

Example 2.3.4 — Applying Theories: Barometers and Manometers

Suppose you want to construct a closed-end manometer to measure gas pressures in the range
0.000-0.200 atm. Because of the toxicity of mercury, you decide to use water rather than mercury. How
tall a column of water do you need? (The density of water is 1.00 g/ cm3; the density of mercury is 13.53
g/ cm3.)

Solution

In millimetres of mercury, a gas pressure of 0.200 atm is:

760 mmHg

P=0200atm x
1 atm

= 152 mmHg

Using a mercury manometer, you would need a mercury column at least 152 mm high.
Because water is less dense than mercury, you need a taller column of water to achieve
the same pressure as a given column of mercury. The height needed for a water-filled column
corresponding to a pressure of 0.200 atm is proportional to the ratio of the density of mercury
to the density of water:
P = puyae@hwar = Pughg

d 13.53 g/cm®
M3 — 152 mm xi

iy 1.00 g/cm?® = 2070 mm

Mg = h.Hg x

The answer makes sense: it takes a taller column of a less dense liquid to achieve the same
pressure.
Check Your Learning 2.3.3 — Applying Theories: Barometers and Manometers
Suppose you want to design a barometer to measure barometric pressure in an environment
that is always hotter than 30 °C. To avoid using mercury, you decide to use gallium, which melts
at 29.76 °C; the density of liquid gallium at 25 °Cis 6.114 g/ em”. How tall a column of gallium
do you need if P =1.00 atm?
Answer
1.68 m
Check Your Learning 2.3.4 — Applying Theories: Barometers and Manometers
Consider the following open-end manometer. What can be concluded about the pressure of the gas

within bulb (a)? Bulb (b)?


https://www.youtube.com/watch?v=j_BqJmmguiI
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=750 mmHg
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(b)

Answer

The pressure of the gas in bulb (a) is greater than that of the atmosphere. The pressure of the
gas in bulb (b) is less than atmospheric.

The formula derived in Example 2.3.4 can also assist us in other areas, like hydrogeology. For
example, consider the problem of building a well to obtain water from an underground aquifer.
We can apply a similar method to determine the maximum depth of a well if a simple suction
pump will be used to get the water out. A 1.00 atm external barometric pressure would therefore

correspond to a maximum water column height of:

dy
hwat = hHg X d g
wat
b = 760 Ha x 13.53 g/cm?
wat = /DDTMEG =400 g/om®

hyar = 1.03 x 10*mm

hywar = 10.3m

A suction pump is just a more sophisticated version of a straw: it creates a vacuum above a liquid and relies

on barometric pressure to force the liquid up a tube. If 1.00 atm barometric pressure corresponds to a 10.3
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m (33.8 ft) column of water, then it is physically impossible for barometric pressure to raise the water in a
well higher than this. Until electric pumps were invented to push water mechanically from greater depths, this
factor greatly limited where people could live because obtaining water from wells deeper than about 33 ft was
difficult.

Volume

Volume is defined as length times width times height, so it has units of metre x metre x metre or metre’
(m3), sometimes spoken as ‘cubic metres’. The cubic metre is a rather large unit, however, so another unit is
defined that is somewhat more manageable: the litre (L). A litre is 1/ 1000 (Ix 107 m3) of a cubic metre and
is a little more than 1 quart in volume (Figure 2.3.5.). Prefixes can also be used with the litre unit, so we can
speak of millilitres (1 mL = 1 x 10°L=1x10"° m3), microlitres (1 pL = 1 x 10°L=1x10"" m3), and so
forth.

Another definition of a litre is one-tenth of a metre cubed. Because one-tenth of a metre is 10 cm, then a
litre is equal to 1000 cm? (Figure 2.3.5). Because 1 L equals 1000 mL, we conclude that 1 mL equals 1 cm3;

thus, these units are interchangeable.

1 cubic centimeter
/ //

10cmx10cmx 10em =
1000 cm?* =1 liter

10cm

| S

10cm

Figure 2.3.5. The size of 1 litre. One litre equals 1 000 cm3, s0 1 cm? is the same as 1 mL.
Temperature
One of the fundamental quantities in science is temperature, which is a measure of the average amount
of energy of motion, or kinetic energy, a system contains. Temperatures are expressed using scales that use
units called degrees. There are three scales used for reporting temperatures. Figure 2.3.6. compares the three

temperature scales.
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212°F 100 °C 373K Water boils
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Celsius
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Figure 2.3.6. Fahrenheit, Celsius, and Kelvin temperatures. A comparison of the three temperature scales.
These thermometers have a red-colored liquid which contains alcohol and food coloring. Silver-looking

thermometers contain mercury, which is a neurotoxin.

In the United States, the commonly used temperature scale is the Fahrenheit scale (symbolized by °F and
spoken as “degrees Fahrenheit”). On this scale, the freezing point of liquid water (the temperature at which
liquid water turns to solid ice) is 32 °F, and the boiling point of water (the temperature at which liquid water
turns to steam) is 212 °F.

Scientists use other scales to express temperature. For example, the Celsius scale (symbolized by °C and
spoken as “degrees Celsius”) defines 0 °C as the freezing point of water and 100 °C as the boiling point of water.
This scale is divided into 100 divisions between these two landmarks and extended higher and lower as well. By

comparing the Fahrenheit and Celsius scales, a conversion between the two scales can be determined:

°C=(°F—32)x§

°F=(°Cx§)+32

Note that science uses the Celsius and Kelvin scales almost exclusively; virtually no practicing chemist
expresses laboratory-measured temperatures with the Fahrenheit scale, but it is included here for the sake of
completeness.

The fundamental unit of temperature in SI is the Kelvin (K). The Kelvin temperature scale (note that the

name of the scale capitalizes the word Kelvin, but the unit itself is lowercase) uses degrees that are the same size
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as the Celsius degree, but the numerical scale is shifted up by 273.15 units. That is, the conversion between the
Kelvin and Celsius scales is as follows:
K= C+273.15
For most purposes, it is acceptable to use 273 instead of 273.15 when converting to Kelvin.

Note that the Kelvin scale does not use the word degrees; a temperature of 295 K is spoken of as “two
hundred ninety-five kelvin” and not “two hundred ninety-five degrees kelvin.”

The reason that the Kelvin scale is defined this way is that there exists a minimum possible temperature
called absolute zero (zero kelvin). The Kelvin temperature scale is set so that 0 K is absolute zero, and the
temperature is counted upward from there. Normal room temperature is about 295 K, as seen in the following
example.

Example 2.3.5 — Room Temperature
If the normal room temperature is 72.0 °F, what is room temperature in degrees Celsius and Kelvin?
Solution

First, we determine the temperature in degrees Celsius:
5
°C = (720 -32) x5

—400x5
= 40. )

=22.2°C

Then we determine the temperature in the Kelvin scale:
K=222 C+273.15
K=2954K
So, the room temperature is about 295 K.

% Questions

1. A scuba tank is filled before a dive with air until the pressure gauge reads 200.0 bar. Convert this pressure
to:

(a) atm

(b) Pa and kPa

(c) mmHg

2. A round bottom flask with a diameter of 17.0 cm contains 1.00 mol of hydrogen gas at a pressure of 333
Torr. What is the force, in Newtons, exerted on the interior walls of the flask?

3. A cubic container measuring 40.0 cm x 40.0 cm x 40.0 cm weighs 255.0 g when evacuated (empty). When
filled with some xenon gas, the pressure generated by the weight of the container on its bottom face is measured
to be 21.65 kPa. What amount of xenon gas, in moles, is in the container?

4. Barometric pressure is directly related to meteorological conditions: a stable, high barometric pressure

indicates good weather, whereas a falling pressure warns that a low pressure system, bringing poor weather, is
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approaching. Over the course of an afternoon, the barometric pressure above Ottawa drops from 102.27 kPa
to 99.85 kPa. What is the change in the amount of applied force (in Newtons) on the surface of a 1.5 m x 2.5
m picnic table, as the atmospheric pressure drops?

5. On the Canadian Red Cross website, you can find the following advice for what to do if you fall through
the ice on a frozen body of water:

“Reach forward onto the broken ice without pushing down. Kick your legs to try to get your body into a
horizontal position. Continue kicking your legs, and crawl onto the ice. When you are back on the ice, crawl on
your stomach or roll away from the open area with your arms and legs spread out as far as possible. Do not stand
up! Look for shore and make sure you are crawling in the right direction.”

Why is it important to crawl or roll away from the open area, instead of standing up and walking away
quickly?

6. Barometers and manometers are always fabricated using non-volatile liquids to measure pressure. Give
one reason why volatile liquids would be inappropriate.

7. The pressure of a sample of gas is measured at sea level with a closed-end manometer. The liquid in the
manometer is mercury. Determine the pressure of the gas in:

(a) Torr

(b) Pa

(c) bar

Open end

¢

26.4 cm

7

8. The pressure of a sample of gas is measured with an open-end manometer, partially shown to the right.
The liquid in the manometer is mercury. Assuming atmospheric pressure is 1.010 atm, determine the pressure
of the gas in:

(a) Torr

(b) Pa

(c) bar
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Open end

¥

6.00 in.

=/

9. When you ride an elevator to the top floor of a skyscraper, you may notice the sensation of your ears
“popping”. What physiological change are you experiencing?

Answers

1.(a) 197.4 atm

(b) 2.000 x 10* kPa

(c) 1.50x 10° mmHg
2.d=0.17m, »=0.085 m, Area of a sphere = 0.0908 m?, P (in Pa) = 4.44x 10*N-m™, F(in N) = P x 4 =
403x10°N
3.0.75 mol Xe

4.9075 N

5. By spreading out your weight over a larger surface area, you decrease the pressure applied to the ice,
decreasing your risk of falling through the ice again.

6. If a volatile liquid was used, it would produce a vapour, which would exert its own partial pressure against
the surface of the liquid, resulting in false measurements.

7. (a) 264 Torr

(b) 35 200 Pa

(c) 0.352 bar

8. (a) Pgas = 615.2 Torr

(b) P (in Pa) = 8.20 x 10* Pa

(c) P(in bar) = 0.820 bar

9. As you ascend in altitude, the atmospheric pressure outside your body decreases. Air trapped inside your
body in your Eustachian tubes expands, building up pressure in your middle ear, until the tubes suddenly

open. When they open, the pressure is equalized and your eardrums move, creating the “popping” sensation.
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During the seventeenth and especially eighteenth centuries, driven both by a desire to understand nature
and a quest to make balloons in which they could fly (Figure 2.4.1), a number of scientists established the
relationships between the macroscopic physical properties of gases, that is, pressure, volume, temperature,
and amount of gas. Although their measurements were not precise by today’s standards, they were able to
determine the mathematical relationships between pairs of these variables (e.g., pressure and temperature,
pressure and volume) that hold for an zdeal gas—a hypothetical construct that real gases approximate under
certain conditions. Eventually, these individual laws were combined into a single equation—the ideal gas
law—that relates gas quantities for gases and is quite accurate for low pressures and moderate temperatures. We
will consider the key developments in individual relationships (for pedagogical reasons not quite in historical

order), then put them together in the ideal gas law.

Figure 2.4.1. In 1783, the first (a) hydrogen-filled balloon flight, (b) manned hot air balloon flight, and (c)
manned hydrogen-filled balloon flight occurred. When the hydrogen-filled balloon depicted in (a) landed, the
frightened villagers of Gonesse reportedly destroyed it with pitchforks and knives. The launch of the latter
was reportedly viewed by 400 000 people in Paris.

Pressure and Temperature: Amontons’s/Gay-Lussac’s Law
Imagine filling a rigid container attached to a pressure gauge with gas and then sealing the container so
that no gas may escape. If the container is cooled, the gas inside likewise gets colder and its pressure is observed
to decrease. Since the container is rigid and tightly sealed, both the volume and number of moles of gas remain
constant. If we heat the sphere, the gas inside gets hotter (Figure 2.4.2) and the pressure increases.

Low P Medium P High P

¥ L ¢

Hot plate off Hot plate on medium Hot plate on high
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Figure 2.4.2. The effect of temperature on gas pressure: When the hot plate is off, the pressure of the gas
in the sphere is relatively low. As the gas is heated, the pressure of the gas in the sphere increases.
This relationship between temperature and pressure is observed for any sample of gas confined to
a constant volume. An example of experimental pressure-temperature graph is shown for a sample of air
under these conditions in Figure 2.4.3. We find that temperature and pressure are linearly related, and if the
temperature is on the kelvin scale, then P and T are directly proportional (again, when volume and moles of gas
are beld constant); if the temperature on the kelvin scale increases by a certain factor, the gas pressure increases

by the same factor.
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Figure 2.4.3. For a constant volume and amount of air, the pressure and temperature are directly
proportional, provided the temperature is in kelvin. (Measurements cannot be made at lower temperatures
because of the condensation of the gas.) When this line is extrapolated to lower pressures, it reaches a pressure
of 0 at 273 °C, which is 0 on the Kelvin scale and the lowest possible temperature, called absolute zero.

Guillaume Amontons was the first to empirically establish the relationship between the pressure and
the temperature of a gas (~1700), and Joseph Louis Gay-Lussac determined the relationship more precisely
(~1800). Because of this, the P — T relationship for gases is known as either Amontons’s law or Gay-Lussac’s
law. Under either name, it states that the pressure of a given amount of gas is directly proportional to its
temperature on the Kelvin scale when the volume is beld constant. Mathematically, this can be written:

Px T or P=constantx T or P=kxT

where o« means “is proportional to,” and k is a proportionality constant that depends on the identity,
amount, and volume of the gas.

For a confined, constant volume of gas, the ratio P/T is therefore constant (i.e., PT = k). If the gas is
initially in “Condition 1” (with P = Py and T'= T7), and then changes to “Condition 2” (with P= P> and T'=
T3), we have that Pl/ T1=kand I)2/ T2 = k, which reduces to Pl/ T1= I)2/ T2. This equation is useful for pressure-
temperature calculations for a confined gas at constant volume. Note that temperatures must be in kelvin for
any gas law calculations (0 on the Kelvin scale and the lowest possible temperature known as absolute zero).
Also note that there are at least three ways we can describe how the pressure of a gas changes as its temperature

changes: we can use a table of values, a graph, or a mathematical equation.
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Example 2.4.1 — Predicting Change in Pressure with Temperature
A can of hair spray is used until it is empty except for the propellant,

isobutane gas.

(a) On the can is the warning “Store only at temperatures below 120 °F (48.8 °C). Do not
incinerate.” Why?

(b) The gas in the can is initially at 24 °C and 360 kPa, and the can has a volume of 350 mL.
If the can is left in a car that reaches 50 °C on a hot day, what is the new pressure in the can?
Solution

(a) The can contains an amount of isobutane gas at a constant volume, so if the temperature
is increased by heating, the pressure will increase proportionately. High temperature could lead
to high pressure, causing the can to burst. (Also, isobutane is combustible, so incineration could
cause the can to explode.)

(b) We are looking for a pressure change due to a temperature change at constant volume,
so we will use Amontons’s/Gay-Lussac’s law. Taking P1 and 77 as the initial values, 75 as the
temperature where the pressure is unknown and P, as the unknown pressure, and converting

°C to K, we have:

Pl_PZ
hon
360 kPa P,
207K 1)K

Rearranging and solving gives:

_ 360 kPa x 323K

P, = 297 K = 390 kPa

Check Your Learning 2.4.1— Predicting Change in Pressure with Temperature
A sample of nitrogen, N2, occupies 45.0 mL at 27 °C and 600 Torr. What pressure will it
have if cooled to —73 °C while the volume remains constant?
Answer
400 Torr

To see Amonton’s/Gay-Lussac’s law in action, check out this video.


https://www.youtube.com/watch?v=Q0FdZQlUEGA
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Volume and Temperature: Charles’s Law

If we fill a balloon with air and seal it, the balloon contains a specific amount of air at
atmospheric pressure, let’s say 1 atm. If we put the balloon in a refrigerator, the gas inside gets cold and
the balloon shrinks (although both the amount of gas and its pressure remain constant). If we make the
balloon very cold, it will shrink a great deal, and it expands again when it warms up. Check out this video
to see it in action.

These examples of the effect of temperature on the volume of a given amount of a confined gas
at constant pressure are true in general: The volume increases as the temperature increases, and decreases

as the temperature decreases. Volume-temperature data for a 1-mole sample of methane gas at 1 atm are

graphed in Figure 2.4.4.
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Figure 2.4.4. The volume and temperature are linearly related for 1 mole of methane gas ata
constant pressure of 1 atm. If the temperature is in kelvin, volume and temperature are directly
proportional. The line stops at 111 K because methane liquefies at this temperature; when
extrapolated, it intersects the graph’s origin, representing a temperature of absolute zero.

The relationship between the volume and temperature of a given amount of gas at constant
pressure is known as Charles’s law in recognition of the French scientist and balloon flight pioneer
Jacques Alexandre César Charles. Charles’s law states that the volume of a given amount of gas is directly
proportional to its temperature on the Kelvin scale when the pressure is held constant.

Mathematically, this can be written as:
VT or V=constantx T or V=kxT 0rV1/T1 =V2/T2
with £ being a proportionality constant that depends on the amount and pressure of the gas. For a
confined, constant pressure gas sample, V/ T, is constant (Ze., the ratio = &), and as seen with the P - T’
relationship, this leads to another form of Charles’s law: Vl/ T1= Vz/ .
Example 2.4.2 — Predicting Change in Volume with Temperature


https://www.youtube.com/watch?v=ZgTTUuJZAFs
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A sample of carbon dioxide, CO», occupies 0.300 L at 10 °C and 750 Torr. What volume will
the gas have at 30 °C and 750 Torr?
Solution
Because we are looking for the volume change caused by a temperature change at
constant pressure, this is a job for Charles’s law. Taking /1 and 77 as the initial values, 75
as the temperature at which the volume is unknown and 7 as the unknown volume, and

converting °C into K we have:

A o, 03001V,
T e DR g

Rearranging and solving gives:

0.300L x 303K

v, = S =0.3211L

This answer supports our expectation from Charles’s law, namely, that raising the gas
temperature (from 283 K to 303 K) at a constant pressure will yield an increase in its
volume (from 0.300 L to 0.321 L).

Check Your Learning 2.4.2 — Predicting Change in Volume with Temperature
A sample of oxygen, O2, occupies 32.2 mL at 30 °C and 452 Torr. What
volume will it occupy at —70 °C and the same pressure?
Answer
21.6 mL
Example 2.4.3 — Measuring Temperature with a Volume Change
Temperature is sometimes measured with a gas thermometer by observing the change in the
volume of the gas as the temperature changes at constant pressure. The hydrogen in a particular
hydrogen gas thermometer has a volume of 150.0 cm® when immersed in a mixture of ice and
water (0.00 °C). When immersed in boiling liquid ammonia, the volume of the hydrogen, at the
same pressure, is 131.7 cm®. Find the temperature of boiling ammonia on the kelvin and Celsius
scales.

Solution

A volume change caused by a temperature change at constant pressure means we
should use Charles’s law. Taking J'1 and 77 as the initial values, 77 as the temperature at
which the volume is unknown and /3 as the unknown volume, and converting °C into K

we have:



124 | 2.4 - GAS LAWS

a2

T, T,
150.0 cm® 131.7 em3
PEER I € e

Rearrangement giVCS:

. 131.7 em® x 273.15K e
e 150.0 cm3 -

Subtracting 273.15 from 239.8 K, we find that the temperature of the boiling
ammonia on the Celsius scale is —33.4 °C.
Check Your Learning 2.4.3 — Measuring Temperature with a Volume Change
What is the volume of a sample of ethane at 467 K and 1.1 atm if it occupies
405 mL at 298 K and 1.1 atm?
Answer
635 mL

Volume and Pressure: Boyle's Law

If we partially fill an airtight syringe with air, the syringe contains a specific amount of air at

constant temperature, say 25 °C. If we slowly push in the plunger while keeping temperature constant,

the gas in the syringe is compressed into a smaller volume and its pressure increases; if we pull out the

plunger, the volume increases and the pressure decreases. This example of the effect of volume on the

pressure of a given amount of a confined gas is true in general. Decreasing the volume of a contained

gas will increase its pressure, and increasing its volume will decrease its pressure. In fact, if the volume

increases by a certain factor, the pressure decreases by the same factor, and vice versa. Volume-pressure

data for an air sample at room temperature are graphed in Figure 2.4.5.
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Figure 2.4.5. When a gas occupies a smaller volume, it exerts a higher pressure; when it occupies a
larger volume, it exerts a lower pressure (assuming the amount of gas and the temperature do not
change). Since Pand ¥ are inversely proportional, a graph of 1/ pvs. Vis linear.

Unlike the P- T"and V' — T relationships, pressure and volume are not directly proportional to
each other. Instead, P and 7 exhibit inverse proportionality: Increasing the pressure results in a decrease
of the volume of the gas. Mathematically this can be written:

Pocl/y or P=kl/y or P-V=k or PiVi=DoV5
with % being a constant. Graphically, this relationship is shown by the straight line that results
when plotting the inverse of the pressure (l/p) versus the volume (7), or the inverse of volume (1/ V)
versus the pressure (). Graphs with curved lines are difficult to read accurately at low or high values
of the variables, and they are more difficult to use in fitting theoretical equations and parameters to
experimental data. For those reasons, scientists often try to find a way to “linearize” their data. If we plot

Pversus IV, we obtain a hyperbola (see Figure 2.4.6).

Pressure
1P

Volume Volume

(@) (b)

Figure 2.4.6. The relationship between pressure and volume is inversely proportional. (a) The
graph of Pvs. V'is a hyperbola, whereas (b) the graph of (1/ p) vs. Vis linear.

The relationship between the volume and pressure of a given amount of gas at constant
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temperature was first published by the English natural philosopher Robert Boyle over 300 years ago. It
is summarized in the statement now known as Boyle’s law: The volume of a given amount of gas held at
constant temperature is inversely proportional to the pressure under which it is measured. Check out this
experiment to learn more about Boyle’s law.
Example 2.4.4 — Volume of a Gas Sample
The sample of gas in Figure 2.4.5. has a volume of 15.0 mL at a pressure of 13.0 psi. Determine
the pressure of the gas at a volume of 7.5 mL, using:
(a) the P-V graph in Figure 2.4.5.
(b) the (l/p) vs. V graph in Figure 2.4.5.
(c) the Boyle’s law equation.
Comment on the likely accuracy of each method.
Solution
(a) Estimating from the P- V" graph gives a value for P somewhere
around 27 psi.
(b) Estimating from the i pversus V graph gives a value of about 26 psi.

(c) From Boyle’s law, we know that the product of pressure and volume (PV) for a
given sample of gas at a constant temperature is always equal to the same value. Therefore
we have P11 = k and P>V = k which means that P1V1 = P,V. Using Py and V7 as the
known values 13.0 psi and 15.0 mL, P, as the pressure at which the volume is unknown,

and V> as the unknown volume, we have:
PV = PV,
130 psi x 15.0mL = P, X 7.5 mL

Solving:

13.0 psi x 15.0 mL
i 7.5 mL

= 26 psi

It was more difficult to estimate accurately from the P-V graph, so (a) is likely more
inaccurate than (b) or (c). The calculation will be as accurate as the equation and
measurements allow.

Check Your Learning 2.4.4 — Volume of a Gas Sample

The sample of gas in Figure 2.4.5. has a volume of 30.0 mL at a pressure of 6.5 psi.
Determine the volume of the gas at a pressure of 11.0 psi, using:

(a) the P-V graph in Figure 2.4.5.
(b) the 1/p vsV graph in Figure 2.4.5.


https://www.youtube.com/watch?v=N5xft2fIqQU
https://www.youtube.com/watch?v=N5xft2fIqQU
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(c) the Boyle’s law equation
Answer
(a) about 17-18 mL; (b) ~18 mL; (c) 17.7 mL
Breathing and Boyle’s Law
What do you do about 20 times per minute for your whole life, without break, and often
without even being aware of it? The answer, of course, is respiration, or breathing. How does it work?
It turns out that the gas laws apply here. Your lungs take in gas that your body needs (oxygen) and get
rid of waste gas (carbon dioxide). Lungs are made of spongy, stretchy tissue that expands and contracts
while you breathe. When you inhale, your diaphragm and intercostal muscles (the muscles between your
ribs) contract, expanding your chest cavity and making your lung volume larger. The increase in volume
leads to a decrease in pressure (Boyle’s law). This causes air to flow into the lungs (from high pressure to
low pressure). When you exhale, the process reverses: Your diaphragm and rib muscles relax, your chest
cavity contracts, and your lung volume decreases, causing the pressure to increase (Boyle’s law again),
and air flows out of the lungs (from high pressure to low pressure). You then breathe in and out again,

and again, repeating this Boyle’s law cycle for the rest of your life (Figure 2.4.7.).

Inspiration Expiration

P lungs = 1-3 torr lower

Diaphragm
contracts

Diaphragm
relaxes

Figure 2.4.7. Breathing occurs because expanding and contracting lung volume creates small
pressure differences between your lungs and your surroundings, causing air to be drawn into and
forced out of your lungs.

Check out Chris Hadfield’s demonstration in a submarine to learn more about Boyle’s law.
Moles of Gas and Volume: Avogadro’s Law
The Italian scientist Amedeo Avogadro advanced a hypothesis in 1811 to account for the
behavior of gases, stating that equal volumes of all gases, measured under the same conditions of
temperature and pressure, contain the same number of molecules. Over time, this relationship was
supported by many experimental observations as expressed by Avogadro’s law: For a confined gas, the
volume (V) and number of moles (n) are directly proportional if the pressure and temperature both remain

constant.


https://www.youtube.com/watch?v=EJiUWBiM8HE
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In equation form, this is written as:

Vi W
Ven or V=kxn or — = —
n, ng

Mathematical relationships can also be determined for the other variable pairs, such as P versus
n, and n versus 7. Check out the following animation to see how the gas laws are affected by changes in
pressure, temperature, moles of gas, and volume.
The Ideal Gas Law
To this point, four separate laws have been discussed that relate pressure, volume, temperature,

and the number of moles of the gas:

Boyle’s law: PV = constant at constant 7'and 7

P
Amontons’s/Gay-Lussac’s law: * /T = constant at constant / and »

v
Charles’s law: ' /T = constant at constant 2 and

v
Avogadro’s law: * /, = constant at constant Pand T’

Combining these four laws yields the ideal gas law, a relation between the pressure, volume,
temperature, and number of moles of a gas:

PV=nRT

where P is the pressure of a gas, V'is its volume, 7 is the number of moles of the gas, T"is its
temperature on the Kelvin scale, and R is a constant called the ideal gas constant or the universal gas
constant. The units used to express pressure, volume, and temperature will determine the proper form
of the gas constant as required by dimensional analysis, the most commonly encountered values being
0.08206 L atm mol > K" and 8.314 kPa L mol ™! K™% To see the gas constant expressed in different
units, visit this site.

Gases whose properties of P, V, and T are accurately described by the ideal gas law (or the other
gas laws) are said to exhibit ideal bebavior or to approximate the traits of an ideal gas. An ideal gas is
a hypothetical construct that may be used along with kznetic molecular theory to effectively explain the
gas laws as will be described in a later module of this chapter. Although all the calculations presented
in this module assume ideal behavior, this assumption is only reasonable for gases under conditions of
relatively low pressure and high temperature. In the final module of this chapter, a modified gas law
will be introduced that accounts for the zon-ideal behavior observed for many gases at relatively high
pressures and low temperatures.

The ideal gas equation contains five terms, the gas constant R and the variable properties P, 7,
n, and 7. Specifying any four of these terms will permit use of the ideal gas law to calculate the fifth term

as demonstrated in the following example exercises.


https://phet.colorado.edu/en/simulation/gas-properties
http://hbcponline.com/faces/documents/01_16/01_16_0001.xhtml
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Example 2.4.5 — Using the Ideal Gas Law
Methane, CHy, is being considered for use as an alternative automotive fuel to replace gasoline.
One gallon of gasoline could be replaced by 655 g of CH4. What is the volume of this much
methane at 25 °C and 745 Torr?
Solution

We must rearrange PV = nR T to solve for V'

-1 -1 .
If we choose to use R = 0.08206 L atm mol ™ K™ 7, then the amount must be in moles,
temperature must be in kelvin, and pressure must be in atm.

Converting into the correct units and solving:

B ey
=gt X 16043 gcH, o C

T=25°C+273=298K

AT (408 meol){0.0B206 L adm - mal ™ - K1) (208 K)

0z = 107
P 5B atm N i .

It would require 1020 L of gaseous methane at about 1 atm of pressure to replace 1
gallon of gasoline. It requires a large container to hold enough methane at 1 atm to replace
several gallons of gasoline.

Check Your Learning 2.4.5 — Using the Ideal Gas Law
Calculate the pressure in bar of 2520 moles of hydrogen gas stored at 27 °C in the 180-L storage
tank of a modern hydrogen-powered car.
Answer
350 bar

If the number of moles of an ideal gas are kept constant under two different sets of

conditions, a useful mathematical relationship called the combined gas law is obtained: Pl(Vl)/ T1

= I)Z(VZ)/ T2 using units of atm, L, and K. Both sets of conditions are equal to the product of 7 x
R (where 7 = the number of moles of the gas and R is the ideal gas law constant).

Example 2.4.6 — Using the Combined Gas Law

When filled with air, a typical scuba tank with a volume of 13.2 L has a pressure of 153 atm
(Figure 2.4.8.). If the water temperature is 27 °C, how many liters of air will such a tank provide

to a diver’s lungs at a depth of approximately 21 m in the ocean where the pressure is 3.13 atm?
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Figure 2.4.8. Scuba divers use compressed air to breathe while underwater.

(credit: KS Focsaneanu)
Solution
Letting I represent the air in the scuba tank and 2 represent the air in the lungs, and

noting that body temperature (the temperature the air will be in the lungs) is 37 °C, we

have:

PVy _ PV, (153 atm)(13.21) _ (313 atm)(Vy)
fs oy 300K ST T

Solving for V5:

(153 atm)(13.2 L)(310 K)
27 (300 K)(3.13 atm)

= 667 L

(Note: Be advised that this particular example is one in which the assumption of ideal
gas behavior is not very reasonable, since it involves gases at relatively high pressures and
low temperatures. Despite this limitation, the calculated volume can be viewed as a good

“ballpark” estimate.)

Check Your Learning 2.4.6 — Using the Combined Gas Law
A sample of ammonia is found to occupy 0.250 L under laboratory conditions of 27 °C and
0.850 atm. Find the volume of this sample at 0 °C and 1.00 atm.
Answer
0.193L



2.4 - GAS LAWS | 131



132 | 2.4 - GAS LAWS

The Interdependence Between Ocean Depth and Pressure in SCUBA Diving
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Whether scuba diving at the Great Barrier Reef in Australia (shown in Figure 2.4.9) or in the Caribbean, divers must un
how pressure affects a number of issues related to their comfort and safety.

Figure 2.4.9. Scuba divers must be constantly aware of buoyancy, pressure equalization, and the amount of time they
underwater, to avoid the risks associated with pressurized gases in the body. (credit: KS Focsaneanu)

Pressure increases with ocean depth, and the pressure changes most rapidly as divers reach the surface. The pressure a
experiences is the sum of all pressures above the diver (from the water and the air). Most pressure measurements are give:
of atmospheres, expressed as “atmospheres absolute” or ATA in the diving community: Every 10 m of salt water represer
of pressure in addition to 1 ATA of pressure from the atmosphere at sea level. As a diver descends, the increase in pressur
the body’s air pockets in the ears and lungs to compress; on the ascent, the decrease in pressure causes these air pockets tc
potentially rupturing eardrums or bursting the lungs. Divers must therefore undergo equalization by adding air to body
on the descent by breathing normally and adding air to the mask by breathing out of the nose or adding air to the ears ar
by equalization techniques; the corollary is also true on ascent, divers must release air from the body to maintain equaliz:
Buoyancy, or the ability to control whether a diver sinks or floats, is controlled by the buoyancy compensator (BCD). If -
ascending, the air in his BCD expands because of lower pressure according to Boyle’s law (decreasing the pressure of gase
the volume). The expanding air increases the buoyancy of the diver, and she or he begins to ascend. The diver must vent
the BCD or risk an uncontrolled ascent that could rupture the lungs. In descending, the increased pressure causes the air
BCD to compress and the diver sinks much more quickly; the diver must add air to the BCD or risk an uncontrolled des
facing much higher pressures near the ocean floor. The pressure also impacts how long a diver can stay underwater befor
ascending. The deeper a diver dives, the more compressed the air that is breathed because of increased pressure: If a diver
m, the pressure is 2 ATA and the air would be compressed to one-half of its original volume. The diver uses up available
fast as at the surface.
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Standard Conditions of Temperature and Pressure

We have seen that the volume of a given quantity of gas and the number of molecules (moles)
in a given volume of gas vary with changes in pressure and temperature. Chemists sometimes make
comparisons against a standard temperature and pressure (STP) for reporting properties of gases: 273.15
K and 1 bar (100 kPa). At STP, one mole of an ideal gas has a volume of about 22.7 L—this is referred

to as the standard molar volume (Figure 2.4.10).

®
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Figure 2.4.10. Since the number of moles in a given volume of gas varies with pressure and
temperature changes, chemists use standard temperature and pressure (273.15 K and 1 bar or 100 kPa)

to I‘CpOI‘t pI‘OpCI‘tiCS ofgases.
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CHM1311 Laboratory | Experiment #1:
Verification of Gas Laws
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Purpose

Before you get started with your first experiment of the course, you’ll first organize yourself by getting a lab
partner, meeting your TA (lab demonstrator), and performing a locker examination of laboratory equipment
at your disposal. You’ll also be familiarizing yourself with the laboratory component of the general chemistry
course and all logistical matters pertaining to it. This information will be presented to you briefly on your first
day and is all available on Brightspace in the CHM1311 General Chemistry Laboratory course platform.

For the actual experiment, you’ll be validating two of the gas laws you saw in this section:

Boyle’s Law: at a given constant temperature, the pressure of a certain amount of gas is inversely proportional
to its volume

P 1/ v

Charles’ Law: under constant pressure conditions, the volume of a particular amount of gas is directly

proportional to its temperature
VeT

Principles

Charles’ Law

Boyle’s Law

Ideal gas behaviour

Determination of experimental parameters

Validation of experimental results

Safety Precautions

Wear appropriate personal protective equipment (PPE) at all times in the laboratory setting — this includes
your lab coat and safety goggles/glasses.

You’ll be working with hot objects, including the hot plate, boiling water bath, and heated Erlenmeyer flask
during the first part of validating Charles’ Law. Please take extra precaution when handling such objects and
avoid direct contact with them. Equipment such as tongs and clamps are at your disposal to use.

Things to Consider

The notion and properties of an ideal gas differ from those of a real gas (see sections 2.6 and 2.8 on the
differing properties of ideal and real gases). Note that the two gas laws you’ll be investigating assume that air
behaves as an ideal gas, since these two laws constitute the /deal gas law. Keep this assumption in mind when you
perform your data analysis and discuss your findings in your report.

When thinking about sources of error for validating gas laws, consider the existence of other gas variables,
what they are, and how they may or may not have aftected your results.

Charles’ Law

Why was it important to start every trial with a dry Erlenmeyer flask?

Why did the experiment have to be restarted if air bubbles escaped the flask when its mouth was
submerged in the ice bath?

If you recall playing in water as a child, you might know that if you invert a container, like a
toy bucket, and submerge it in the water with the opening facing downwards, the air occupying
the inside remains trapped inside the container. So can you explain why, in this experiment, water
entered the flask?

What was the purpose of matching the level of water in the flask to the level of water in the ice
bath?

Boyle’s Law

What are the independent and dependent variables of your experiment? How will you measure
these variables? What are their units of measurement? Recall that the independent variable is
typically the one that you handle first and that you can manipulate, whereas the dependent variable
usually involves measurements that depend on your independent variable.

How many measurements do you need?

Why did you measured the initial volume twice? Think about why it’s important to take
multiple readings of the dependent variable for the same value of the independent variable

Which volume reading did you choose and why? Make sure you explain your choice in your
report.

pBe aware of correcting all measured volumes by adding 0.8 mL to reach reading; this will account
for the space inside the pressure sensor itself.
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Reference
Venkateswaran, R. General Chemistry — Laboratory Manual - CHM 1301/1311.

Questions

% Questions

1. Determine the volume of 1 mol of CHj4 gas at 150 K and 1 atm, using Figure 2.4.4.

2. Determine the pressure of the gas in the syringe shown in Figure 2.4.5. when its volume is 12.5 mL,
using:

(a) the appropriate graph

(b) Boyle’s law

3. A spray can is used until it is empty except for the propellant gas, which has a pressure of 1344 Torr
at 23 °C. If the can is thrown into a fire (7= 475 °C), what will be the pressure in the hot can?

4. A 2.50 L volume of hydrogen measured at —196 °C is warmed to 100 °C. Calculate the volume of
the gas at the higher temperature, assuming no change in pressure.

5. A weather balloon contains 8.80 moles of helium at a pressure of 0.992 atm and a temperature of
25 °C at ground level. What is the volume of the balloon under these conditions?

6. Iodine, Iy, is a solid at room temperature but sublimes (converts from a solid into a gas) when
warmed. What is the temperature in a 73.3 mL bulb that contains 0.292 g of I, vapor at a pressure of
0.462 atm?

7. How many grams of gas are present in each of the following cases?

(2) 0.100 L of CO3 at 307 Torr and 26 °C

(b) 8.75 L of CoHy, at 378.3 kPa and 483 K

(c) 221 mL of Arat 0.23 Torr and -54 °C

% % Questions

8. A high altitude balloon is filled with 1.41 x 10* L of hydrogen at a temperature of 21 °C and a
pressure of 745 Torr. What is the volume of the balloon at a height of 20 km, where the temperature is
—48 °C and the pressure is 63.1 Torr?

9. A cylinder of medical oxygen has a volume of 35.4 L, and contains O3 at a pressure of 151 atm and
a temperature of 25 °C. What volume of O3 does this correspond to at normal body conditions, that is,
latm and 37°C?

10. A 20.0 L cylinder containing 11.34 kg of butane, C4H1o, was opened to the atmosphere.
Calculate the mass of the gas remaining in the cylinder if it were opened and the gas escaped until the
pressure in the cylinder was equal to the atmospheric pressure, 0.983 atm, and a temperature of 27 °C.

11. For a given amount of gas showing ideal behavior, draw labeled graphs of:

(a) the variation of Pwith V'
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(b) the variation of V'with T’

(c) the variation of Pwith T’

(d.) the variation of Ypwith V7

12. A liter of methane gas, CHy, at STP contains more atoms of hydrogen than does a liter of pure
hydrogen gas, Hy, at STP. Using Avogadro’s law as a starting point, explain why.

13. If the temperature of a fixed amount of a gas is doubled at constant volume, what happens to the
pressure?

14. If the volume of a fixed amount of a gas is tripled at constant temperature, what happens to the
pressure?

Answers

1. About 12.2 L

2.(a) 15.38 psi, (b) 15.6 psi

3.3.40 x 10° Torr

4.12.1L

5.217L

6.358.5K

7.(a) 7.24x 10 % g; (b) 23.1g; (c) L5 x 10 * g

8.1274x10° L

9.5561 L

10. 46.4 g

11.

constantn & T

Pressure
Volume

constantn & P

Volume Temperature

(@) (by

“la

Pressure

constantn & V constantn & T

Temperature Volume

© (d)

12. One mole of gas is equivalent to 22.4 Liters at STP. Hence there are twice as many H atoms in
CHy than there are in Hp, and as a result there are more H atoms in the CHy sample.
P1, D2 _T1(P2)
13.77/11=""/T2, hence P1 =

14. The pressure decreases by a factor of 3.

/2(T1), 2 x P1 = Py, hence the pressure doubles.
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2.5 - GAS MIXTURES AND PARTIAL
PRESSURES

In our use of the ideal gas law thus far, we have focused entirely on the properties of pure gases with
only a single chemical species. But what happens when two or more gases are mixed? In this section, we

describe how to determine the contribution of each gas present to the total pressure of the mixture.

The Pressure of a Mixture of Gases: Dalton's Law

In gas mixtures, each component in the gas phase can be treated separately. Each component of the
mixture shares the same temperature and volume. (Remember that gases expand to fill the volume of their
container; gases in a mixture do that as well.) However, each gas has its own pressure. Unless they chemically
react with each other, the individual gases in a mixture of gases do not affect each other’s pressure. Each
individual gas in a mixture exerts the same pressure that it would exert if it were present alone in the container
(Figure 2.5.1). The pressure exerted by each individual gas in a mixture is called its partial pressure, denoted
P;. This observation is summarized by Dalton’s law of partial pressures: The total pressure of a mixture of
ideal gases is equal to the sum of the partial pressures of the component gases:

Protal = Ppo+ Pp+ Pc+...= 2P
Equation 2.5.1. Dalton’s law of partial pressures.
In the equation, Py, is the total pressure of a mixture of gases, P is the partial pressure of gas A; Ppis the

partial pressure of gas B; P¢ is the partial pressure of gas C; and so on.

450 kPa 1350 kPa

— |® o
Total pressure .
combined ® o= b

Figure 2.5.1. If equal-volume cylinders containing gas A at a pressure of 300 kPa, gas B at a pressure of
600 kPa, and gas C at a pressure of 450 kPa are all combined in the same-size cylinder, the total pressure of the
mixture is 1350 kPa.
In this scenario of gas mixtures, volume and temperature are held constant because the gas are mixed

together in one container (same fixed volume) in the same surroundings (same temperature). In that case, the
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ideal gas equation can be rearranged to show that the pressure of a sample of gas is directly proportional to the

number of moles of gas present:

RT

P=n (7) = n X constant

Nothing in the equation depends on the zature of the gas—only the amount.
Hence, if we have, for example, a mixture of two ideal gases, 4 and B, we can write an expression for the total
pressure as:

RT BT RT
Prae = P4+ Pg=my (T} + ng (T) = (ny + ng) (?)

More generally, for a mixture of 7z component gases, the total pressure is given by

RT
Ptgr:(PI‘l‘Pz‘i‘Pg‘l“l‘Hl}(?)
T
p _Z (RT
mc-_ L ?)
=1

Mole Fractions of Gas Mixtures
The partial pressure of gas A is related to the total pressure of the gas mixture via its mole fraction
(X), a unit of concentration defined as the number of moles of a component of a solution divided by the total
number of moles of all components:

na

NTotal

PA = Xﬂ X PTDfaE where Xr.-; =

where Py, X4, and 74 are the partial pressure, mole fraction, and number of moles of gas A, respectively,
and 72754/ is the number of moles of all components in the mixture.
Example 2.5.1 — The Pressure of a Mixture of Gases
A 10.0 L vessel contains 2.50 x 10> mol of Hj, 1.00 x 10> mol of He, and 3.00 x 10~* mol of Ne
at 35 °C.
(a) What are the partial pressures of each of the gases?
(b) What is the total pressure in atmospheres?
Solution
(a) The gases behave independently, so the partial pressure of each gas can be determined

from the ideal gas equation, using P = nRT/ V.
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{250 % 107% mof JO0BZ06 & - arm - mal ™ - K-1(308 §)
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Pe = (200 = m I’."J||.'].:||.||H!|.';.I:|'ﬂ tn']h‘.‘ll wand ™! n\:_'j;:ﬂ'lH K1 — 758 % 107" arm

(b) The total pressure is given by the sum of the partial pressures:

Pr = Py, + Py + Py, = (100622 + 0.00253 + 0.00076) atm = 941 % 10-7 atm

Check Your Learning 2.5.1 — The Pressure of a Mixture of Gases
A 5.73 L flask at 25 °C contains 0.0388 mol of N, 0.147 mol of CO, and 0.0803
mol of Hy. What is the total pressure in the flask in atmospheres?
Answer
1.14 atm

Here is another example of this concept, but dealing with mole fraction calculations.

Example 2.5.2 — The Pressure of a Mixture of Gases

A gas mixture used for anesthesia contains 2.83 mol oxygen, Oy, and 8.41 mol nitrous oxide, N>O.

The total pressure of the mixture is 192 kPa.
(a) What are the mole fractions of O and N»O? What are the partial pressures of O and N,O?

Solution
Xy =—4
) =

The mole fraction is given by Mrotal and the partial pressure is Py = X4 % Pryzal.

For O,
g Mg, _ 2.83 mol — 0252
O norar (383 + 841)mol

and:

Po, = Xo X Protey = 0.252 x 192 kPa = 48.4 kPa

For N2O,

T, 8.41 mol

Xy, = = = 0.748
M T gt (2.83 + 8.41) mol

and:

Py, = Xy, X Proar = 0.748 x 192 kPa = 143.6 kPa

Check Your Learning 2.5.2 — The Pressure of a Mixture of Gases
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What is the pressure of a mixture of 0.200 g of H, 1.00 g of N, and 0.820 g of
Ar in a container with a volume of 2.00 L at 20°C?
Answer
1.87 atm
Collection of Gases over Water
The collection of gases over water by bubbling through it is one of the main reasons why we have to
learn and understand Dalton’s law of partial pressures. This simple way of collecting gases that do not react
with water involves capturing them in a bottle that has been filled with water and inverting into a dish filled
with water. The pressure of the gas inside the bottle can be made equal to the air pressure outside by raising
or lowering the bottle. When the water level is the same both inside and outside the bottle (Figure 2.5.2), the

pressure of the gas is equal to the atmospheric pressure, which can be measured with a barometer.

Collection flask

Collected gas

¥

Water

Reaction producing gas

Figure 2.5.2. When a reaction produces a gas that is collected above water, the trapped gas is a mixture of
the gas produced by the reaction and water vapour. If the collection flask is appropriately positioned to
equalize the water levels both within and outside the flask, the pressure of the trapped gas mixture will equal
the atmospheric pressure outside the flask (see the earlier discussion of manometers).

However, there is another factor we must consider when we measure the pressure of the gas by this
method. Liquids, including water, have a property of constantly evaporating into a vapour until the vapour
achieves a partial pressure characteristic of the substance and the temperature. This partial pressure is called a
vapour pressure. Water evaporates and there is always gaseous water (water vapour) above a sample of liquid
water. As a gas is collected over water, it becomes saturated with water vapour and the total pressure of the
mixture equals the partial pressure of the gas plus the partial pressure of the water vapour. The pressure of the
pure gas is therefore equal to the total pressure minus the pressure of the water vapour—this is referred to as the
“dry” gas pressure, that is, the pressure of the gas only, without water vapour. The vapour pressure of water,

which is the pressure exerted by water vapour in equilibrium with liquid water in a closed container, depends
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on the temperature (Figure 2.5.3); more detailed information on the temperature dependence of water vapour
can be found in Table 2.5.1 below Figure 2.5.3.

800
(760) [==—Napor pressure at{(100 °C)

600 /

@
5
w)
&
5 400
- /
5 /
o
S P4
200 7
-~
0
0 20 40 60 80 100

Temperature (°C)

Figure 2.5.3. The vapour pressure of water at sea level as a function of temperature.

Table 2.5.1. Vapour pressure of ice and water in various temperatures at sea level.
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Temperature Pressure Temperature Pressure Temperature Pressure
(°C) (Torr) (°C) (Torr) (°C) (Torr)
-10 1.95 18 15.48 30 31.82
-5 3.01 19 16.48 35 41.18
2 3.88 20 17.54 40 55.32
0 4.58 21 18.65 50 92.51
2 5.29 22 19.83 60 149.38
4 6.10 23 21.07 70 233.7
6 7.01 24 22.38 80 355.1
8 8.04 25 23.76 20 525.76
10 9.21 26 25.21 95 633.90
12 10.52 27 26.74 929 733.24
14 11.99 28 28.35 100.0 760.00
16 13.63 29 30.04 101.0 787.57

* CRC Handbook of Chemistry and Physics, 65th Edition. Cleveland, Ohio: CRC Press, 1984.

Example 2.5.3 — Pressure of a Gas Collected Over Water
If 0.200 L of argon is collected over water at a temperature of 26 °C and a pressure of 750 Torr in a
system like that shown in Figure 2.5.2, what is the partial pressure of argon?
Solution
According to Dalton’s law, the total pressure in the bottle (750 Torr) is the sum of the partial
pressure of argon and the partial pressure of gaseous water:
Pr=Ppr+ PH20
Rearranging this equation to solve for the pressure of argon gives:

Ppr= Pr - P20
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The pressure of water vapour above a sample of liquid water at 26 °C is about 25.2 Torr
(Appendix F), so:
Pp, =750 Torr — 25.2 Torr = 725 Torr

Check Your Learning 2.5.3 — Pressure of a Gas Collected Over Water
A sample of oxygen collected over water at a temperature of 29.0 °C and a
pressure of 764 Torr has a volume of 0.560 L. What volume would the dry
oxygen have under the same conditions of temperature and pressure?

Answer:

0.583 L
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Food/Drink Application — Carbonated Beverages

Carbonated beverages—sodas, beer, sparkling wines—have one thing in common: they have CO; gas dissolved
in them in such sufficient quantities that it affects the drinking experience. Most people find the drinking
experience pleasant—indeed, in Canada alone in 2016, about 1/4 of those S to 19 years of age reported daily
consumption of sugary drinks. Research shows that soda, energy and sports drinks are the top calorie source
among North Americans ages 12 to 50.

All carbonated beverages are made in one of two ways. First, the flat beverage is subjected to a high pressure of
CO2 gas, which forces the gas into solution. The carbonated beverage is then packaged in a tightly sealed package
(usually a bottle or a can) and sold. When the container is opened, the CO; pressure is released, resulting in the
well-known hiss, and CO2 bubbles come out of solution (Figure 2.5.4). This must be done with care: if the CO2
comes out too violently, a mess can occur!

Figure 2.5.4. If you are not careful opening a container of a carbonated beverage, you can make a mess as
the CO2 comes out of solution suddenly. Source: “Champagne uncorking” by Niels Noordhoek is licensed
under the Creative Commons Attribution-Share Alike 3.0 Unported license.

The second way a beverage can become carbonated is by the ingestion of sugar by yeast, which then generates
CO3 as a digestion product. This process is called fermentation. The overall reaction is:

CeH120¢(ag) — 2 CoHsOH (ag) + 2 CO; (ag)

When this process occurs in a closed container, the CO2 produced dissolves in the liquid, only to be released
from solution when the container is opened. Most fine sparkling wines and champagnes are turned into
carbonated beverages this way. Less-expensive sparkling wines are made like sodas and beer, with exposure to high
pressures of CO2 gas.

Source: Heart and Stroke Foundation.

Questions

% Questions

1. A cylinder of O3 (g) used in breathing by emphysema patients has a volume of 3.00 L at a pressure of 10.0
atm. If the temperature of the cylinder is 28.0 °C, what mass (in grams) of oxygen is in the cylinder?

2. What is the molar mass (in g-mol'l) of a gas if 0.0494 g of the gas occupies a volume of 0.100 L at a

temperature 26 °C and a pressure of 307 Torr?
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3. How could you show experimentally that the molecular formula of propene is C3Hg, not CHj?

4. The density of a certain gaseous fluoride of phosphorus is 3.93 g/L at STP (where P = 1.00 bar, 7= 273.15
K, 1 mole =22.7 L). Calculate the molar mass (in g-mol'l) of this fluoride and determine its molecular formula.

S. What is the molecular formula of a compound that contains 39% C, 45% N, and 16% H if 0.157 g of the
compound occupies 125 mL with a pressure of 99.5 kPa at 22 °C?

6. A cylinder of a gas mixture used for calibration of blood gas analyzers in medical laboratories contains
5.0% CO2, 12.0% O2, and the remainder Ny at a total pressure of 146 atm. What is the partial pressure (in bars)
of each component of this gas? (The percentages given indicate the percent of the total pressure that is due to
each component.)

7. A sample of gas isolated from unrefined petroleum contains 90.0% CHy, 8.9% CoHg, and 1.1% C3Hg
at a total pressure of 307.2 kPa. What is the partial pressure (in bars) of each component of this gas? (The
percentages given indicate the percent of the total pressure that is due to each component.)

8. A mixture of 0.200 g of H», 1.00 g of N, and 0.820 g of Ar is stored in a closed container at STP (where
P =1.00 bar, "= 273.15 K, 1 mole = 22.7 L). Find the volume of the container (in litres), assuming that the
gases exhibit ideal behavior.

9. Calculate the volume (in litres) of oxygen required to burn 12.00 L of ethane gas, CoHg, to produce
carbon dioxide and water, if the volumes of CoHg and O; are measured under the same conditions of
temperature and pressure.

10. Methanol, CH30H, is produced industrially by the following reaction:

CO (g)+2H (g) — CH30H (g) (using a copper catalyst 300 °C, 300 atm)

Assuming that the gases behave as ideal gases, find the ratio of the total volume of the reactants to the final
volume.

11. A 2.50-L sample of a colorless gas at STP decomposed to give 2.50 L of N and 1.25 L of O at STP.
What is the colorless gas?

% % Questions

12. Ethanol, CoHsOH, is produced industrially from ethylene, CoHy, by the following sequence of
reactions:

3 CoH4 + 2 HySO4 — CoHsHSO4 + (CoHs)2SO4
CoHsHSO4 + (C2Hs)2SO4 + 3 H)O — 3 CoHsOH + 2 HySOy4

What volume (in litres) of ethylene at STP (where P = 1.00 bar, T = 273.15 K, 1 mole = 22.7 L) is required
to produce 1.000 metric ton (1000 kg) of ethanol if the overall yield of ethanol is 90.1%?

%% % Questions

13. A sample of a compound of xenon and fluorine was confined in a bulb with a pressure of 18 Torr.
Hydrogen was added to the bulb until the pressure was 72 Torr. Passage of an electric spark through the
mixture produced Xe and HF. After the HF was removed by reaction with solid KOH, the final pressure of
xenon and unreacted hydrogen in the bulb was 36 Torr. What is the empirical formula of the xenon fluoride in

the original sample? (Note: Xenon fluorides contain only one xenon atom per molecule.)
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Answers

1.388¢

2.30.0 gmol ™"

3. By doing an elevation in boiling point and a depression of freezing point as an experiment, one can find
the exact molecular mass. As a result of that, the difference between propene and CH> can be determined.

4.88.1 g mol '; PF3

5. (a) With the given percent compositions, one can assume a mass of 40 g C, 45 g N and 16 g H. Using
this information, the empirical formula can be obtained by finding the moles of each atom making up the
compound. From there, divide each mole value by the smallest amount of moles to get the makeup of the
empirical formula. Calculate the molecular mass of the empirical formula based on its makeup as well as the
molecular mass for the molecular formula with the given values in the question. Divide the molecular formula’s
molecular mass by one of the one from the empirical formula. That ratio will determine if the makeup must
be multiplied by that factor in order to determine the molecular formula.; (b) CNHs

6.COy=7atm, Oy =18 atm, Ny = 120 atm

7.CHy: 276 kPa; CoHg: 27 kPa; C3Hg: 3.4 kPa

8. 1.87 atm

9.42.00L

10. 3 : 1, if stoichiometric amounts are used

11. N,O

12.5.40 x 10° L

13. XeF»



2.6 - KINETIC-MOLECULAR THEORY OF
GASES (IDEAL GAS BEHAVIOURS)

The gas laws that we have seen to this point, as well as the ideal gas equation, are empirical, that is,
they have been derived from experimental observations. The mathematical forms of these laws closely describe
the macroscopic behavior of most gases at lower pressures (ze. less than 1 or 2 atm). Although the gas laws
describe relationships that have been verified by many experiments, they do not tell us why gases follow these
relationships.

The kinetic molecular theory (KMT) is a simple microscopic model that effectively explains the
gas laws described in previous modules of this chapter. This theory is based on the following five postulates
described here. (Note: The term “molecule” will be used to refer to the individual chemical species that

compose the gas, although some gases are composed of atomic species, for example, the noble gases.)

1. Gases are composed of molecules that are in continuous motion, travelling in straight lines and changing
direction only when they collide with other molecules or with the walls of a container.

2. The molecules composing the gas are negligibly small compared to the distances between them.

3. The pressure exerted by a gas in a container results from collisions between the gas molecules and the
container walls.

4. Gas molecules exert no attractive or repulsive forces on each other or the container walls; therefore, their
collisions are elastic (do not involve a loss of energy).

5. The average kinetic energy of the gas molecules is proportional to the kelvin temperature of the gas.
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Figure 2.6.1. Visualizing molecular motion. Molecules of a gas are in constant motion and collide with
one another and with the container wall.

The test of the KMT and its postulates is its ability to explain and describe the behavior of a gas. The
various gas laws can be derived from the assumptions of the KMT, which have led chemists to believe that
the assumptions of the theory accurately represent the properties of gas molecules. We will first look at the
individual gas laws (Boyle’s, Charles’s, Amontons’s, Avogadro’s, and Dalton’s laws) conceptually to see how
the KMT explains them. Then, we will more carefully consider the relationships between molecular masses,
speeds, and kinetic energies with temperature, and explain Graham’s law.

The Kinetic-Molecular Theory Explains the Behavior of Gases, Part I

Recalling that gas pressure is exerted by rapidly moving gas molecules and depends directly on the

number of molecules hitting a unit area of the wall per unit of time, we see that the KM T conceptually explains

the behavior of a gas as follows:

* Amontons’s/Gay-Lussac’s law. If the temperature is increased, the average speed and kinetic energy of the
gas molecules increase. If the volume is held constant, the increased speed of the gas molecules results in
more frequent and more forceful collisions with the walls of the container, therefore increasing the
pressure (Figure 2.6.2(a)).

* Charles’s law. If the temperature of a gas is increased, a constant pressure may be maintained only if the
volume occupied by the gas increases. This will result in greater average distances traveled by the
molecules to reach the container walls, as well as increased wall surface area. These conditions will
decrease both the frequency of molecule-wall collisions and the number of collisions per unit area, the
combined effects of which balance the effect of increased collision forces due to the greater kinetic energy
at the higher temperature.

* Boyle’s law. If the gas volume is decreased, the container wall area decreases and the molecule-wall
collision frequency increases, both of which increase the pressure exerted by the gas (Figure 2.6.2(b)).

* Avogadro’s law. At constant pressure and temperature, the frequency and force of molecule-wall
collisions are constant. Under such conditions, increasing the number of gaseous molecules will require
a proportional increase in the container volume in order to yield a decrease in the number of collisions
per unit area to compensate for the increased frequency of collisions (Figure 2.6.2(c)).

* Dalton’s Law. Because of the large distances between them, the molecules of one gas in a mixture
bombard the container walls with the same frequency whether other gases are present or not, and the

total pressure of a gas mixture equals the sum of the (partial) pressures of the individual gases.
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e
Baseline ”” Baseline Volume decreased Baseline Increased gas
HEAT

Volume constant Wall area decreased More gas molecules added
= Increased pressure = Increased pressure = Increased volume

Temperature increased J { Volume decreased } { Container pressure constant }

Amonton's law Boyle's law Avogadro’s law

@ (b) ©

Figure 2.6.2. (a) When gas temperature increases, gas pressure increases due to increased force and
frequency of molecular collisions. (b) When volume decreases, gas pressure increases due to increased
frequency of molecular collisions. (c) When the amount of gas increases at a constant pressure, volume
increases to yield a constant number of collisions per unit wall area per unit time.

Molecular Velocities and Kinetic Energy

The previous discussion showed that the KMT qualitatively explains the behaviors described by the
various gas laws. The postulates of this theory may be applied in a more quantitative fashion to derive these
individual laws. To do this, we must first look at velocities and kinetic energies of gas molecules, and the
temperature of a gas sample.

In a gas sample, individual molecules have widely varying speeds; however, because of the vast number
of molecules and collisions involved, the molecular speed distribution and average speed are constant. This
molecular speed distribution is known as a Maxwell-Boltzmann distribution, and it depicts the relative
numbers of molecules in a bulk sample of gas that possesses a given speed (Figure 2.6.3.).
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Figure 2.6.3. The molecular speed distribution for oxygen gas at 300 K is shown here. Very few molecules

move at either very low or very high speeds. The number of molecules with intermediate speeds increases
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rapidly up to a maximum, which is the most probable speed, then drops oft rapidly. Note that the most
probable speed, Vps s 2 little less than 400 m/s, while the root mean square speed, #ms, is closer to 500 m/s.

The kinetic energy (£) of a particle of mass (72) and speed (#) is given by:

E_l
k—zmu

2

Equation 2.6.1Kinetic Energy to velocity and mass
Expressing mass in kilograms and speed in meters per second will yield energy values in units of joules
(J=kg m” s_z). To deal with a large population of gas molecules, we use zverages for both speed and kinetic
energy. In the KMT, the root mean square speed of a particle, #yms, is defined as the square root of the

average of the squares of the velocities with 7 = the number of particles:

ui +us +us +ujt...
N 2 _
u?"]‘i‘l.ﬁ' o u 1

[

Equation 2.6.2 Root mean square of a particle
Note that this value is mathematically different from the gas population’s arithmetic mean, and also does
not correspond to the most probable molecular speed (vp).
The average kinetic energy for a mole of particles, £j, avg 1 then equal to (where A1 is the average mass

of the particles, expressed in kilograms):

— 2
Ek avg — EMurms

Equation 2.6.3 Average kinetic energy fo a mole of particles
The Ej4y0 of 2 mole of gas molecules is also directly proportional to the temperature of the gas and may

be described by the equation (to extend your learning, check out the derivation for Eg,y, here):

3
Exavg = 5 RT

Equation 2.6.4 Average Kinetic Energy to temperature
where R is the gas constant and 7'is the kelvin temperature. When used in this equation, the appropriate
form of the gas constant is 8.314 J/mol-K (8.314 kg mzs_zmol_lK_l). These two separate equations for Eg,yg

may be combined and rearranged to yield a relation between molecular speed and temperature:


https://www.khanacademy.org/science/physics/thermodynamics/laws-of-thermodynamics/v/proof-u-3-2-pv-or-u-3-2-nrt
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1

5 3
EMurms = ERT
3RT
Urms = ™

Equation 2.6.5 Molecular Speed vs Temperature
Example 2.6.1 — Calculation of #,ms
Calculate the root-mean-square velocity for a nitrogen molecule at 30 °C.
Solution
Convert the temperature into Kelvin:
30 C+273=303K

Determine the molar mass of nitrogen in kilograms:

280g 1lkg
1mol 1000 g

= 0.028 kg /mol

Replace the variables and constants in the root-mean-square velocity equation, replacing

Joules with the equivalent kg m?s %

3RT

m

urms

T
(W14 [ imol- K303 K) —

. - I L L= bri e a Leg=2 — EqC 3

Uprms N [0.028 kg/mel) VATD R 100 mes 519 m/s

Check Your Learning 2.6.1 — Calculation of 2,y
Calculate the root-mean-square velocity for a mole of oxygen molecules at -23 °C.
Answer
441 m/s
If the temperature of a gas increases, its Epavg increases, more molecules have higher speeds and fewer
molecules have lower speeds, and the distribution spreads out toward higher speeds overall, that is, to the right
(note that the curve always passes through the origin, meaning there are always some slow-moving particles).
If temperature decreases, Epavg decreases, more molecules have lower speeds and fewer molecules have higher
speeds, and the distribution shifts toward lower speeds overall, that is, to the left. This behaviour is illustrated

for nitrogen gas in Figure 2.6.4.
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Figure 2.6.4.The molecular speed distribution for nitrogen gas (N3) shifts to the right and flattens as the

temperature increases; it shifts to the left and heightens as the temperature decreases.

At a given temperature, all gases have the same Etavg for their molecules. Gases composed of lighter

molecules have more high-speed particles and thus a greater #,,,,, with a speed distribution that peaks at

relatively higher velocities. Gases consisting of heavier molecules have more low-speed particles, a lower #,,;,

and a speed distribution that peaks

at relatively lower velocities. This trend is demonstrated by the data for a

series of noble gases shown in Figure 2.6.5.
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Figure 2.6.5. Molecular velocity is directly related to molecular mass. At a given temperature, lighter

molecules move faster on average than heavier molecules.

The gas simulator may be used to examine the effect of temperature on molecular velocities. Examine

the simulator’s “energy histograms” (molecular speed distributions) and “species information” (which gives

average speed values) for molecules of different masses at various temperatures.

Questions

% Questions


http://openstax.org/l/16MolecVelocity
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1. Using the postulates of the kinetic molecular theory, explain why a gas uniformly fills a container of any
shape.

2. Can the speed of a given molecule in a gas double at constant temperature? Explain your answer.

3. Describe what happens to the average kinetic energy of ideal gas molecules when the conditions are
changed as follows:

a. The pressure of the gas is increased by reducing the volume at constant temperature.

b. The pressure of the gas is increased by increasing the temperature at constant volume.

c. The average velocity of the molecules is increased by a factor of 2.

4. What is the ratio of the average kinetic energy of a SO molecule to that of an Oy molecule in a mixture
of two gases? What is the ratio of the root mean square speeds, #pms, of the two gases?
5. A 1-L sample of CO initially at STP is heated to 546 K, and its volume is increased to 2 L.

a. What effect do these changes have on the number of collisions of the molecules of the gas per unit
area of the container wall?

b. What is the effect on the average kinetic energy of the molecules?

c. What is the effect on the root mean square speed of the molecules?

6. The root mean square speed of Hy molecules at 25 °C is about 1.6 km/s. What is the root mean square
speed of a N2 molecule at 25 °C?

% % Questions

7. Answer the following questions about a hot air balloon:

a. Is the pressure of the gas in the hot air balloon shown at the opening of this chapter greater than,
less than, or equal to that of the atmosphere outside the balloon?

b. Is the density of the gas in the hot air balloon shown at the opening of this chapter greater than,
less than, or equal to that of the atmosphere outside the balloon?

c. At a pressure of 1 atm and a temperature of 20 °C, dry air has a density of 1.2256 g/L. What is the
(average) molar mass of dry air?

d. The average temperature of the gas in a hot air balloon is 1.30 x 10? °F. Calculate its density,
assuming the molar mass equals that of dry air.

e. The lifting capacity of a hot air balloon is equal to the difference in the mass of the cool air displaced
by the balloon and the mass of the gas in the balloon. What is the difference in the mass of 1.00 L of the
cool air in part (c) and the hot air in part (d)?

f. An average balloon has a diameter of 60 feet and a volume of 1.1 x 10° fc. What is the lifting power
of such a balloon? If the weight of the balloon and its rigging is 500 pounds, what is its capacity for
carrying passengers and cargo?

g. A balloon carries 40.0 gallons of liquid propane (density 0.5005 g/L). What volume of CO; and
H>O gas is produced by the combustion of this propane?

h. A balloon flight can last about 90 minutes. If all of the fuel is burned during this time, what is the

approximate rate of heat loss (in kJ/min) from the hot air in the bag during the flight?
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8. Show that the ratio of the rate of diffusion of Gas 1 to the rate of diffusion of Gas 2, Rl/ R2, is the same at
0°C and 100 °C.

Answers

1. Gases are composed of molecules that are in continuous motion, travelling in straight lines only deviating
once colliding with other molecules. The pressure exerted by a gas in a container results from collisions between
the gas molecules and the walls. The gas molecules are negligibly small in comparison to the distances between
them.

2. Yes. At any given instant, there are a range of values of molecular speeds in a sample of gas. Any single
molecule can speed up or slow down as it collides with other molecules. The average velocity of all the
molecules is constant at constant temperature.

3. (a) Average kinetic energy remains unchanged, (b) P increase leads to average kinetic energy increase, (c)
velocity doubled leads to a quadruple in kinetic energy

4. (a) The ratio of average kinetic energies is 1, (b) 0.71

5. (a) The number of collisions per unit area of the container wall is constant. (b) The average kinetic energy
doubles. (c) The root mean square speed increases to sqrt(2) times its initial value; #,,; is proportional to
sqrt(E/m,,g).

6.(a) 1.92 km/s

7. (2) equal; (b) less than; (c) 29.48 g mol™; (d) 1.0966 g L™'; (e) 0.129 g/L; (f) 4.01 x 10> g; net lifting

capacity = 384 1b; (g) 270 L; (h) 39.1 kJ min ™"
1

a=—
g Vm

only mass and not temperature. Hence the rate of diffusion will remain constant at different temperatures.

, assume a system of Gas 1 and Gas 2 with masses 727 and m, rate of diffusion is dependent on



2.7 — DIFFUSION AND EFFUSION

You're hanging out with your friends waiting for a pizza to arrive. The doorbell rings, and one of your
[friends gets up to open the door and receive the piping hot goodness. Just several seconds after and perbaps even
before the door opens, you can already smell its amazing aroma. The quick speed at which the aroma propagates
from the door to your nose is due to the nature of gases — gaseous molecules can quickly spread throughout a room.
In this section, we discuss the process of diffusion and effusion of gases as an application of the KMT.
Diffusion
Although gaseous molecules travel at tremendous speeds (hundreds of meters per second), they collide with
other gaseous molecules and travel in many different directions before reaching the desired target. At room
temperature, a gaseous molecule will experience billions of collisions per second. The mean free path is the
average distance a molecule travels between collisions. The mean free path increases with decreasing pressure;
in general, the mean free path for a gaseous molecule will be hundreds of times the diameter of the molecule.
In general, we know that when a sample of gas is introduced to one part of a closed container, its
molecules very quickly disperse throughout the container; this process by which molecules disperse in space
in response to differences in concentration is called diffusion (shown in Figure 2.7.1). The gaseous atoms
or molecules are, of course, unaware of any concentration gradient, they simply move randomly—regions of
higher concentration have more particles than regions of lower concentrations, and so a net movement of
species from high to low concentration areas takes place. In a closed environment, diffusion will ultimately
result in equal concentrations of gas throughout, as depicted in Figure 2.7.1. The gaseous atoms and molecules
continue to move, but since their concentrations are the same in both bulbs, the rates of transfer between the

bulbs are equal (no #et transfer of molecules occurs).

Ha 02

Some time after
Stopcock closed Stopcock open Stopcock open

(@ (b) ©)

Figure 2.7.1. (a) Two gases, Hp and O, are initially separated. (b) When the stopcock is opened, they mix
together. The lighter gas, Hy, passes through the opening faster than O, so just after the stopcock is opened,
more Hy molecules move to the O3 side than O molecules move to the Hj side. (c) After a short time, both
the slower-moving Oz molecules and the faster-moving Ha molecules have distributed themselves evenly on

both sides of the vessel.
We are often interested in the rate of diffusion, the amount of gas passing through some area per

unit time:


https://cnx.org/contents/havxkyvS@12.1:jlhuvByn@6/Effusion-and-Diffusion-of-Gases
https://cnx.org/contents/havxkyvS@12.1:jlhuvByn@6/Effusion-and-Diffusion-of-Gases
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. . amount of gas passing through on area
rate of dif fusion = - -
umnit of time

Equation 2.7.1 Rate of Diffusion

The diffusion rate depends on several factors: the concentration gradient (the increase or decrease in
concentration from one point to another); the amount of surface area available for diffusion; and the distance
the gas particles must travel. Note also that the time required for diffusion to occur is inversely proportional to
the rate of diffusion, as shown in the rate of diffusion equation.

Effusion

A process involving movement of gaseous species similar to diffusion is effusion, the escape of gas molecules
through a tiny hole such as a pinhole in a balloon into a vacuum (EFigure 2.7.2). Although diffusion and
effusion rates both depend on the molar mass of the gas involved, their rates are not equal; however, the ratios

of their rates are the same.

0 °

°®° » o .. .
Qe ® 00 A ee o0 °

e © Lahe

® e o » .—‘ -V'.
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°

L) » d oo

Diffusion Effusion

Figure 2.7.2. Diftusion occurs when gas molecules disperse throughout a container. Effusion occurs when
a gas passes through an opening that is smaller than the mean free path of the particles, that is, the average
distance traveled between collisions. Effectively, this means that only one particle passes through at a time.
If two gases of differing particle masses are placed into separate enclosed chambers, each with a wall
containing a single pinhole, both gases will gradually effuse through the small opening in the wall. However,
the lighter gas passes through the small opening more rapidly (at a higher rate) than the heavier one (Figure
2.7.3). In 1832, Thomas Graham studied the rates of effusion of different gases and formulated Graham’s law

of effusion: The rate of effusion of a gas is inversely proportional to the square root of the mass of its particles:

1
rate of ef fusion « —

VM

Equation 2.7.2 Rate of effusion
This means that if two gases A and B are at the same temperature and pressure, the ratio of their effusion

rates is inversely proportional to the ratio of the square roots of the masses of their particles:

rate of ef fusionof A /Mg
rate of ef fusionof B~ /M,



https://cnx.org/contents/havxkyvS@12.1:jlhuvByn@6/Effusion-and-Diffusion-of-Gases
https://cnx.org/contents/havxkyvS@12.1:jlhuvByn@6/Effusion-and-Diffusion-of-Gases
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Note that, when Graham’s Law is used in this form, you can use molar masses expressed in either kg/mol or

g/mol, as the units will cancel one another. Similarly, other units which are directly proportional to the gas’s
mass, such as density, can also be used.

Pinhole

Pinhole
L' |
a v
—_— RS B «— .
-~ v 4 v
v ) L g
L2 »
|
Helium (He) Evacuated Ethylene oxide Evacuated
chamber (C,H,0) chamber

Figure 2.7.3. The lighter He atoms (M = 4.00 g/mol) effuse through the small hole more rapidly than the
heavier ethylene oxide (CoH40) molecules (M = 44.0 g/mol), as predicted by Graham’s law.
The Kinetic-Molecular Theory Explains the Behavior of Gases, Part II
According to Graham’s law (discussed next in this section), the molecules of a gas are in rapid motion
and the molecules themselves are small. The average distance between the molecules of a gas is large compared
to the size of the molecules. As a consequence, gas molecules can move past each other easily and diffuse at
relatively fast rates. The rate of effusion of a gas depends directly on the (average) speed of its molecules:
effusion & #,m;

Using this relation, and the equation relating molecular speed to mass, Graham’s law may be easily
derived as shown here:

3RT

Urms = 7
B 3RT B 3RT
u?%ms u_z

ef fusionrate B~ u,,m,“g

31'?
effusionrate A Uy 4 Mg
M,

The ratio of the rates of effusion is thus derived to be inversely proportional to the ratio of the square
roots of their masses. This is the same relation observed experimentally and expressed as Graham’s law. Check

out this video to better visualize rates of effusion.

Example 2.7.1 — Applying Graham’s Law to Rates of Effusion


https://www.youtube.com/watch?v=nqaNyvLKYdo
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Calculate the ratio of the rate of effusion of hydrogen to the rate of effusion of oxygen, using
a) molar masses; and b) gas densities.
Solution

Using Graham’s Law and applying molar masses:

rate of ef fusion of kydrogen 32 g - mol~! V16 4
1

e —— —

rate of ef fusion of oxvgen J2g-mol™1 V1

The densities of oxygen and hydrogen at STP are 1.43 g/L and 0.0899 g/L,
respectively. Recalculating Graham’s Law with densities gives the identical

numerical result:

rate af ef fusion of kvdrogen 143 g- L1 1.20 4
rate of ef fusion of oxygen JO0899 g - L T 0a00 1

Hydrogen effuses four times as rapidly as oxygen.
Check Your Learning 2.7.1 — Applying Graham’s Law to Rates of Effusion
At a particular pressure and temperature, nitrogen gas effuses at the rate of 79 mL/s. Using
the same apparatus at the same temperature and pressure, at what rate will sulfur dioxide effuse?
Answer:
52 mL/s
Here’s another example, making the point about how determining times differs from determining
rates.
Example 2.7.2 — Effusion Time Calculations
Tt takes 243 s for 4.46 x 107> mol Xe to effuse through a tiny hole. Under the same
conditions, how long will it take 4.46 x 10~ mol Ne to effuse?
Solution
It is important to resist the temptation to use the times directly, and to remember how rate
relates to time as well as how it relates to mass. Recall the definition of rate of effusion:

amount of gas transferred
time

rate of ef fusion =

and combine it with Graham’s law:

rate of ef fusion of gas Xe My,
rate of ef fusion of gas Ne Mye

To get:
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amount of Xe transferred

time for Xe My,
amount of Ne transferred [M,,
time for Ne

Noting that amount of A = amount of B, and solving for time for Ne:

amount of Xe transferred

time for Xe _ time for Ne _ My,
amount of Ne transferred Time for Xe M.
time for Ne

and substitute values:

time for Ne 202 g - mol—?
£k =\] g ~ 0392

243 s 131.3 g - mol™?

Finally, solve for the desired quantity:

rate of ef fusion of unknown VMco,
rate of ef fusion of CO, T

Note that this answer is reasonable: Since Ne is lighter than Xe, the effusion rate for Ne will

be larger than that for Xe, which means the time of effusion for Ne will be smaller than that for

Xe.
Check Your Learning 2.7.2 — Effusion Time Calculations

A party balloon filled with helium deflates to 2/ 3 of its original volume in 8.0 hours. How

long will it take an identical balloon filled with the same number of moles of air (A4, = 28.2 g/

mol) to deflate to i 2 of its original volume?
Answer:
32h

Finally, here is one more example showing how to calculate molar mass from effusion rate data.

Example 2.7.3 — Determining Molar Mass Using Graham’s Law

An unknown gas effuses about 1.21 times more rapidly than CO,. What is the molar mass of

the unknown gas? Of the following 5 gases, which best fits the identity of the unknown gas??

Ne NO CHy4 CsHg
Solution

From Graham’s law, we have:
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rate of ef fusion of unknown v Mco,
rate of ef fusion of CO, T T

Plug in known data:

121 /Mg,
1 Wy Munknown

Solve:

44.0 g/mol
Myunknown = W = 30.0 g/mol

The molar masses of the five gaseous compounds listed are:
Ne CH4 NO Cs3Hg SO,
20.18g/mol  16.04g/mol  30.01g/mol  44.09g/mol  64.06 g/mol

Of the five compounds, NO, also known as nitric oxide, has a molar mass of 30.01 g/mol.

Hence, from the choices provided, the gas is NO.
Check Your Learning 2.7.3 — Determining Molar Mass Using Graham’s Law

Hydrogen gas effuses through a porous container 8.97-times faster than an unknown gas.
Estimate the molar mass of the unknown gas.
Answer
163 g/mol
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In Case You're Interested... Use of Diffusion for Nuclear Energy Applications: Uranium Enrichment

Gaseous diffusion has been used to produce enrlched uramum for use in nuclear power plants and weapons.
Naturally occurring uranium contains only 0.72% of 2 U the kind of uranium that is “ﬁssﬂe,” that is, capable
of sustaining a nuclear fission chain reaction. Nuclear reactors require fuel that is 2-5% U, and nuclear
bombs need even higher concentrations. One way to enrich uranium to the desired levels is to take advantage
of Graham’s law. In a gaseous diffusion enrichment plant, uranium hexafluoride (UFg, the only uranium
compound that is volatile enough to work) is slowly pumped through large cylindrical vessels called diffusers,
which contain porous barriers with mlcroscoplc openings. The process is one of diffusion because the other
side of the barrier is not evacuated. The SUF ¢ molecules have a higher average speed and diffuse through the
barrier a little faster than the heavier > UF6 molecules. The gas that has passed through the barrier is thus slightly
enrlched in 2% UFG and the residual gas is slightly depleted. The small difference in molecular weights between

3UF and *"UFg results in only about 0.4% enrichment per diffuser (Figure 2.7.4). But by connecting many
diffusers in a sequence of stages (called a cascade), the desired level of enrichment can be attained.

Higher speed >**UFg

High pressure X diffuses through barrier
feed tube Porous batrier faster than %8UFg

1 A ) Depleted “°UFg
D 6620000 5000 606 010.0,00 0,00 0060 h 0,0 ¢6|]00

uranium . .R ‘1 I’

hexafluoride o Enriched 225UFg

(UFeg)

Figure 2 7 4. In a diffuser, gaseous UFg is pumped through a porous barrier, which partially separates
= 5UFG from 2 UF6 The UFg must pass through man;/ large diffuser units to achieve sufficient enrichment in

The large-scale separation of gaseous UFG from > UF6 was first done during World War II, at the atomic
energy installation in Oak Ridge, Tennessee, as part of the Manhattan Project (the development of the first
atomic bomb). Although the theory is simple, this required surmounting many daunting technical challenges to
make it work in practice. The barrier must have tiny, uniform holes (about 10"® cm in diameter) and be porous
enough to produce high flow rates. All materials (the barrier, tubing, surface coatings, lubricants, and gaskets)
need to be able to contain, but not react with, the highly reactive and corrosive UFg.

Because gaseous diffusion plants require very large amounts of energy (to compress the gas to the high
pressures required and drive it through the diffuser cascade, to remove the heat produced during compression,
and so on), it is now being replaced by gas centrifuge technology, which requires far less energy.

Questions

% Questions

1. A balloon filled with helium gas is found to take 6 hours to deflate to 50% of its original volume. How
long will it take (time) for an identical balloon filled with the same volume of hydrogen gas (instead of helium)
to decrease its volume by 50% (in hours)?

2. Explain why the numbers of molecules are not identical in the left- and right-hand bulbs shown in the
center illustration of Figure 2.7.1.

3. Starting with the definition of rate of effusion and Graham’s finding relating rate and molar mass, show
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how to derive the Graham’s law equation, relating the relative rates of effusion for two gases to their molecular
masses.

4. Heavy water, DO (molar mass =20.03 g mol_l), can be separated from ordinary water, HoO (molar mass
= 18.01), as a result of the difference in the relative rates of diffusion of the molecules in the gas phase. Calculate
the relative rates of diffusion of H,O and D,O.

5. Which of the following gases diffuse more slowly than oxygen? F», Ne, N,O, CoH», NO, Clp, H,S

% % Questions

6. During the discussion of gaseous diffusion for enriching uranium, it was claimed that 235UF6 diffuses
0.4% faster than 238Ul:6. Show the calculation that supports this value. The molar mass of 23)SUFG =
235.043930 + 6 x 18.998403 = 349.034348 g/mol, and the molar mass of >°UFg = 238.050788 + 6 x
18.998403 = 352.041206 g/mol.

7. Calculate the relative rate of diffusion of le (molar mass 2.0 g/mol) compared to that of ZHZ (molar
mass 4.0 g/mol) and the relative rate of diffusion of Oy (molar mass 32 g/mol) compared to that of O3 (molar
mass 48 g/mol).

8. A gas of unknown identity diffuses at a rate of 83.3 mL/s in a diffusion apparatus in which carbon dioxide
diffuses at the rate of 102 mL/s. Calculate the molecular mass (g-mol'l) of the unknown gas.

9. When two cotton plugs, one moistened with ammonia and the other with hydrochloric acid, are
simultaneously inserted into opposite ends of a glass tube that is 87.0 cm long, a white ring of NH4CI forms
where gaseous NH3 and gaseous HCl first come into contact.

NHj3(g) + HCl (g) ? NH4Cl (s)

At approximately what distance from the ammonia moistened plug does this occur? (Hint: Calculate the
rates of diffusion for both NH3 and HCI, and find out how much faster NH3 diffuses than HCI.)

Answers

1. 4.2 hours

2. In the centre figure, it is seen that there is more H present on the right side versus the left side. The reason
for this is the rate of effusion. Hy has a faster rate of effusion in comparison to O3 as H has a smaller molecular
mass. This means that Hp will pass through the hole at a faster rate than O3 which creates that unequal particle
distribution seen in Figure 2.7.1.

3. Effusion can be defined as the process by which a gas escapes through a pinhole into a vacuum. Graham’s

1
(rate A) i (molar mass of B)E

rate B molar massof A

. Both A and B are in

the same container at the same temperature and therefore will have the same kinetic energy:

law states that with a mixture of two gases A and B:

Eya=Eyp Ep = Emvz

Therefore,
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1

2 1 2

~MyV,y = -MpgV

Tr

=105
4 72
5. F», N»O, Clp, H5S
6.

TlﬂfEESUFﬁ st
s ﬂf ZSﬁUFﬁ

MM of 23¢UFg
MM of 235UF,

riof *3UF; _ [352.041206 g-mol-1
5 of 236UF, 349.034348 g-mol-1

r of 235UF5 = 1.004 -, of 236UF6

7.1.451.2
8.65.99 g mol”
9.51.7 cm
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Thus far, the ideal gas law, PV = nRT, has been applied to a variety of different types of problems,
ranging from reaction stoichiometry and empirical and molecular formula problems to determining the
density and molar mass of a gas. As mentioned in the previous modules of this chapter, however, the behavior
of a gas is often non-ideal, meaning that the observed relationships between its pressure, volume, and
temperature are not accurately described by the gas laws. In this section, the reasons for these deviations from
ideal gas behavior are considered.

One way in which the accuracy of PV = nRT can be judged is by comparing the actual volume of 1
mole of gas (its molar volume, 77,) to the molar volume of an ideal gas at the same temperature and pressure.

This ratio is called the compressibility factor (Z) with:

molar volume of gas at same Tand P [Pl"m:l

maelar volume of ideal gas ot same T and P o —

Equation 2.8.1 Compressibility Factor
Ideal gas bebavior is therefore indicated when this ratio is equal to 1, and any deviation from 1 is an
indication of non-ideal behavior. Figure 2.8.1. shows plots of Z over a large pressure range for several common

gases.

2.0

y //
— N,
= CHy4
Ideal gas H,
1.0 0,
= CO,
0.5

\

Z (kPa)

0 T T T T T
0 200 400 600 800 1000

P (atm)

Figure 2.8.1. A graph of the compressibility factor (Z) vs. pressure shows that gases can exhibit significant
deviations from the behavior predicted by the ideal gas law. To examine this behaviour closer to the origin,
check out page 3 of the following lecture notes.

As is apparent from Figure 2.8.1., the ideal gas law does not describe gas behavior well at relatively high


https://chemistry.tcd.ie/assets/pdf/jf/2012-2013/MEGL%20JF%20Lecture%20Notes%201213/CH1101%20General%20and%20Physical%20Chemistry%20%202012%20%20Properties%20of%20Gases%20&%20Basic%20Thermodynamics%20L4%20handout.pdf

168 | 2.8 - REAL/NON-IDEAL GAS BEHAVIOURS

pressures. To determine why this is, consider the differences between real gas properties and what is expected
of a hypothetical ideal gas.

Particles of a hypothetical ideal gas have no significant volume and do not attract or repel each other.
In general, real gases approximate this behavior at relatively low pressures and high temperatures. However, at
high pressures, the particles of a gas are crowded closer together, and the amount of empty space between the
particles is reduced. At these higher pressures, the volume of the gas particles themselves becomes appreciable
relative to the total volume occupied by the gas (Figure 2.8.2.). The gas therefore becomes less compressible at
these high pressures, and although its volume continues to decrease with increasing pressure, this decrease is

not proportional as predicted by Boyle’s law.

Low pressure High pressure High pressure

Figure 2.8.2. Raising the pressure of a gas increases the fraction of its volume that is occupied by the gas
particles and makes the gas less compressible. Here, the increase in pressure is achieved by either (b) decreasing
the volume of the container or (c) increasing the amount of gas in the container. In both cases, deviations
from ideal behaviour may appear.

At relatively low pressures, gas particles have practically no attraction for one another because they are
(on average) so far apart, and they tend to behave like particles of an ideal gas. At higher pressures, however, the
force of attraction is also no longer insignificant. This force pulls the particles a little closer together, slightly
decreasing the pressure (if the volume is constant) or decreasing the volume (if the pressure is constant) (Figure
2.8.3.). This change is more pronounced at low temperatures because the particles have lower £} relative to the

attractive forces, and so they are less effective in overcoming these attractions after colliding with one another.
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Figure 2.8.3. (a) Attractions between gas particles serve to decrease the gas volume at constant pressure
compared to an ideal gas whose particles experience no attractive forces. (b) These attractive forces will
decrease the force of collisions between the particles and container walls, therefore reducing the pressure
exerted compared to an ideal gas.

There are several different equations that better approximate gas behavior than does the ideal gas law.
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The first, and simplest, of these was developed by the Dutch scientist Johannes van der Waals in 1879. The van
der Waals equation improves upon the ideal gas law by adding two terms: one correction factor to account

for the volume of the gas particles and another for the attractive forces between them.

2
PV = nRT —> [P + a\/iz] (V = nb) = nRT

Correction for
Correction for volume of molecules
molecular attraction

Equation 2.8.2 Van der Waals
The constant « corresponds to the strength of the attraction between particles of a particular gas, and

the constant & corresponds to the size of the particles of a particular gas. The correction to the pressure term
2
nZa

in the ideal gas law is v , and the correction to the volume is #6. Note that when V'is relatively large and #
is relatively small, both of these correction terms become negligible, and the van der Waals equation reduces to
the ideal gas law, PV'=nRT. Such a condition corresponds to a gas in which a relatively low number of particles
is occupying a relatively large volume, that is, a gas at a relatively low pressure. Experimental values for the van

der Waals constants of some common gases are given in Table 2.8.1.

Values of van der Waals Constants for Some Common Gases

Gas a (L2 atm/molz) b (L/mol)
N> 1.39 0.0391
O, 1.36 0.0318
CO, 3.59 0.0427
H>O 5.46 0.0305
He 0.0342 0.0237
CCly 20.4 0.1383

Table 2.8.1 Van der Waals constants. For more van der Waals constants, follow the following link.
At low pressures, the correction for intermolecular attraction, «, is more important than the one for
molecular volume, . At high pressures and small volumes, the correction for the volume of the particles

becomes important because the particles themselves are incompressible and constitute an appreciable fraction


https://chem.libretexts.org/Ancillary_Materials/Reference/Reference_Tables/Atomic_and_Molecular_Properties/A8%3A_van_der_Waal's_Constants_for_Real_Gases
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of the total volume. At some intermediate pressure, the two corrections have opposing influences and the gas
appears to follow the relationship given by PV"= nR T over a small range of pressures. This behavior is reflected
by the “dips” in several of the compressibility curves shown in Figure 2.8.4. The attractive force between
particles initially makes the gas more compressible than an ideal gas, as pressure is raised (Z decreases with
increasing P). At very high pressures, the gas becomes less compressible (Z increases with P), as the gas particles

begin to occupy an increasingly significant fraction of the total gas volume.

a) b)
2.0 H /
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— N2
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N §—/ - 0,
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0 T T T T T
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Figure 2.8.4. A graph of the compressibility factor (Z) vs. pressure shows that gases can exhibit significant
deviations from the behavior predicted by the ideal gas law. a) shows where intermolecular attraction (2) most
impacts the ideal gas equation, and b) shows where particle volume () most impacts the ideal gas equation

Strictly speaking, the ideal gas equation functions well when intermolecular attractions between gas
particles are negligible and the gas particles themselves do not occupy an appreciable part of the whole volume.
These criteria are satisfied under conditions of low pressure and high temperature. Under such conditions,
the gas is said to behave ideally, and deviations from the gas laws are small enough that they may be
disregarded—this is, however, very often not the case.

Example 2.8.1 — Comparison of Ideal Gas Law and van der Waals Equation
A 4.25-L flask contains 3.46 mol CO; at 229 °C. Calculate the pressure of this sample of
COa:
(a) from the ideal gas law
(b) from the van der Waals equation
(c) Explain the reason(s) for the difference.
Solution
(a) From the ideal gas law:

ART (346 mol (009206 L arm omel ™" - K "E028) =
P= l_" = ey = %35 orm
Folaed L

(b) From the van der Waals equation:
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This finally yields P = 32.4 atm.
(c) This is not very different from the value from the ideal gas law because the pressure is not
very high and the temperature is not very low. The value is somewhat different because CO;
particles do have some volume and attractions between particles, and the ideal gas law assumes
they do not have volume or attractions.
Check your Learning 2.8.1 — Comparison of Ideal Gas Law and van der Waals
Equation

A 560-mL flask contains 21.3 g N at 145 °C. Calculate the pressure of N:

(a) from the ideal gas law

(b) from the van der Waals equation

(c) Explain the reason(s) for the difference.

Answer

(a) 46.562 atm; (b) 46.594 atm; (c) The van der Waals equation takes into account the volume

of the gas particles themselves as well as intermolecular attractions.
Questions
% Questions
1. Graphs showing the behavior of several different gases follow. Which of these gases exhibit behavior
significantly different from that expected for ideal gases?

Gas A Gas B

PV

Volume

n, P constant n, T constant

Temperature P
GasC Gas D
N \/ N
n, P constant
PV/RT PV/RT

GasF

n, P constant ﬁconsﬁam

Temperature Temperature

Volume
Pressure
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Explain why the plot of PV for CO, differs from that of an ideal gas.

22,6 CO,
CH,
T 225
E
S He
>
& y 4
22.4
\Ideal
gas
0 | >
0 1 2

Pressure (atm)

3. Under which of the following sets of conditions does a real gas behave most like an ideal gas, and for which
conditions is a real gas expected to deviate from ideal behavior? Explain.

a. high pressure, small volume
b. high temperature, low pressure

c. low temperature, high pressure
4. Describe the factors responsible for the deviation of the behavior of real gases from that of an ideal gas.

5. For which of the following gases should the correction for the molecular volume be largest: CO, COo,
H,, He, NH3, SFg?
6. A 0.245-L flask contains 0.467 mol CO2 at 159 °C. Calculate the pressure:
a. using the ideal gas law
b. using the van der Waals equation
c. Explain the reason for the difference.
d. Identify which correction (that for P or V) is dominant and why.

% % Questions
7. Answer the following questions:
a. If XX behaved as an ideal gas, what would its graph of Z vs. Plook like?
b. For most of this chapter, we performed calculations treating gases as ideal. Was this justified?
c. What is the effect of the volume of gas molecules on Z? Under what conditions is this effect small?

When is it large? Explain using an appropriate diagram.
d. What is the effect of intermolecular attractions on the value of Z? Under what conditions is this

effect small? When is it large? Explain using an appropriate diagram.
e. In general, under what temperature conditions would you expect Z to have the largest deviations

from the Z for an ideal gas?

Answers
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1. Gases C, E,and F

2. COy interacts intermolecularly with other molecules, and occupies a volume in space. Hence the CO»
molecules repel other molecules and create pressure through collisions, leading to a non linear relationship
between PV and P.

3. The gas behavior most like an ideal gas will occur under the conditions in (b). Molecules have high speeds
and move through greater distances between collisions; they also have shorter contact times and interactions
are less likely. Deviations occur with the conditions described in (a) and (c). Under conditions of (a), some gases
may liquefy. Under conditions of (c), most gases will liquefy.

4. An ideal gas is assumed to have no volume or intermolecular interaction. Molecules that portray real gas
behaviour show attraction between other molecules resulting in a deviation in ideal gas behaviour. Real gases
only show ideal behaviour at high temperatures and low pressures.

5. SFg

6.(a) 66.2 atm, (b) 60.5 atm, (c) van der Waals accounts for non ideal gas factors (repulsive forces and volume
occupation) that the ideal gas law does not account for, (d) The factor for pressure correction used in the van
der Waals is dominant in low pressure cases. At higher volumes, the pressure is higher as well.

7. (a) A straight horizontal line at 1.0; (b) When real gases are at low pressures and high temperatures they
behave close enough to ideal gases that they are approximated as such, however, in some cases, we see that at
a high pressure and temperature, the ideal gas approximation breaks down and is significantly different from
the pressure calculated by the ideal gas equation (c) The greater the compressibility, the more the volume
matters. At low pressures, the correction factor for intermolecular attractions is more significant, and the effect
of the volume of the gas molecules on Z would be a small lowering compressibility. At higher pressures, the
effect of the volume of the gas molecules themselves on Z would increase compressibility (d) Once again, at
low pressures, the effect of intermolecular attractions on Z would be more important than the correction
factor for the volume of the gas molecules themselves, though perhaps still small. At higher pressures and low

temperatures, the effect of intermolecular attractions would be larger. () low temperatures






CHAPTER 3






3.1 - INTRODUCTION TO
THERMOCHEMISTRY

Over 90% of the energy we use comes originally from the sun. Every day, the sun provides the earth
with almost 10,000 times the amount of energy necessary to meet all of the world’s energy needs for that day.
Our challenge is to find ways to convert and store incoming solar energy so that it can be used in reactions or
chemical processes that are both convenient and non-polluting. Plants and many bacteria capture solar energy
through photosynthesis. We release the energy stored in plants when we burn wood or plant products such
as ethanol. We also use this energy to fuel our bodies by eating food that comes directly from plants or from
animals that got their energy by eating plants. Burning coal and petroleum also releases stored solar energy:
These fuels are fossilized plant and animal matter.

This chapter will introduce the basic ideas of an important area of science concerned with the amount
of heat absorbed or released during chemical and physical changes—an area called thermochemistry. The
concepts introduced in this chapter are widely used in almost all scientific and technical fields. Food scientists
use them to determine the energy content of foods. Biologists study the energetics of living organisms, such as
the metabolic combustion of sugar into carbon dioxide and water. The oil, gas, and transportation industries,
renewable energy providers, and many others endeavour to find better methods to produce energy for our
commercial and personal needs. Engineers strive to improve energy efficiency, find better ways to heat and
cool our homes, refrigerate our food and drinks, and meet the energy and cooling needs of computers and
electronics, among other applications. Understanding thermochemical principles are essential for chemists,
physicists, biologists, geologists, every type of engineer, and just about anyone who studies or does any kind of
science.

What is Energy?

Energy can be defined as the capacity to produce heat or do work. One type of work (W) is the process of
causing matter to move against an opposing force. For example, we do work when we inflate a bicycle tire—we
move matter (the air in the pump) against the opposing force of the air already in the tire.

Like matter, energy comes in different types. One scheme classifies energy into two types: potential
energy, the energy an object has because of its relative position, composition, or condition, and kinetic
energy, the energy that an object possesses because of its motion. Water at the top of a waterfall or dam has
potential energy because of its position; when it flows downward through generators, it has kinetic energy that
can be used to do work and produce electricity in a hydroelectric plant (Figure 3.1. 1). A battery has potential

energy because the chemicals within it can produce electricity that can do work.


https://cnx.org/contents/havxkyvS@12.1:B6X9tZ1p@15/Energy-Basics
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(b)

Figure 3.1.1. (a) Water that is higher in elevation, for example, at the top of Niagara Falls, has a higher
potential energy than water at a lower elevation. As the water falls, some of its potential energy is converted
into kinetic energy. (b) If the water flows through generators at the bottom of a dam, such as the Sir Adam

Beck Hydroelectric Generating Stations in Niagara Falls, Ontario, shown here, its kinetic energy is converted
into electrical energy. (credit a: Photo by Ivan Torres from Pexels ; credit b: Adam Beck Complex by Ontario
Power Generation has been modified (cropped) and is used under a CC BY 2.0 license.)

Energy can be converted from one form into another, but all of the energy present before a change
occurs always exists in some form after the change is completed. This observation is expressed in the law of
conservation of energy: during a chemical or physical change, energy can be neither created nor destroyed,
although it can be changed in form. (This is also one version of the first law of thermodynamics, as you will
learn later.)

When one substance is converted into another, there is always an associated conversion of one form of
energy into another. Heat is usually released or absorbed, but sometimes the conversion involves light, electrical
energy, or some other form of energy. For example, chemical energy (a type of potential energy) is stored in
sugar molecules like sucrose. When the sugar molecules react with O with the help of a reducing agent (e.g.
potassium chlorate, KClO3), the chemical reaction causes the chemical energy stored in the molecular bonds
to be released and converted into other forms of energy including heat (the combustion being an exothermic

process) and light (see the box “Gummy Bear Combustion”).


https://www.flickr.com/photos/7301137@N08/413709598
https://www.flickr.com/photos/ontariopowergeneration/
https://www.flickr.com/photos/ontariopowergeneration/
https://creativecommons.org/licenses/by/2.0/
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Gummy Bear Combustion

Check out this experimental demonstration video* where a gummy bear is combusted using molten potassium
chlorate as a reducing agent. The potassium chlorate is added and heated until it becomes molten (observed at
1:07). Notice what happens when the green gummy bear is added to the molten potassium chlorate at around
1:18.

* [C for Chemistry]. (2010, February 13). “Gummy Bear Experiment” with molten Potassium chlorate [Video
file]. Retrieved from https://www.youtube.com/watch?v=7Xu2YZzufTM

According to the law of conservation of matter (seen in an earlier chapter), there is no detectable
change in the total amount of matter during a chemical change. When chemical reactions occur, the energy
changes are relatively modest and the mass changes are too small to measure, so the laws of conservation of
matter and energy hold well. However, in nuclear reactions, the energy changes are much larger (by factors of
amillion or so), the mass changes are measurable, and matter-energy conversions are significant. To encompass
both chemical and nuclear changes, we combine these laws into one statement: The total quantity of matter
and energy in the universe is fixed.

Units of Energy

Historically, energy was measured in units of calories (cal). A calorie is the amount of energy required
to raise one gram of water by 1°C (1 kelvin). However, this quantity depends on the atmospheric pressure and
the starting temperature of the water. The ease of measurement of energy changes in calories has meant that
the calorie is still frequently used. The Calorie (with a capital C), or large/nutritional calorie, commonly used
in quantifying food energy content, is a kilocalorie (1 kcal), or 1000 cal (see the box “Measuring Nutritional
Calories if you're interested). The SI unit of heat, work, and energy is the joule. A joule (J) is defined as the
amount of energy used when a force of 1 newton moves an object 1 meter. It is named in honour of the English
physicist James Prescott Joule. One joule is equivalent to 1 kg mz/sz, which is also called 1 newton-meter. A
kilojoule (kJ) is 1000 joules. To standardize its definition, 1 calorie has been set to equal 4.184 joules.

1 calorie = 4.184 ]

A great deal of the problems you’ll be dealing with in this unit will express energy in joules, however,
it’s very important to remember how to convert between joules and calories. Despite the joule predominating
over time as the official SI unit for energy, the calorie unit is still extensively used in the industrial sector today
and a lot of tabulated data for compounds still expresses values in terms of calories. So be aware of what units

of energy you’re working with and have the ability to perform unit conversions when necessary.


https://www.youtube.com/watch?v=7Xu2YZzufTM
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Measuring Nutritional Calories

In your day-to-day life, you may be more familiar with energy being given in Calories, or nutritional calories,
which are used to quantify the amount of energy in foods. One calorie (cal) = exactly 4.184 joules, and one
Calorie (note the capitalization) = 1000 cal, or 1 keal. (This is approximately the amount of energy needed to
heat 1 kg of water by 1°C.)

The macronutrients in food are proteins, carbohydrates, and fats or oils. Proteins provide about 4 Calories
per gram, carbohydrates also provide about 4 Calories per gram, and fats and oils provide about 9 Calories/g.
Nutritional labels on food packages show the caloric content of one serving of the food, as well as the breakdown
into Calories from each of the three macronutrients (Figure 3.1. 2).

Sample label for
macaroni & cheese

Nutrition Facts

(@) start —s=|Serving Size 1 cup (228g)

here Servings Per Container 2
Check Amount Per Serving
Calories |Calories 250 Calories from Fat 110
9% Daily Value*
Total Fat 12g 18%
Limit Saturated Fat 3g 15% :
these Trans Fal 39 (&) Quick
nutrients |Cl 30mg 10% guide to
Sodium 470mg 2om| PV
Total Carbohydrates 31g 10% e
Dietary Fiber 0g 0% T
Sugars 59
Protein 5¢ *20% or
more is
® g:;“gh Vitamin A a%|  high
of these Vrta.mln C 2%
nutrients | Calcium 20%
Iron A%

@ Footnote | “Percent Dally Values are based on a 2,000
calorie diel.

“our Daily Values may be higher or lower
depending on your calorie needs.

Calories 2,000 2,500

Total Fat Lessthan 659 80g
Sal Fat Less than 209 259
Cholesterol Less than 300mg 300mg
Sodium Lessthan 2.400mg 2.400mg
Total Carbohydrate 300g 3759
Dietary Fiber 250 309

(b)

Figure 3.1.2 (a) Macaroni and cheese contain energy in the form of the macronutrients in the food. (b) The
food’s nutritional information is shown on the package label. In Canada (and the US), the energy content is
given in Calories; the rest of the world usually uses kilojoules. (credit a: modification of work by “Rex
Root”/Flickr)

For the example shown in (b), the total energy per 228-g portion is calculated by:

(5 g protein x 4 Calories/g) + (31 g carb x 4 Calories/g) + (12 g fat x 9 Calories/g) = 252 Calories

So, you can use food labels to count your Calories. But where do the values come from? And how accurate are
they? The caloric content of foods can be determined by using bomb calorimetry; that is, by burning the food
and measuring the energy it contains. A sample of food is weighed, mixed in a blender, freeze-dried, ground into
powder, and formed into a pellet. The pellet is burned inside a bomb calorimeter, and the measured temperature
change is converted into energy per gram of food (bomb calorimetry is covered in much more detail in the
section “Calorimetry”).

Today, the caloric content on food labels is derived using a method called the Atwater system that uses
the average caloric content of the different chemical constituents of food, protein, carbohydrate, and fats.
The average amounts are those given in the equation and are derived from the various results given by bomb
calorimetry of whole foods. The carbohydrate amount is discounted a certain amount for the fibre content,
which is an indigestible carbohydrate. To determine the energy content of food, the quantities of carbohydrate,
protein, and fat are each multiplied by the average Calories per gram for each and the products summed to obtain
the total energy.



https://cnx.org/contents/havxkyvS@12.1:DTZLZ76W@14/Calorimetry
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Energy in the Universe

Before we can begin to study and understand the flow of energy in the context of a chemical reaction, we
need to distinguish between a system, the small, well-defined part of the universe in which we are interested
(such as a chemical reaction), and its surroundings, which is the environment immediately around it (such
as the reaction vessel, the lab bench etc.). The universe is defined as everything, both the surroundings and
the system (Figure 3.1.3). In the discussion that follows, the mixture of chemical substances that undergoes a
reaction is always the system, and the flow of heat can be from the system to the surroundings or vice versa.

Figure 3.1.3. The system is that part of the universe we are interested in studying, such as a chemical
reaction inside a flask. The surroundings are the rest of the universe, including the container in which the

reaction is carried out.

L/l ) 4
/,/; / // 7
/ // // § // //,
System +  Surroundings = Universe

Three kinds of systems are important in chemistry. An open system can exchange both matter and energy
with its surroundings. A pot of boiling water is an open system because a burner supplies energy in the form
of heat, and matter in the form of water vapour is lost as the water boils. A closed system can exchange energy
but not matter with its surroundings. The sealed pouch of a ready-made dinner that is dropped into a pot
of boiling water is a closed system because thermal energy is transferred to the system from the boiling water
but no matter is exchanged (unless the pouch leaks, in which case it is no longer a closed system). An isolated
system exchanges neither energy nor matter with the surroundings. Energy is always exchanged between a
system and its surroundings, although this process may take place very slowly. A truly isolated system does not
actually exist. An insulated thermos containing hot coffee approximates an isolated system, but eventually, the
coffee cools as heat is transferred to the surroundings. In all cases, the amount of heat lost by a system is equal to
the amount of heat gained by its surroundings and vice versa. In other words, just like it was said previously in
our introduction to energy: the total energy of a system plus its surroundings (i.c. the universe) is constant/fixed,
which must be true if energy is conserved.

Questions

% Questions
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Newton’s cradle, a desk ornament that consists of S metal spheres suspended on wires that can freely swing
into each other, demonstrates conservation of energy by showing that energy can be transferred through each
sphere to make one several centimetres away move. This should be able to repeat forever, but it does stop
eventually. Is this in violation of the law of conservation of energy? If not, where has the energy gone?

The idea of perpetual motion machines (theoretical machines that continue to do work forever by recycling
all of its energy) has been fascinating humans for centuries. Why is this not possible in practice?

A cup of strawberries contains 53 Cal (nutritional calories). How much energy is this in Joules?

You’ve just baked a cake in your oven. Identify the system, surroundings, and the universe.

Answers

This does not violate the law of conservation of energy because the energy is transferred to different kinds
rather than remaining in the form the system strictly needs. In this case, it can transform into sound, thermal,
and more. This prevents it from going on forever.

The perpetual motion machine is a similar case to question 1. It is impossible to isolate a system to ensure
that the transfer of energies remain what they are intended to be. The machine will eventually stop as it involves
energies transforming into others that are not needed for this system, such as sound, thermal, etc.

1.3 x 10%]

System = cake, surroundings = oven, universe = cake and oven


https://www.youtube.com/watch?v=0LnbyjOyEQ8

3.2 - TYPES OF ENERGY

Thermochemistry is a branch of chemical thermodynamics, the science that deals with the
relationships between heat, work, and other forms of energy in the context of chemical and physical processes.
As we concentrate on thermochemistry in this chapter, we need to consider some widely used concepts of
thermodynamics.

Substances act as reservoirs of energy, meaning that energy can be added to them or removed from
them. Energy is stored in a substance when the kinetic energy of its atoms or molecules is raised. The greater
kinetic energy may be in the form of increased translations (travel or straight-line motions), vibrations, or
rotations of the atoms or molecules. When thermal energy is lost, the intensities of these motions decrease and
the kinetic energy falls. The total of all possible kinds of energy present in a substance is called the internal
energy (U), sometimes symbolized as E.

Internal energy

The internal energy of a system is identified with the random, disordered motion of molecules; the
total (internal) energy in a system includes potential and kinetic energy. This is in contrast to external energy
which is a function of the sample with respect to the outside environment (e.g. kinetic energy if the sample is
moving or potential energy if the sample is at a height from the ground etc). The symbol for Internal Energy
Change is AU and may be calculated using the following equation where Uy is the initial internal energy of the
system and U2 is the system’s final internal energy:

AU=U, -U;
Heat

Thermal energy is the kinetic energy associated with the random motion of atoms and molecules.
Temperature is a quantitative measure of “hot” or “cold.” When the atoms and molecules in an object are
moving or vibrating more quickly, they have a higher average kinetic energy (£%), and we say that the object is
“hot.” When the atoms and molecules are moving more slowly, they have lower £, and we say that the object
is “cold” (Figure 3.2.1.). Assuming that no chemical reaction or phase change (such as melting or vaporizing)
occurs, increasing the amount of thermal energy in a sample of matter will cause its temperature to increase.
And, assuming that no chemical reaction or phase change (such as condensation or freezing) occurs, decreasing

the amount of thermal energy in a sample of matter will cause its temperature to decrease.
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Hot water Cold water
(a) (b)

Figure 3.2.1. (a) The molecules in a sample of hot water move more rapidly than (b) those in a sample of
cold water.

Heat (g) is the transfer of thermal energy between two bodies at different temperatures. Heat flow (a
redundant term, but one commonly used) increases the thermal energy of one body and decreases the thermal
energy of the other. Suppose we initially have a high temperature (and high thermal energy) substance (H)
and a low temperature (and low thermal energy) substance (L). The atoms and molecules in H have a higher
average £, than those in L. If we place substance H in contact with substance L, the thermal energy will
flow spontaneously from substance H to substance L. The temperature of substance H will decrease, as will
the average E}, of its molecules; the temperature of substance L will increase, along with the average £, of its

molecules. Heat flow will continue until the two substances are at the same temperature (Figure 3.2.2.).
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Figure 3.2.2. (a) Substances H and L are initially at different temperatures, and their atoms have different
average kinetic energies. (b) When they are put into contact with each other, collisions between the molecules
result in the transfer of kinetic (thermal) energy from the hotter to the cooler matter. (c) The two objects
reach “thermal equilibrium” when both substances are at the same temperature, and their molecules have the
same average kinetic energy.

Matter undergoing chemical reactions and physical changes can release or absorb heat. A change that

releases heat is called an exothermic process. For example, the combustion reaction that occurs when using an
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oxyacetylene torch is an exothermic process—this process also releases energy in the form of light as evidenced
by the torch’s flame (Figure 3.2.3. a). A reaction or change that absorbs heat is an endothermic process. A
cold pack used to treat muscle strains provides an example of an endothermic process. When the substances in
the cold pack (water and ammonium nitrate) are brought together, the resulting process absorbs heat, leading

to the sensation of cold.

?le STANT
GOLD PACK

)R,

r:K J X \ ammonium nitrate

Inner bag of water

(b)

Figure 3.2.3. (a) An oxyacetylene torch produces heat by the combustion of acetylene in oxygen. The

energy released by this exothermic reaction heats and then melts the metal being cut. The sparks are tiny bits
of the molten metal flying away. (b) A cold pack uses an endothermic process to create the sensation of cold.
(credit a: modification of work by “Skatebiker”/Wikimedia commons).
Heat Can do More than Increase Temperature
Most substances expand as their temperature increases and contract as their temperature decreases.
This property can be used to measure temperature changes, as shown in Figure 3.2.4. The operation of many

thermometers depends on the expansion and contraction of substances in response to temperature changes.
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Figure 3.2.4. (a) In an alcohol or mercury thermometer, the liquid (dyed red for visibility) expands
when heated and contracts when cooled, much more so than the glass tube that contains the liquid.
(b) In a bimetallic thermometer, two different metals (such as brass and steel) form a two-layered strip.
When heated or cooled, one of the metals (brass) expands or contracts more than the other metal
(steel), causing the strip to coil or uncoil. Both types of thermometers have a calibrated scale that
indicates the temperature. (credit a: modification of work by “dwstucke”/Flickr). (c) The
demonstration allows one to view the effects of heating and cooling a coiled bimetallic strip. A
bimetallic coil from a thermometer reacts to the heat from a lighter, by uncoiling and then coiling
back up when the lighter is removed. Animation used with permission from Hustvedt (via Wikipedia)
Direction of Heat Flow: Endothermic vs. Exothermic Processes
The reaction of powdered aluminum with iron(III) oxide, known as the thermite reaction, generates
an enormous amount of heat—enough, in fact, to melt steel. The balanced chemical equation for the reaction
is as follows:
2 Al (s) + FepOs3 (s) — 2Fe(s) + Al,03(s)
We can also write this chemical equation as:
2 Al (s) + FepO3 (5) — 2 Fe (s) + Al,O3 (5) + beat
to indicate that heat is one of the products. Chemical equations in which heat is shown as either a reactant
or a product are called thermochemical equations. In this reaction, the system consists of aluminum, iron,
and oxygen atoms; everything else, including the container, makes up the surroundings. During the reaction,
so much heat is produced that the iron liquefies. Eventually, the system cools; the iron solidifies as heat is

transferred to the surroundings. A process in which heat (g) is transferred from a system to its surroundings is
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described as exothermic. By convention, ¢ < 0 for an exothermic reaction. Check out this video to see the above
reaction in action.

When you hold an ice cube in your hand, heat from the surroundings (including your hand) is
transferred to the system (the ice), causing the ice to melt and your hand to become cold. We can describe this

process by the following thermochemical equation:
heat + HyO (5) — HO (1)

When heat is transferred 7o a system from: its surroundings, the process is endothermic. By convention, g > 0
for an endothermic reaction.
In summary, by convention, g < 0 for an exothermic reaction and q > 0 for an endothermic reaction.
Example 3.2.1 — Exothermic vs. Endothermic Reactions
a. Decide whether the following are endothermic or exothermic processes
water evaporates off a shower door
b. an acid tablet being added to a pool and the surrounding water heats up
c. NH4Cl is dissolved in water and the solution cools
d. the burning of a log in a campfire
Solution
a. Endothermic
b. Exothermic
c. Endothermic
d. Exothermic
Technically, it is poor form to have heat in the chemical reaction like in the equations depicted above
since it is not a true species in the reaction. However, this is a convenient approach to represent exothermic and
endothermic behavior and is commonly used by chemists.
Work
In chemistry, work is often defined in terms of a change in volume against pressure. (Pressure is force
divided by area, so convince yourself that P x V" has the same units as F x d.) For instance, atmospheric
pressure is constant at 1 bar. If you have a sample of gas at higher pressure, and you let it come to mechanical
equilibrium with the atmosphere, it will expand to some new volume. The work done by expanding against
atmospheric pressure is (1 bar)(A V), where AVis (final volume - initial volume). In general, the work done by
gases expanding is called PV work, and is expressed:
= - PAV
where Pis the constant pressure and AV is the change in volume of the system. The negative sign associated
with PV work done indicates that the system loses energy when the volume increases. If the volume increases
at constant pressure (A7 > 0), the work done by the system is negative, indicating that a system has lost energy

by performing work on its surroundings. Conversely, if the volume decreases (A} < 0), the work done by the


https://www.youtube.com/watch?time_continue=5&v=M3ZkoNF2ybg
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system is positive, which means that the surroundings have performed work on the system, thereby increasing

its energy.
Original ﬁ .
atmosphere TS | Q
+ NO -
Piston 49 \ 'l ‘
Copper |
penny

(a) (b)

Figure 3.2.5. An Example of Work Performed by a Reaction Carried Out at Constant Pressure. (a)
Initially, the system (a copper penny and concentrated nitric acid) is at atmospheric pressure. (b) When the
penny is added to the nitric acid, the volume of NO; gas that is formed causes the piston to move upward to
maintain the system at atmospheric pressure. In doing so, the system is performing work on its surroundings.
Chemical reactions can carry out work by electrochemistry (this involves redox reactions and will be covered
next year), and the pressure-volume work of gases.
Example 3.2.2 — Work Calculations with Gases
What is the work performed by a gas if it expands from 3.44 L to 6.19 L against a constant
external pressure of 1.26 atm? Express the final answer in joules.
Solution
First, we need to determine the change in volume, AV. A change is always the final value
minus the initial value:
AV = Vinal = Vinitial
AV =619L-3.44L
AV =275L
Now we can use the definition of work to determine the work done:
W = — Pexternal X AV
w=-(1.26atm) x (2.75 L)
w = —3.47 L-atm
Now we construct a conversion factor from the relationship between liter-atmospheres and
joules:

—3. 47T L atm = w = =351 0
1L:atm
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Check Your Learning 3.2.1 — Work Calculations with Gases
What is the work performed when a gas expands from 0.66 L to 1.33 L against an external
pressure of 0.775 atm?
Answer
53]

Heat and work are the ways that energy can move between objects. When you think about the
molecules, the difference between work and heat is very simple. Work involves an orderly motion of
molecules, like all the molecules in an object moving the same direction. Heat involves disorderly or
random motions of molecules.

Questions

% Questions

1. A system of molecules has an original internal energy of 8700000 J. You cooled this system by 99 K and
its internal energy is now 4501 kJ. Calculate the change in internal energy (AU).

2. You allow two iron cubes to come into contact. One cube is at 800 K and the other is at 323.15°C.
Predict the temperature of these two cubes once they reach thermal equilibrium. State your answer in
Kelvin.

3. Calculate how many calories are in 71 kJ.

4. Classity each reaction as exothermic or endothermic:

CsH120¢ (5) +60, (g) — 6COy (g) + 6 H,O (1) + heat
a. Ice melts into water
b. TNT explodes
c. Nuclear fission breaks uranium atoms into atoms with smaller nuclei
% % Questions
5. You have a balloon initially filled with 400 mL of air. What is the final volume of  the balloon if you do
-885.13 J of work to expand it? Atmospheric pressureis 1.12  atm.

Answers

1. —4199k]

2. 698.15K

3. 16.96 kilocalories

4. (a) Exothermic, (b) Endothermic, (c¢) Exothermic, (d) Exothermic
5. 1190.29 mL
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The relationship between internal energy, heat, and work can be represented by the equation:
AU=q+w
This is one version of the first law of thermodynamics which states that “energy is neither created nor
destroyed, only transferred”, and it shows that the internal energy of a system changes through heat flow into
or out of the system (positive g is heat flow in; negative g is heat flow out) or work is done on or by the system.
The work, w, is positive if it is done on the system and negative if it is done by the system. In the case of PV’

work, we can consider work done on the system as contraction, while work done by the system is expansion.

Work done BY the system
-

Work done ON the system

+ ) —

Endothermic Exothermic

Figure 3.3.1. Sign conventions for heat and work. Work done on the system or heat absorbed by the
system are positive. Work done by the system or heat produced by the system are negative. These can happen
in any combination..

As we discussed in section 3.1, energy in the universe is constant/fixed. We can relate this to internal
energy by saying that, while energy can be transferred between the system and the surroundings, the change in
internal energy of the universe is equal to zero.

AUuniverse = AUsystem + AUsurroundings =0

There are many forms of work such as electrical and mechanical, but in this course, the relevant type of
work is called expansion work (or pressure-volume work). Expansion work occurs when a system pushes back
the surroundings against a restraining pressure, or when the surroundings compress the system. An example
of this occurs during the operation of an internal combustion engine. The reaction of gasoline and oxygen is
exothermic. Some of this energy is given oft as heat, and some does work pushing the piston in the cylinder.
The substances involved in the reaction are the system, and the engine and the rest of the universe are the

surroundings. The system loses energy by both heating and doing work on the surroundings, and its internal
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energy decreases. We will consider how to determine the amount of work involved in a chemical or physical
change in the chapter on thermodynamics.

This view of an internal combustion engine illustrates the conversion of energy produced by the
exothermic combustion reaction of a fuel such as gasoline into energy of motion. To learn more about the first
law of thermodynamics, check out this video.

State Functions

As discussed, the relationship between internal energy, heat, and work can be represented as AU = ¢
+ w. Internal energy is a type of quantity known as a state function, whereas heat and work are not state
functions (typically referred to as path functions). The value of a state function depends only on the state
that a system is in, and not on how that state is reached. If a quantity is not a state function, then its value does
depend on how the state is reached. An example of a state function is altitude or elevation. If you stand on the
summit of Mt. Kilimanjaro, you are at an altitude of 5895 m, and it does not matter whether you hiked there
or parachuted there. The distance you travelled to the top of Kilimanjaro, however, is not a state function. You
could climb to the summit by a direct route or by a more roundabout, circuitous path (Figure 3.3.2.). The
distances travelled would differ (distance is not a state function) but the elevation reached would be the same

(altitude is a state function).

-
- -

B Y
A

Sy Summit

Figure 3.3.2. Paths X and Y represent two different routes to the summit of Mt. Kilimanjaro. Both have
the same change in elevation (altitude or elevation on a mountain is a state function; it does not depend on
path), but they have very different distances travelled (distance walked is not a state function; it depends on

the path). (credit: modification of work by Paul Shaftner)

Regarding energy, work and heat are both path functions, but internal energy is not. This means the
path taken to get to the results matters when calculating w or ¢, but need not be taken into account when
solving for AU.

Energy Diagrams
When working with systems involving both heat and work, it is often useful to visualize the transition

from the initial to the final energy states using a diagram (Figure 3.3.3.).


http://openstaxcollege.org/l/16combustion
https://www.youtube.com/watch?v=4i1MUWJoI0U
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Figure 3.3.3. The internal energy of three processes from which the system loses energy. 1: Depiction of
the change in internal energy essentially equal to the heat transfer. Mathematically: AU = ¢. 2: Depiction of
the change in internal energy where both work is done and heat is lost. Mathematically: AU = g + w. 3:
Depiction of the change in internal energy when no work is done but heat is lost. Mathematically: AU = ¢4

Although Figure 3.3.3. only shows processes for which a system loses energy, this tactic should be used
whenever possible and can be modified for instances in which work and heat have different signs. This will be
covered more in Hess’ law.

Questions

% Questions

1. A sample of an ideal gas is allowed to expand from an initial volume of 0.200 L to a final volume of 3.50
L against a constant external pressure of 0.995 atm. At the same time, 117 ] of heat is transferred from

the surroundings to the gas. What is the total change in the internal energy (AU) of the gas in joules?
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2. When potassium chlorate decomposes it produces oxygen gas. From the system’s point of view (which is the
convention), w is:
A. Positive
B. Negative
C. Zero
3. What is the work when a gas contracts from 3.45 L to 0.97 L under an external pressure of 0.985 atm?
% % Questions
4. The volume of a gas changes from 264 mL to 971 mL at constant temperature. Calculate the amount of
work done by the gas (in joules) if it expands (a) against a vacuum and (b) against a constant pressure of 4.00
atm.
S. For the following reactions, indicate if work will increase, decrease or remain constant. Hint: remember
that work is based on PV - so how is the volume changing in each reaction?
a.2Hy0(l) — 2H;(g) + Oz (g)
b. NO, (g) + O3 (g) — NO3 (g) + 0O (g)
c.CH4(g)+20;,(g) — CO2(g)+2H0(])

Answers
1. -216]

2.B
3.248]
4.(a) 0], no work is done; (b) -287]
5. (a) w increases because the moles of gas increase which would increase the volume of gas. (b)

there is no change due to both sides of the reaction having the ~ same number of moles. (c) decrease due to the
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different amounts of gases on both sides of the reaction, the reactant side has a larger number of moles

of gas.
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What is Enthalpy?

Chemists ordinarily use a property known as enthalpy (H) to describe the thermodynamics of
chemical and physical processes. Enthalpy is defined as the sum of a system’s internal energy (U) and the
mathematical product of its pressure () and volume (V):

H=U+PV
Equation 3.4.1 Enthalpy

Since it is derived from three state functions (U, P, and V), enthalpy is also a state function. Enthalpy
values for specific substances cannot be measured directly; only enthalpy changes for chemical or physical
processes can be determined. For processes that take place at constant pressure (a common condition for many
chemical and physical changes), the enthalpy change (AH) is:

AH = AU + PAV
Equation 3.4.2 Enthalpy Change

When pressure is constant, the mathematical product PAV represents work (w), namely, expansion or

pressure-volume work as noted. By their definitions, the arithmetic signs of A7 and w will always be opposite:
PAV = -w
Equation 3.4.3 Work

Substituting this equation and the definition of internal energy into the enthalpy-change equation

yields:
AH = AU + PAV
AH=(qp+w)-w
AH=qp

Equation 3.4.4 Substituted Enthalpy Change
where gp is the heat of reaction under conditions of constant pressure. Thus, enthalpy is defined as the
quantity of beat transferred under constant pressure conditions.

And so, if a chemical or physical process is carried out at constant pressure with the only work done
caused by expansion or contraction, then the heat flow (gp) and enthalpy change (AH) for the process are
equal.

The heat given off when you operate a Bunsen burner is equal to the enthalpy change of the methane
combustion reaction that takes place since it occurs at the essentially constant pressure of the atmosphere.
On the other hand, the heat produced by a reaction measured in a bomb calorimeter ([link]) is not equal to

AH because the closed, constant-volume metal container prevents expansion work from occurring. Chemists


https://cnx.org/contents/85abf193-2bd2-4908-8563-90b8a7ac8df6@9.311:0d364b67-be96-44fc-bee5-a368a42c2c82@6
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usually perform experiments under normal atmospheric conditions, at constant external pressure with ¢ = AH,
which makes enthalpy the most convenient choice for determining heat.
Comparing AHand AU
If AH for a reaction is known, we can use the change in the enthalpy of the system to calculate its change in
internal energy:
AH = AU + PAV
When a reaction does not involve gases (i.e. involves only solids, liquids, liquid solutions, or any
combination of these, the volume does not change appreciably (A /"= 0). Under these conditions, we
can simplify the equation above where P4V gets cancelled out:
Reaction with no gases — AH = AU
When a reaction does involve gases, however, AH and AU can differ significantly. We can calculate
AU from the measured value of AH by modifying the right side of the equation, PAV, with the ideal
gas law, PV = nRT. Pand T remain constant, so we recognize that
PAV= (Ang)RT
Where

Angas = Dproducts — Nreactants

We can rewrite the equation for the change in enthalpy as follows:
Reaction with gases = AH = AU + Ang,RT
Where

Angas = Dproducts ~ Nleactants

This equation applies if

. However, if

AH =AU
Equation 3.4.5 Enthalpy Change, Potential Change
Enthalpy Changes in Reactions

The following conventions apply when we use AH:

1. Chemists use a thermochemical equation to represent the changes in both matter and energy. In a
thermochemical equation, the enthalpy change of a reaction is shown as a AH value following the
equation for the reaction. This AH value indicates the amount of heat associated with the reaction

involving the number of moles of reactants and products as shown in the chemical equation. For example,
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consider this equation:

Hy(g)+1/20,(g) > HO())  AH=-286k]
This equation indicates that when 1 mole of hydrogen gas and 1/2
moles of oxygen gas at some temperature and pressure change to 1 mole of liquid water at the same

temperature and pressure, 286 k] of heat are released to the surroundings. If the coefhicients of the chemical
equation are multiplied by some factor, the enthalpy change must be multiplied by that same factor (AH is an
extensive property):

(two-fold increase in amounts)

2Ha(g)+O2(g) = 2H20 (1)) AH=2x(-286k])=-572k]

(two-fold decrease in amounts)

1/2H, (g) + 1/4 02 (¢) — 1/2H,0 (1) AH = 1/2 x (- 286 k]) = -143 k]

2. The enthalpy change of a reaction depends on the physical state of the reactants and products of the
reaction (whether we have gases, liquids, solids, or aqueous solutions), so these must be shown. For example,
when 1 mole of hydrogen gas and
1/2 mole of oxygen gas change to 1 mole of liquid water at the same temperature and pressure, 286 kJ of heat

are released. If gaseous water forms, only 242 k] of heat are released.

Hy(g)+1/20,(g) —» HyO())  AH=-286k]
A negative value of an enthalpy change, AH, indicates an exothermic reaction; a positive value of AH
indicates an endothermic reaction (Figure 3.4.1). If the direction of a chemical equation is reversed, the
arithmetic sign of its AH is changed (a process that is endothermic in one direction is exothermic in the

opposite direction).

F 3 &
System before System after
reaction reaction
[ ] ‘
1 T ax
= l =
ok (=8
~Heat E AHyn <0 Hat Ej AHyn >0
B =
System after System before
System reaction System reaction
(a) Exothermic reaction (b) Endothermic reaction

Figure 3.4.1. Energy changes in chemical reactions are usually measured as changes in enthalpy. (a) If heat

flows from a system to its surroundings, the enthalpy of the system decreases, AH,.;, is negative, and the
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reaction is exothermic; it is energetically downhill. (b) Conversely, if heat flows from the surroundings to a
system, the enthalpy of the system increases, AH,., is positive, and the reaction is endothermic; it is
energetically uphill.
Example 3.4.1 — Measurement of an Enthalpy Change

When 0.0500 mol of HCI (49) reacts with 0.0500 mol of NaOH (2g) to form 0.0500 mol
of NaCl (ag), 2.9 k] of heat is produced. What is AH, the enthalpy change, per mole of acid
reacting, for the acid-base reaction run under the conditions described in [link]?

HClI (ag) + NaOH (aq) — NaCl (ag) + H2O (1)
Solution
—2.9kJ .
For the reaction of 0.0500 mol acid (HCI), g = —=2.9 kJ. This ratio 0.0500 mol HCT ., pe

used as a conversion factor to find the heat produced when 1 mole of HCl reacts:

. —2.9kJ =
AH = 1 mol HCI = 0.0500 ol HC 58 kJ

The enthalpy change when 1 mole of HCl reacts is =58 kJ. Since that is the number of moles
in the chemical equation, we write the thermochemical equation as:
HCl (ag) + NaOH (agq) — NaCl (aq)+ H2O () AH=-58k]
Check Your Learning 3.4.1 — Measurement of an Enthalpy Change
When 1.34 g Zn (s) reacts with 60.0 mL of 0.750 M HCI (ag), 3.14 k] of heat are produced.
Determine the enthalpy change per mole of zinc reacting for the reaction:
Zn (s)+2HCl (ag) — ZnCly (ag) + H3 (¢)
Answer
AH=-153k]
Be sure to take both stoichiometry and limiting reactants into account when determining the AH for
a chemical reaction.
Example 3.4.2 — Another Example of the Measurement of an Enthalpy Change
A gummy bear contains 2.67 g sucrose, C12H27011. When it reacts with 7.19 g potassium
chlorate, KCIO3, 43.7 k] of heat are produced. Determine the enthalpy change for the reaction:
C12H22011 (ag) + 8 KCIO3 (ag) — 12 CO2 (g) + 11 HyO (1) + 8 KCl (agq)
Solution
We have:

[] [[]?H{] H'l.l:ﬂ C'.:H:-_:'Ill (@g)

available, and


https://cnx.org/contents/85abf193-2bd2-4908-8563-90b8a7ac8df6@9.311:0d364b67-be96-44fc-bee5-a368a42c2c82@6
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is needed, C12H»2011 is the excess reactant and KCIO3 is the limiting reactant. The reaction

uses 8 mol KCIO3, and the conversion factor is

0.0587 mol KCIO3

so we have

—43.TRJ .
AH = 8 mol x : _ 5060 kJ
S Mot X 0.0687 mal KCIO5 o

The enthalpy change for this reaction is —5960 kJ, and the thermochemical equation is:
C12H22011 (ag) + 8 KCIO3 (ag) — 12 CO; (g) + 11 HoO (1) + 8 KCl (ag)
AH = - 5960 k]
Check Your Learning 3.4.2 — Another Example of the Measurement of an Enthalpy Change
When 1.42 g of iron reacts with 1.80 g of chlorine, 3.22 g of FeCl, (5) and 8.60 k] of heat is
produced. What is the enthalpy change for the reaction when 1 mole of FeCl; (s) is produced?
Answer
AH = —338k]
Enthalpy changes are typically tabulated for reactions in which both the reactants and products
are at the same conditions. A standard state is a commonly accepted set of conditions used as a
reference point for the determination of properties under other different conditions. For chemists, the
TUPAC standard state refers to materials under a pressure of 1 bar and solutions at 1 M and does not
specify a temperature. Many thermochemical tables list values with a standard state of 1 bar. Because the
AH of a reaction changes very little with such small changes in pressure (1 bar = 0.987 atm), AH values
(except for the most precisely measured values) are essentially the same under both sets of standard
conditions. We will include a superscript “0” in the enthalpy change symbol to designate standard state.
Since the usual (but not technically standard) temperature is 298.15 K, we will use a subscripted “298”
to designate this temperature (note: this differs from the STP for gases, don’t confuse them!). Thus, the

symbol (4H"29g) is used to indicate an enthalpy change for a process occurring under these conditions.
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(The symbol AH is used to indicate an enthalpy change for a reaction occurring under nonstandard
conditions.)

The enthalpy changes for many types of chemical and physical processes are available in the
reference literature, including those for combustion reactions, phase transitions, and formation
reactions. As we discuss these quantities, it is important to pay attention to the extensive nature of
enthalpy and enthalpy changes. Since the enthalpy change for a given reaction is proportional to the
amounts of substances involved, it may be reported on that basis (i.e., as the AH for specific amounts
of reactants). However, we often find it more useful to divide one extensive property (AH) by another
(amount of substance), and report a per-amount zntensive value of AH, often “normalized” to a per-
mole basis. (Note that this is similar to determining the intensive property-specific heat from the
extensive property heat capacity, which we will see in the next topic).

Questions

% Questions

1. When 100 mL of 0.200 M NaCl (2g) and 100 mL of 0.200 M AgNO3 (24), both at 21.9 °C, are mixed
in a coffee cup calorimeter (we will discover what these are used for in the next topic), the temperature
increases to 23.5 °C as solid AgCl forms. Calculate AH in kJ/mol of AgNO3 (4g) for the reaction:

NaCl (ag) + AgNO3 (ag) — AgCl (5) + NaNO3 (ag)

2. When solid ammonium nitrate dissolves in water, the solution becomes cold. This is the basis for an
“instant ice pack”. When 3.21 g of solid NH4NO3 dissolves in  50.0 g of water at 24.9 °C in a calorimeter, the
temperature decreases to 20.3 °C.  Calculate the enthalpy of solution (AH for the dissolution) per mole of
NH,NO;.

3. Qualitatively compare AH and AU for each of the following reactions:

a. AgNO3 (ag) + NaCl (ag) — AgCl (5) + NaNO3 (agq)
b.Hy(g)+F2(¢) — 2HF (g)
C. C3Hg(g)+ 5 Oz(g) — 3 COz(g)+ 4 H,0 (g)

4. Calculate AH for the reaction described by the equation. (Hin#: use the value for the approximate
amount of heat absorbed by the reaction that you calculated ina  previous exercise.)

Ba(OH),- 8H,0 (5) + 2 NH4SCN (2g) — Ba(SCN)2 (2g) + 2 NH3 (ag) + 10 HyO (1)

5. How much heat is produced by combustion of 125 g of methanol under standard  state conditions?

6. How many moles of isooctane must be burned to produce 100 kJ of heat under ~ standard state
conditions?

7. What mass of carbon monoxide must be burned to produce 175 kJ of heat under standard state
conditions?

8. When 2.50 g of methane burns in oxygen, 125 kJ of heat is produced. What is the enthalpy of

combustion per mole of methane under these conditions?
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Answers

1. 1.34x 10°kJ/mol
2.

We assume that the calorimeter prevents heat transfer between the solution and its external
environment (including the calorimeter itself), in which case:
grsn = — Gsoln
with “rxn” and “soln” used as shorthand for “reaction” and “solution,” respectively.
Assuming also that the specific heat of the solution is the same as that for water, we have:
Qrxn = — Gsoln = — (¢ x m x AT)soln
=[(4.184]/g C)x(53.2g) x(20.3° C-24.9" C)]
=[(4.184]/g C)x(53.2¢) x (-4.6" C)]
+1.0x 10°] =+ 10K
The positive sign for ¢ indicates that the dissolution is an endothermic process.
3.(a) AU = AH: since there are no gases the volume change is negligible (basically  equal to 0) meaning
that AU = gpand since AH = gpthen AU~ AH; (b) AU = AH: An = 0 mol which means there is no work
done, therefore AU = AH; (c) AU>AH:  An =1 mol resulting in w = — RT. - RT will always be negative

therefore, under constant pressure, AU = AH - RT demonstrating AU > AH.
4.95.72 k] /mol

5.2836.3k]
6.1.83 x 10~ mol
7.173¢g

8. 802 kJ/mol
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One technique we can use to measure the amount of heat involved in a chemical or physical process
is known as calorimetry. Calorimetry is used to measure amounts of heat transferred to or from a substance.
To do so, the heat is exchanged with a calibrated object (calorimeter). The temperature change measured by
the calorimeter is used to derive the amount of heat transferred by the process under study. The measurement
of heat transfer using this approach requires knowledge and understanding of a system and its surroundings
(see “Introduction to Thermochemistry” to review the terminology of system and surroundings). As we saw
in previous sections, energy in the universe is neither created nor destroyed, only transferred. This implies that
the change in internal energy of the universe must be zero — it is all conserved where there is no gain of energy
or loss of it:

A Uuniverse = 0
In addition to this, we also need to understand a few other concepts that we’ll go over in this section to
grasp the concept of calorimetry.
Heat Capacities
We now introduce two concepts useful in describing heat flow and temperature change. The heat capacity
(C) of a body of matter is the quantity of heat (g) it absorbs or releases when it experiences a temperature
change (AT) of 1 degree Celsius (or equivalently, 1 kelvin):
C=q/AT
Equation 3.5.1 Heat Capacity

Heat capacity is determined by both the type and amount of substance that absorbs or releases heat. It
is therefore an extensive property—its value is proportional to the amount of the substance.

For example, consider the heat capacities of two cast iron frying pans. The heat capacity of the large
pan is five times greater than that of the small pan because, although both are made of the same material, the
mass of the large pan is five times greater than the mass of the small pan. More mass means more atoms are
present in the larger pan, so it takes more energy to make all of those atoms vibrate faster. The heat capacity of
the small cast iron frying pan is found by observing that it takes 18 150 J of energy to raise the temperature of
the pan by 50.0 °C:

158140 .J .
Cemall pan = Woc - a63 J/°C

The larger cast iron frying pan, while made of the same substance, requires 90,700 ] of energy to raise
its temperature by 50.0 °C. The larger pan has a (proportionally) larger heat capacity because the larger amount

of material requires a (proportionally) larger amount of energy to yield the same temperature change:
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90 700 J
Clarge pan = 0C 1814 J/°C

The specific heat capacity (c) of a substance, commonly called its “specific heat,” is the quantity of

heat required to raise the temperature of 1 gram of a substance by 1 degree Celsius (or 1 kelvin):

_ 9

mAT

Equation 3.3.2 Specific heat capacity

Note the important difference in units between C and ¢: the heat capacity, C, is expressed in energy
per temperature change, whereas the specific heat capacity, ¢, is expressed in energy per temperature change as
well, but this time per mass. In other words, the specific heat capacity takes it a step further by taking mass into
account.

Specific heat capacity depends only on the kind of substance absorbing or releasing heat. It is an
intensive property—the type, but not the amount, of the substance is all that matters. For example, the small
cast iron frying pan has a mass of 808 g. The specific heat of iron (the material used to make the pan) is,

therefore:

90 700 J

—_ —0.449.T/¢°C
(4040 ¢)(50.0°C)

Cirom =

The large frying pan has a mass of 4040 g. Using the data for this pan, we can also calculate the specific
heat of iron:
00 700 J

_ ___ _0.4490/g°C
(4040 g)(50.0°C)

Cirom

Although the large pan is more massive than the small pan, since both are made of the same material,
they both yield the same value for specific heat (for the material of construction, iron). Note that specific heat
is measured in units of energy per temperature per mass and is an intensive property, being derived from a ratio
of two extensive properties (heat and mass). The molar heat capacity, also an intensive property, is the heat
capacity per mole of a particular substance and has units of J/mol °C (Figure 3.5.1).

In real-life applications, we typically use C for larger-scale applications like objects where the exact mass isn’t
important and differences in mass can be seen qualitatively (object is larger, feels significantly heavier), or when
working with different-sized objects of the same composition. The specific heat capacity, ¢, applies to more

smaller-scale applications like substances where the mass becomes something important to consider to meet
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specific requirements (e.g. determining the most appropriate mass of NH4NO3 to use in an ice pack that is

convenient in terms of mass and delivers a temperature change that is just right).

Figure 3.5.1. Due to its larger mass, a large frying pan has a larger heat capacity than a small frying pan.

Because they are made of the same material, both frying pans have the same specific heat. (credit: Mark Blaser)

Liquid water has a relatively high specific heat (about 4.2 J/g °C); most metals have much lower specific
heats (usually less than 1 J/g °C). The specific heat of a substance varies somewhat with temperature. However,
this variation is usually small enough that we will treat specific heat as constant over the range of temperatures

that will be considered in this chapter. Specific heats of some common substances are listed in the table below.
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Specific Heats of Common Substances at 25°C and 1 bar*

Substance Symbol (state) Specific Heat (J/g °C)
helium He (¢) 5.193

water H>O (1) 4.184

ethanol C2HgO (1) 2.438

ice H>0 (s) 2.02 (at-10°C)
water vapour H>O (g) 1.864
nitrogen N2 (g) 1.040

Air 1.007

oxygen O2(g) 0.918
aluminum Al(s) 0.897

carbon dioxide CO2(g) 0.853

argon Ar(g) 0.520

iron Fe (s) 0.449

copper Cu (s) 0.385

lead Pb (s) 0.130

gold Au(s) 0.129

silicon Si () 0.712
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* CRC Handbook of Chemistry and Physics 100th Edition (Online) (Electronic ed.). (2019). Boca Raton, Fla:
CRC Press.
Table 3.5.1 Specific Heats of Common Substances at 25°C and 1 bar*

If we know the mass of a substance and its specific heat, we can determine the amount of heat, g,
entering or leaving the substance by measuring the temperature change before and after the heat is gained or
lost:

q = (specific heat) x (mass of substance) x (temperature change)

q=cxmx AT =c x m x (Tfnal - Tinitial)

In this equation, c is the specific heat of the substance, 7 is its mass, and AT (which is read “delta
T”) is the temperature change, Tfnal = Tinitial- Since ¢ and 2 are both always positive values, the only variable
that determines whether heat is absorbed or released is the temperature change. If a substance gains thermal
energy, its temperature increases, its final temperature is higher than its initial temperature, Tfnal — Tinitial has
a positive value, and the value of ¢ is positive. If a substance loses thermal energy, its temperature decreases, the
final temperature is lower than the initial temperature, Tfnal — Tiniial has a negative value, and the value of g is

negative. If you try the math out using the equation ¢ = mcA T, you’ll see that this reasoning checks out:

ATis(-) = Tinjtial > Tinal — heat release ATis(+) = Tinitial < Tnal — heat absorbed
q=mcAT q=mcAT
q=(+)(+)(-) q=(+)(+)(+)
.. heat released v .. heat absorbed v/

Example 3.5.1 — Measuring Heat
A flask containing 8.0 x 10 g of water is heated, and the temperature of the water increases
from 21 °C to 85 °C. How much heat did the water absorb?
Solution

To answer this question, consider these factors:

= the specific heat of the substance being heated (in this case, water)
* the amount of substance being heated (in this case, 8.0 x 10 g)

* the magnitude of the temperature change (in this case, from 21 °C to 85 °C).

The specific heat of water is 4.184 J/g °C, so to heat 1 g of water by 1 °C requires 4.184 J. We
note that since 4.184 ] is required to heat 1 g of water by 1 °C, we will need 800 times as much to
heat 8.0 x 10 g of water by 1 °C. Finally, we observe that since 4.184 ] is required to heat 1 g of
water by 1°C, we will need 64 times as much to heat it by 64 °C (that is, from 21 °C to 85 °C).

This can be summarized using the equation:
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q=cxmx AT =c x m x (Tfinal = Tinitial)
—(4.184]/g" C)x (8.0 x 10*g) x (85-21)° C
~(4.184]/g" C)x (8.0 x 10> g) x (64)° C
=210,000] (= 2.1 x 10°k])
Because the temperature increased, the water absorbed heat and g is
positive.
Check Your Learning 3.5.1 — Measuring Heat
How much heat, in joules, must be added to a 5.07 x 104] iron skillet to increase its
temperature from 25 °C to 250 °C? The specific heat of iron is 0.449 J/g °C.
Answer
5.07 x 10%]
Note that the relationship between heat, specific heat, mass, and temperature change can be
used to determine any of these quantities (not just heat) if the other three are known or can be deduced.
Example 3.5.2 — Determining Other Quantities
A piece of unknown metal weighs 348 g. When the metal piece absorbs 6.64 k] of heat, its
temperature increases from 22.4°C to 43.6°C. Determine the specific heat of this metal (which
might provide a clue to its identity).
Solution
Since mass, heat, and temperature change are known for this metal, we can determine its
specific heat using the relationship:
q=cxmx AT =c xm x (Tfinal - Tinitial)
Substituting the known values:
6640] = c x (348 g) x (43.6 - 22.4)" C
Solving:
6640 J
“~ (484 x (21.2°0)

—0.900 J/¢°C

Comparing this value with the values in the table for specific heats of common substances
(at 25°C & 1 bar), this value matches the specific heat of aluminum, which suggests that the
unknown metal is aluminum.

Check Your Learning 3.5.2 — Determining Other Quantities

A piece of unknown metal weighs 217 g. When the metal piece absorbs 1.43 kJ of heat, its
temperature increases from 24.5 °C to 39.1 °C. Determine the specific heat of this metal, and
predict its identity.
Answer:
¢=0.451]/g °C; the metal is likely to be iron

Measuring Heat Flow — Calorimeters

A calorimeter is a device used to measure the amount of heat involved in a chemical or physical process. For
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example, when an exothermic reaction occurs in solution in a calorimeter, the heat produced by the reaction
is absorbed by the solution, which increases its temperature. When an endothermic reaction occurs, the heat
required is absorbed from the thermal energy of the solution, which decreases its temperature (Figure 3.5.2).
The temperature change, along with the specific heat and mass of the solution, can then be used to calculate

the amount of heat involved in either case.

I

Temperature
] increased

Temperature
decreased

q

\(System

\Endothermic
process

System

Exothermic
process

- /
q \
q

Solution Solution
(surroundings) (surroundings)

q

Solution Solution

(surroundings) (surroundings)

(a) (b)

Figure 3.5.2. In a calorimetric determination, either (a) an exothermic process occurs and heat, g, is
negative, indicating that thermal energy is transferred from the system to its surroundings, or (b) an
endothermic process occurs and heat, g, is positive, indicating that thermal energy is transferred from the
surroundings to the system.

Scientists use well-insulated calorimeters that all but prevent the transfer of heat between the
calorimeter and its environment. This enables the accurate determination of the heat involved in chemical
processes, the energy content of foods, and so on.

Consider a simple example that illustrates the core idea behind calorimetry. Suppose we initially have
a high-temperature substance, such as a hot piece of metal (M), and a low-temperature substance, such as cool
water (W). If we place the metal in the water, heat will flow from M to W. The temperature of M will decrease,
and the temperature of W will increase until the two substances have the same temperature— when they reach
thermal equilibrium (Figure 3.5.3). If this occurs in a calorimeter, ideally all of this heat transfer occurs between
the two substances, with no heat gained or lost by either the calorimeter or the calorimeter’s surroundings.
Under these ideal circumstances, the net heat change is zero:

Qsubstance Mt qsubstance W = 0
This relationship can be rearranged to show that the heat gained by substance M is equal to the heat

lost by substance W:

(substance M = — (substance W
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Recall the first law of thermodynamics: energy is neither gained nor destroyed, only t7ansferred. For
calorimetry problems, keep in mind that heat flows in only one direction — always from hot to cold. So while
one substance emits heat, the other substance will absorb that heat. The magnitude of the heat (change) is,
therefore, the same for both substances, and the negative sign merely shows that gsubstance M and gsubstance
w are opposite in direction of heat flow (gain or loss) but does not indicate the arithmetic sign of either g
value (that is determined by whether the matter in question gains or loses heat, per definition). In the specific
situation described, gsubstance M is a negative value and gsubstance W is positive, since heat is transferred from M
to W.

. M

q q

Surroundings

(@) (b)

Figure 3.5.3. In a simple calorimetry process, (a) heat, g, is transferred from the hot metal, M, to the cool

water, W, until (b) both are at the same temperature.
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Here, we’ll talk about two types of calorimeters — “coffee-cup” calorimeters and bomb calorimeters.
“Coffee-Cup” (or Constant Pressure) Calorimetry
General chemistry students often use simple calorimeters constructed from polystyrene cups (Figure 3.5.4).
These easy-to-use “coffee cup” calorimeters operate at constant pressure to allow more heat exchange with
the outside environment and therefore produce less accurate energy values. In terms of real applications,
these calorimeters are most appropriate for endothermic and m7ldly exothermic processes. Highly exothermic
reactions, such as combustion reactions, are typically carried out using bomb calorimeters (which we discuss

later).
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Figure 3.5.4. A simple calorimeter can be constructed from two polystyrene cups. A thermometer and
stirrer extend through the cover into the reaction mixture.

Commercial solution calorimeters are also available. Relatively inexpensive calorimeters often consist
of two thin-walled cups that are nested in a way that minimizes thermal contact during use, along with an
insulated cover, handheld stirrer, and simple thermometer. More expensive calorimeters used for industry and
research typically have a well-insulated, fully enclosed reaction vessel, motorized stirring mechanism, and a

more accurate temperature sensor (Figure 3.5.5).

Thermometer

Precision
Insulating cover thermometer

Motorized
stirrer
Stirrer

Insulating support ring

Metal inner vessel

Metal outer vessel

@ (b)
Figure 3.5.5. Commercial solution calorimeters range from (a) simple, inexpensive models for student use
to (b) expensive, more accurate models for industry and research.
Example 3.5.3 — Heat Transfer between Substances at Different Temperatures
A 360.0-g piece of rebar (a steel rod used for reinforcing concrete) is dropped into 425 mL
of water at 24.0°C. The final temperature of the water was measured as 42.7°C. Calculate the
initial temperature of the piece of rebar. Assume the specific heat of steel is approximately the
same as that for iron (see the Table 3.5.1) of specific heats for common substances), and that
all heat transfer occurs between the rebar and the water (there is no heat exchange with the
surroundings).
Solution
The temperature of the water increases from 24.0°C to 42.7°C, so the water absorbs heat.

That heat came from the piece of rebar, which initially was at a higher temperature. Assuming
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that all heat transfer was between the rebar and the water, with no heat “lost” to the outside
environment, then beat given off by rebar = —heat taken in by water, or:
Qrebar = — Qwater
Since we know how heat is related to other measurable quantities, we
have:
(¢ xm x AT)rebar = — (¢ x m x AT)water
Letting f = final and i = initial, in expanded form, this becomes:
Crebar X Mrebar X (Tf,rebar - Ti,rebar) = — Cwater X Mwater X (Tf,water ‘Ti,water)
The density of water is 1.0 g/mL, so 425 mL of water = 425 g. Noting that the final
temperature of both the rebar and water is 42.7°C, substituting known values yields:
R e S S e

4,154 J /g Tl g){42. 70 — 20070
- - 1.7C
1,440 J /g O (36, 0 g

Solving this gives 7; rebar= 248°C, so the initial temperature of the rebar was 248°C.
Check Your Learning 3.5.3 — Heat Transfer between Substances at Different
Temperatures
A 248-g piece of copper is dropped into 390 mL of water at 22.6°C. The final temperature
of the water was measured as 39.9°C. Calculate the initial temperature of the piece of copper.
Assume that all heat transfer occurs between the copper and the water.
Answer
The initial temperature of the copper was 335.6°C.
Check Your Learning 3.5.4 — Heat Transfer between Substances at Different
Temperatures
A 248-g piece of copper initially at 314°C is dropped into 390 mL of water initially at 22.6°C.
Assuming that all heat transfer occurs between the copper and the water, calculate the final
temperature.
Answer
The final temperature (reached by both copper and water) is 38.7°C.
This method can also be used to determine other quantities, such as the specific heat of an
unknown metal.
Example 3.5.4 — Identifying a Metal by Measuring Specific Heat
A 59.7 g piece of metal that had been submerged in boiling water was quickly transferred
into 60.0 mL of water initially at 22.0°C. The final temperature is 28.5°C. Use these data to
determine the specific heat of the metal. Use this result to identify the metal.
Solution

Assuming perfect heat transfer, beat given off by metal = —beat taken in by water, or:



35 - CALORIMETRY | 215

(Qmetal = — Qwater
In expanded form, this is:
Cmetal X Mmetal X (Tf,metal - Ti,metal) = — Cwater X Mwyater X (Tf,water - Ti,water)
Noting that since the metal was submerged in boiling water, its initial temperature was
100.0°C; and that for water, 60.0 mL = 60.0 g; we have:
(cmeral)(59.7 2)(28.5° C-100" C)=-(4.18]/g C)(60.0g)(28.5° C-22.0° C)
Comparing this with values in the table (Table 3.5.1) of specific heats of common substances,
our experimental specific heat is closest to the value for copper (0.39 J/g °C), so we identify the
metal as likely copper.
Check Your Learning 3.5.5 — Identifying a Metal by Measuring Specific Heat
A 92.9-g piece of a silver/gray metal is heated to 178.0°C, and then quickly transferred into
75.0 mL of water initially at 24.0°C. After 5 minutes, both the metal and the water have reached
the same temperature: 29.7°C. Determine the specific heat and the identity of the metal. (Note:
You should find that the specific heat is close to that of two different metals. Explain how you
can confidently determine the identity of the metal).
Answer
¢metal = 0.13]/g°C
This specific heat is close to that of either gold or lead. It would be difficult to determine
which metal this was based solely on the numerical values. However, the observation that the
metal is silver/gray in addition to the value for the specific heat indicates that the metal is lead.
When we use calorimetry to determine the heat involved in a chemical reaction, the same principles
we have been discussing apply. The amount of heat absorbed by the calorimeter is often small enough that we
can neglect it (though not for highly accurate measurements, as discussed later), and the calorimeter minimizes
energy exchange with the outside environment. Because energy is neither created nor destroyed during a
chemical reaction, there is no overall energy change during the reaction. The heat produced or consumed in the
reaction (the “system”), greaction, plus the heat absorbed or lost by the solution (the “surroundings”), gsolution,
must add up to zero:
qreaction + Jsolution = 0
This means that the amount of heat produced or consumed in the reaction equals the amount of heat
absorbed or lost by the solution:
(reaction = — {solution
This concept lies at the heart of all calorimetry problems and calculations. If the amount of heat
absorbed by a calorimeter is too large to neglect or if we require more accurate results, then we must take into
account the heat absorbed both by the solution and by the calorimeter.
Example 3.5.5 — Heat Produced by an Exothermic Reaction
When 50.0 mL of 1.00 M HCl (4¢) and 50.0 mL of 1.00 M NaOH (4g), both at 22.0°C, are
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added to a coftee cup calorimeter, the temperature of the mixture reaches a maximum of 28.9°C.
What is the approximate amount of heat produced by this reaction?
HCl (ag) + NaOH (ag) — NaCl (ag) + H>O (1)

Solution

To visualize what is going on, imagine that you could combine the two solutions so quickly
that no reaction took place while they mixed; then after mixing, the reaction took place. At the
instant of mixing, you have 100.0 mL of a mixture of HCl and NaOH at 22.0°C, and hence it
will be that whole solution of 100.0 mL that will absorb the heat given off by the reaction. The
HCI and NaOH then react until the solution temperature reaches 28.9°C.
The heat given off by the reaction is equal to that taken in by the solution.
Therefore:

Qreaction = — {solution

(It is important to remember that this relationship only holds if the calorimeter does not
absorb any heat from the reaction, and there is no heat exchange between the calorimeter and
the outside environment.)

Next, we know that the heat absorbed by the solution depends on its specific heat, mass, and
temperature change:

Qsolution = (c x m x AT)solution

To proceed with this calculation, we need to make a few more reasonable assumptions or
approximations. Since the solution is aqueous, we can proceed as if it were water in terms of its
specific heat and mass values. The density of water is approximately 1.0 g/mL, so 100.0 mL has
a mass of about 1.0 x 10° g (two significant figures). The specific heat of water is approximately
4.184]/g °C, so we use that for the specific heat of the solution. Substituting these values gives:

Gsolution = (4.184]/g" C)(1.0 x 10*g)(28.9° C-22.0° C)=2.9x10°]
Finally, since we are trying to find the heat of the reaction, we have:
reaction = — solution = -2.9 X 103]
The negative sign indicates that the reaction is exothermic. It produces 2.9 k] of heat.
Check Your Learning 3.5.6 — Heat Produced by an Exothermic Reaction

When 100 mL of 0.200 M NaCl (2g) and 100 mL of 0.200 M AgNO3 (29), both at 21.9°C,
are mixed in a coffee cup calorimeter, the temperature increases to 23.5°C as solid AgCl forms.
How much heat is produced by this precipitation reaction? What assumptions did you make to
determine your value?
Answer

1.34x 10° J; assume no heat is absorbed by the calorimeter, no heat is exchanged between the
calorimeter and its surroundings, and that the specific heat and mass of the solution are the same
as those for water

As seen in the previous example, we assumed that the specific heat capacity of the solution mixture of
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HCI (ag) and NaOH (aq) was equal to that for water. Therefore, in calorimetry problems (unless otherwise
mentioned), you can set the value of ¢ for solutions as 4.184 J/g °C if the assumption is reasonable (for example,
the reactants used are all aqueous solutions).
Example 3.5.6 — Heat Flow in an Instant Ice Pack
When solid ammonium nitrate dissolves in water, the solution becomes cold. This is the basis
for an “instant ice pack” (Figure 3.5.6). When 3.21 g of solid NH4NO3 dissolves in 50.0 g of
water at 24.9°C in a calorimeter, the temperature decreases to 20.3°C.
Calculate the value of g for this reaction and explain the meaning of its arithmetic sign. State

any assumptions that you made.

ammonium nitrate

Inner bag of water

Figure 3.5.6. An instant cold pack consists of a bag containing solid ammonium nitrate and

a second bag of water. When the bag of water is broken, the pack becomes cold because the
dissolution of ammonium nitrate is an endothermic process that removes thermal energy from

the water. The cold pack then removes thermal energy from your body.

Solution

We assume that the calorimeter prevents heat transfer between the solution and its external
environment (including the calorimeter itself), in which case:

drxn = — Gsoln

with “rxn” and “soln” used as shorthand for “reaction” and “solution,” respectively.

Note: We're saying here that it’s the so/ution that is losing heat, and not the solvent. In your
calculations, when you consider the value for mass, 72, you have to use the mass of the solution,

NOT the solvent! When the reaction begins, the amount of salt is already dissolved and added
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to the amount of water present, so the solution is present and will be the one that emits heat. By
the law of conservation of mass, the total mass of the solution must be the sum of masses for salt
and water, hence it is this total mass of solution that loses heat.

Assuming also that the specific heat of the solution is the same as that for water, we have:

qrxn = — gsoln = — (¢ x m x AT)soln
=—[(4.184]/g C)x(53.2g) x(20.3° C-249" C)]
=—[(4.184]/g C)x(53.2g) x (-4.6 C)]
+1.0x10°] =+ 1.0k]
The positive sign for ¢ indicates that the dissolution is an endothermic process.
Check Your Learning 3.5.7 — Heat Flow in an Instant Ice Pack

When a 3.00-g sample of KCI was added to 3.00 x 10 g of water in a coffee cup calorimeter,
the temperature decreased by 1.05°C. How much heat is involved in the dissolution of the KCI?
What assumptions did you make?

Answer

1.33 kJ; assume that the calorimeter prevents heat transfer between the solution and its
external environment (including the calorimeter itself) and that the specific heat of the solution

is the same as that for water
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In Case You're Interested... Thermochemistry of Hand Warmers

When working or playing outdoors on a cold day, you might use a hand warmer to warm your hands (Figure
3.5.7). A common reusable hand warmer contains a supersaturated solution of NaC,H30, (sodium acetate)
and a metal disc. Bending the disk creates nucleation sites around which the metastable NaC,H30, quickly
crystallizes.

The process NaCoH30; (2g) — NaCyH30; (s) is exothermic, and the heat produced by this process is
absorbed by your hands, thereby warming them (at least for a while). If the hand warmer is reheated, the
NaC,H30; redissolves and can be reused.

Push The Button...Feel the Heat!

Figure 3.5.7. Chemical hand warmers produce heat that warms your hand on a cold day. In this one, you
can see the metal disc that initiates the exothermic precipitation reaction. (credit: modification of work by
Science Buddies TV/YouTube)

Another common hand warmer produces heat when it is ripped open, exposing iron and water in the hand
warmer to oxygen in the air. One simplified version of this exothermic reaction is 2 Fe (s) + 3/2 O (g) —
FeyO3 (5). Salt in the hand warmer catalyzes the reaction, so it produces heat more rapidly; cellulose, vermiculite,
and activated carbon help distribute the heat evenly. Other types of hand warmers use lighter fluid (a platinum
catalyst helps lighter fluid oxidize exothermically), charcoal (charcoal oxidizes in a special case), or electrical units
that produce heat by passing an electrical current from a battery through resistive wires.

This link shows the precipitation reaction that occurs when the disk in a chemical hand warmer is flexed.

Bomb (or Constant Volume) Calorimetry

The coftee-cup calorimeters previously described are designed to operate at constant (atmospheric) pressure
and are convenient to measure heat flow accompanying processes that occur in solution. A different type of
calorimeter that operates at constant volume, a bomb calorimeter, is used to measure the energy produced by
reactions that are very exothermic and yield large amounts of heat and gaseous products, such as combustion
reactions. This type of calorimeter consists of a robust steel container (the “bomb”) that contains the reactants
and is itself submerged in water (Figure 3.5.8). The sample is placed in the bomb, which is then filled with
oxygen at high pressure. A small electrical spark is used to ignite the sample. The energy produced by the
reaction is absorbed by the steel bomb and the surrounding water. The temperature increase is measured
and, along with the known heat capacity of the calorimeter, is used to calculate the energy produced by the
reaction. Bomb calorimeters require calibration to determine the heat capacity of the calorimeter and ensure
accurate results. The calibration is accomplished using a reaction with a known ¢, such as a measured quantity
of benzoic acid ignited by a spark from a nickel fuse wire that is weighed before and after the reaction. The
temperature change produced by the known reaction is used to determine the heat capacity of the calorimeter.

The calibration is generally performed each time before the calorimeter is used to gather research data.


https://upload.wikimedia.org/wikipedia/commons/9/9d/Handwarmer-crystallisation.ogv
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Figure 3.5.8. (a) A bomb calorimeter is used to measure the heat produced by reactions involving gaseous

reactants or products, such as combustion. (b) The reactants are contained in the gas-tight “bomb,” which is
submerged in water and surrounded by insulating materials. (credit a: modification of work by

“Harbor1”/Wikimedia commons)

Bomb Calorimetry — Video

See this link to learn more about how a bomb calorimeter is prepared for action.

Example 3.5.7 — Bomb Calorimetry

When 3.12 g of glucose, CsH12Og, is burned in a bomb calorimeter, the temperature of the
calorimeter increases from 23.8°C to 35.6°C. The calorimeter contains 775 g of water, and the
bomb itself has a heat capacity of 893 J/°C.

(a) How much heat was produced by the combustion of the glucose sample?

(b) The metabolic breakdown of glucose is quite similar to its combustion — it requires
oxygen (O2) for its oxidation, except the energy harvested from glucose is primarily used to carry
out cellular processes. Assuming the same amount of energy from part (a) was harnessed from
consuming the same glucose sample and metabolizing it, how much nutritional calories (Cal)
would this correspond to?

Solution
(a) The combustion produces heat that is primarily absorbed by the water and the bomb.

(The amounts of heat absorbed by the reaction products and the unreacted excess oxygen are


https://www.youtube.com/watch?v=RJXq92dzAWA
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relatively small and dealing with them is beyond the scope of this text. We will neglect them in
our calculations.)
The heat produced by the reaction is absorbed by the water and the bomb:
Jrxn = — (Gwater + qbomb) = — {[Mwater X cwater X (T = Ti)] + [Ceal x (T¢-T7)]}
=-[(4,184]/g" C)x(775g) x(35.6 C-23.8" C)+893]/ Cx(35.6 C-238" C)]
= —(38300] + 10500 ])
— _ 48800] = — 48.8k]
This reaction released 48.7 k] of heat when 3.12 g of glucose was burned.
(b) The energy produced, expressed in kilojoules, can easily be expressed in calories and

furthermore in Calories by performing a unit conversion:

100 1 oad 1 kcal 1 Cal

Calories — #8, 7 bJ = o " "
o 1 EJ 4184 F 1000 cal 1 keal

11. 6 Calories

Therefore, a person consuming 3.12 g of glucose would get roughly 11.6 Calories.
Check Your Learning 3.5.8 — Bomb Calorimetry
When 0.963 g of benzene, CgHg, is burned in a bomb calorimeter, the temperature of the
calorimeter increases by 8.39°C. The bomb has a heat capacity of 784 J/°C and is submerged in
925 mL of water. How much heat was produced by the combustion of the glucose sample?
Answer
39.0k
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CHM1311 Laboratory | Experiment #2: Enthalpy of Various Reactions
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Purpose

Using your knowledge of calorimetry in the context of thermochemistry, the goal of this exgeriment is to
accomplish the following task: to design a drinks container that can be activated to cool 100 cm™ of drinkable
water by 5°C in no more than 5 minutes.

You have a choice between using either ammonium chloride (NH4CI) or ammonium nitrate (NH4NO3) as
one of your main chemicals for the cooling process.

Principles

Calorimetry

Enthalpy of different reactions

Hess’ Law

Graphical extrapolation

Safety Precautions

Wear appropriate personal protective equipment (PPE) at all times in the laboratory setting — this includes
your lab coat and safety goggles/glasses.

Be sure to consult the MSDS for NH4Cl and NH4NO3 for relevant health and safety, first aid, handling, and
waste disposal information.

As you plan your procedure, always make sure that all steps are safe and follow lab safety guidelines. Your TA
will verify your procedure before you conduct your experiment.

Things to Consider

Make sure you go through the pre-lab exercise for the experiment — it will allow you to better understand
your task and make it much easier for you to plan your procedure. Some of the questions allow you to acquire
information that you’ll need for the experiment, such as the enthalpy of solution for NH4Cl and NH4NO3.

In your report, make sure you explain your choice of chemical (NH4Cl or NH4NO3) in terms of various
factors such as cost, enthalpy of solution, solubility in water, and relevant health and safety information to pass
Canada Health & Safety inspection.

You’ll be responsible for reporting full details of the cooling process, the theoretical (Hint: g = mcAT) and
experimental quantities of chemicals used and the time periods required to achieve the -5°C temperature change.

Reference
Venkateswaran, R. General Chemistry — Laboratory Manual - CHM 1301/1311.

Questions

% Questions

1. A 500-mL bottle of water at room temperature and a 2-L bottle of water at the same temperature were
placed in a refrigerator. After 30 minutes, the S00-mL bottle of water had cooled to the temperature of
the refrigerator. An hour later, the 2-L of water had cooled to the same temperature. When asked which

sample of water lost the most heat, four students gave the following answers,

a. Both bottles lost the same amount of heat because they started at the same temperature and
finished at the same temperature.
b. The 2-L bottle of water lost more heat because there was more water.

c. The 500-mL bottle of water lost more heat because it cooled more quickly.
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d. It’s not possible to tell because we do not know the initial temperature and the final
temperature of the water.

Indicate which of these answers is correct and describe the error in each of the other answers.

2. Would the amount of heat measured in an exothermic reaction be greater, lesser, or remain the
same if we used a calorimeter that was a poorer insulator than a coffee cup calorimeter? Explain your
answer.

3. Would the amount of heat absorbed by the dissolution in Example 6. (heat flow in an instant ice pack)

appear greater, lesser, or remain the same if the experimenter used a calorimeter that was a poorer
insulator than a coftee cup calorimeter? Explain your answer.
% % Questions
4. How many millilitres of water (volume) at 23 °C with a density of 1.00 g/mL must be mixed with

180 mL (about 6 0z) of coftee at 95 °C so that the resulting  combination will have a temperature of 60 °C?
Assume that coffee and water have the same density and the same specific heat.

S. How much will the temperature of a cup (180 g) of coffee at 95 °C be reduced ~ when a 45 g silver
spoon (specific heat 0.24 J/g °C) at 25 °C is placed in the coffee  and the two are allowed to reach the same
temperature? Assume that the coffee  has the same density and specific heat as water.

6. When 50.0 g of 0.200 M NaCl(zg) at 24.1 °C is added to 100.0 g of 0.100 M AgNO3(ag) at 24.1
°C in a calorimeter, the temperature increases to 25.2 °C as AgCl(s) forms. Assuming the specific heat of
the solution and productsis 4.20 J/g ~ °C, calculate the approximate amount of heat in joules produced.

7. The addition of 3.15 g of Ba(OH),-8H,0 to a solution of 1.52 g of NH4SCN in 100 g of waterin a
calorimeter caused the temperature to fall by 3.1 °C. Assuming the  specific heat of the solution and products
is 4.20 J/g °C, calculate the approximate amount of heat absorbed by the reaction (in kilojoules), which can
be represented by the following equation:

Ba(OH), - 8H20 (5) + 2 NH4SCN (29) — Ba(SCN); (ag) + 2 NHj3 (ag) + 10 H2O (1)

8. When 1.0 g of fructose, CsH1204(s), a sugar commonly found in fruits, is burned in oxygen in a bomb
calorimeter, the temperature of the calorimeter increases by ~ 1.58 °C. If the heat capacity of the calorimeter
and its contents is 9.90 kJ/°C, what  is ¢ for this combustion (in kilojoules)?

9. When a 0.740-g sample of trinitrotoluene (TNT), C;HsN»Og, is burned in a bomb calorimeter,
the temperature increases from 23.4 °C to 26.9 °C. The heat capacity of the calorimeter is 534 J/°C,
and it contains 675 mL of water. How much heat was produced by the combustion of the TNT sample (in
kilojoules)?

10. The amount of fat recommended for someone with a daily diet of 2000 Calories is 65 g. What
percent of the calories in this diet would be supplied by this amount of fat if the average number of Calories
for fat is 9.1 Calories/g?

11. A teaspoon of the carbohydrate sucrose (common sugar) contains 16 Calories (16 kcal). What is
the mass of one teaspoon of sucrose (in grams) if the average ~ number of Calories for carbohydrates is 4.1

Calories/g?
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12. A pint of premium ice cream can contain 1100 Calories. What mass of fat, in grams and pounds,
must be produced in the body to store an extra 1.1 x 10° Calories if the average number of Calories
for fat is 9.1 Calories/g?

13. Which is the least expensive source of energy in kilojoules per dollar: a box of  breakfast cereal that
weighs 32 ounces and costs $4.23, or a litre of isooctane (density, 0.6919 g/mL) that costs $0.45? Compare
the nutritional value of the cereal with the heat produced by combustion of the isooctane under standard

conditions. A 1.0-ounce serving of the cereal provides 130 Calories.

Answers

1. Student 2 is correct. The error in the first student’s answer is having ignored the mass of water. For the
third student, the answer opposed the question asked. He needed to state that the 2-L bottle took longer
to reach the refrigerator’s temperature therefore it lost more heat. The error in the fourth student’s
answer ignored that the change in temperature of both water bottles are the same and both initial and

final temperature are not needed.

2. Lesser; in a poorer insulator more of the heat produced by the reaction will escape, which would
appear as a smaller value for q.

3. Greater, since taking the calorimeter’s heat capacity into account will compensate for
the thermal energy transferred to the solution from the calorimeter; this approach includes the
calorimeter itself, along with the solution, as “surroundings”: grxn = = (gsolution + Jcalorimeter); since both
Gsolution and Gcalorimeter are negative, including the latter term (grxn) will yield a greater value for the heat
of the dissolution

4.170.27 mL

5. The temperature of the coffee will drop 1 degree.

6.693]

7.14K

8.15.64k]

9.11.7k]

10. 30%

11.3.90¢g

12.120.87 g, 0.055 Ibs

13. Buying a dollar of isooctane it would give you 7.349 x 10* kJ. A dollar worth of  cereal would only

fuel 4.12 k] of energy. Therefore, with one dollar it is best to invest in isooctane to obtain more energy.
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One way to report the heat absorbed or released would be to compile a massive set of reference tables
that list the enthalpy changes for all possible chemical reactions, which would require an incredible amount of
effort. Fortunately, Hess’s law, which we’ll discuss in this chapter, allows us to calculate the enthalpy change for

virtually any conceivable chemical reaction using a relatively small set of tabulated data, such as the following:

* Enthalpy of combustion (4Hyp): The change in enthalpy that occurs during a combustion reaction.
Enthalpy changes have been measured for the combustion of virtually any substance that will burn in
oxygen; these values are usually reported as the enthalpy of combustion per mole of substance.

* Enthalpy of formation (4Hp): The change in enthalpy due to the formation of a molecule from its
elements in their natural state at standard conditions (ie. the state they are most stable at 25 C and 1
bar). As they are based on their elements, the enthalpy of formation for elements in their natural state is
always equal to zero.

* Enthalpy of fusion (4Hf,): The enthalpy change that accompanies the melting (fusion) of a mole of a
substance; these values have been measured for almost all the elements and for most simple compounds.

* Enthalpy of vaporization (4H,4p): The enthalpy change that accompanies the vaporization of 1 mol of a
substance. The enthalpy change that accompanies the vaporization of 1 mol of a substance; these values
have also been measured for nearly all the elements and for most volatile compounds.

* Enthalpy of solution (4H,,): The change in enthalpy that occurs when a specified amount of solute
dissolves in a given quantity of solvent. The enthalpy change when a specified amount of solute dissolves
in a given quantity of solvent.

* Enthalpy change can be visualized using the following energy diagram. The change in energy represents

the enthalpy change after a chemical reaction has occurred.
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Figure 3.6.1. Bond energy diagram showing the change in energy of an exothermic reaction.
Enthalpy of Combustion

Standard enthalpy of combustion (AHOC) is the enthalpy change when 1 mole of a substance
burns (combines vigorously with oxygen) under standard state conditions; it is sometimes called “heat of
combustion.” For example, the enthalpy of combustion of ethanol, —1366.8 kJ/mol, is the amount of heat
produced when one mole of ethanol undergoes complete combustion at 25 °C and 1 bar pressure, yielding
products also at 25 °C and 1 bar.

CoHsOH (1)+303(¢) — 2CO2+3Ho0(l) AHaos =-1366.8K]

It should be noted that, historically, the unit of standard pressure was 1 atmosphere (101.325 kPa) but
this was changed by IUPAC in 1982 to 1 bar (100 kPa). Be aware that both of these values are still commonly
used as standard pressure.

Enthalpies of combustion for many substances have been measured; a few of these are listed in Table
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3.6.1. Many readily available substances with large enthalpies of combustion are used as fuels, including
hydrogen, carbon (as coal or charcoal), and hydrocarbons (compounds containing only hydrogen and
carbon), such as methane, propane, and the major components of gasoline.

Table 3.6.1 Standard Molar Enthalpies of Combustion

Standard Molar Enthalpies of Combustion

Enthalpy of Combustion,

Substance Combustion Reaction AHDC (k] at 25°C)
carbon C (s)+ 02 (¢g) = CO2 (g) -393.5
hydrogen Hy (g) + 1/2 02 (g) — H20 (1) -285.8
magnesium Mg (s)+1/2 02(g) = MgO (s) -601.6
sulfur S(5)+ 02(g) — SO (g) -296.8
carbon monoxide  CO (g) + 1/2 0, (g) = COa(g) ~283.0
methane CHy(g)+2 02 (g) — COy (g) + 2 HyO (1) -890.8
acetylene CoHa (g) +5/2 02 (g) = 2 COa (g) + HoO (1) ~1301.1
ethanol CoHsOH (1) +3 0y (g) — 2 COy (¢) + 3H,0 (1) ~1366.8
methanol CH30H (1) + 3/2 05 (g) — CO2 (g) + 2 H,0 (1) -726.1
isooctane CsHis (1) +25/2 02 (g) > 8 CO2(g) + 9 H2O (1) -5461

Example 3.6.1 — Using Enthalpy of Combustion
As illustrated in Figure 3.6.2., the combustion of gasoline is a highly exothermic process.
Let us determine the approximate amount of heat produced by burning 1.00 L of gasoline,
assuming the enthalpy of combustion of gasoline is the same as that of isooctane, a common

component of gasoline. The density of isooctane is 0.692 g/mL.
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Figure 3.6.2. The combustion of gasoline is very exothermic. (credit: modification of work
by “AlexEagle”/Flickr)
Solution
Starting with a known amount (1.00 L of isooctane), we can perform conversions between
units until we arrive at the desired amount of heat or energy. The enthalpy of combustion of
isooctane provides one of the necessary conversions. The table above gives this value as —5460 k]
per one mole of isooctane (CgHjg).

Using these data,

WilmL Csllg 62 aCaME | mod CaMis vl N
100 o s = . . 430 = W LT
i I LTl Il mL CsHa 14Ty 1 mod M

The combustion of 1.00 L of isooctane produces 33,100 kJ of heat. (This amount of energy
is enough to melt 99.2 kg, or about 218 Ibs, of ice.)

Note: If you do this calculation one step at a time, you would find:

LONMD rradls Cog M

1.00 L CaHig » 1.00 x 10°mL CyHia

L g ot
1.00 x 10°mL CyHys x —— L‘ELI:"‘ 602 g CyHys
602 g Cp Hys = % 6,07 mal CsHys
692 g Oy H g = % —3.31 = 10* &J

Check Your Learning 3.6.1 — Using Enthalpy of Combustion
How much heat is produced by the combustion of 125 g of acetylene?
Answer
625 % 10°kJ
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Emerging Algae-Based Energy Technologies (Biofuels)

As reserves of fossil fuels diminish and become more costly to extract, the search is ongoing for
replacement fuel sources for the future. Among the most promising biofuels are those derived from algae
(Figure 3.6.3.). The species of algae used are nontoxic, biodegradable, and among the world’s fastest-growing
organisms. About 50% of the algal weight is oil, which can be readily converted into fuel such as biodiesel.
Algae can yield 26,000 gallons of biofuel per hectare—much more energy per acre than other crops. Some

strains of algae can flourish in brackish water that is not usable for growing other crops. Algae can produce

biodiesel, biogasoline, ethanol, butanol, methane, and even jet fuel.
¥ y B

@ (b) (©
Figure 3.6.3. (a) Tiny algal organisms can be (b) grown in large quantities and eventually (c) turned into a
useful fuel such as biodiesel. (credit a: modification of work by Micah Sittig; credit b: modification of work by
Robert Kerton; credit c: modification of work by John F. Williams)

According to the US Department of Energy, only 39,000 square kilometres (about 0.4% of the
landmass of the US or less than 1/7 of the area used to grow corn) can produce enough algal fuel to replace all
the petroleum-based fuel used in the US. The cost of algal fuels is becoming more competitive—for instance,
the US Air Force is producing jet fuel from algae at a total cost of under $5 USD per gallon. The process used
to produce algal fuel is as follows: grow the algae (which use sunlight as their energy source and CO3 as a raw
material); harvest the algae; extract the fuel compounds (or precursor compounds); process as necessary (e.g.,

perform a transesterification reaction to make biodiesel); purify, and distribute (Figure 3.6.3.).
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Figure 3.6.4. Algae convert sunlight and carbon dioxide into oil that is harvested, extracted, purified, and
transformed into a variety of renewable fuels.
Click here to learn more about the process of creating algae biofuel.
Standard Enthalpy of Formation
Standard enthalpy of formation AHE is an enthalpy change for a reaction in which exactly one
mole of a pure substance is formed from free elements in their most stable states under standard conditions.
These values are especially useful for computing or predicting enthalpy changes for chemical reactions that are
impractical or dangerous to carry out, or for processes for which it is difficult to make measurements. If we
have values for the appropriate standard enthalpies of formation, we can determine the enthalpy change for
any reaction, which we will practice here in this section.
The standard enthalpy of formation of COx(y) is —=393.5 kJ/mol. This is the enthalpy change for the
exothermic reaction:

C()+02(¢)—CO2(g) AHf =AHzps =-3935K

starting with the reactants at a pressure of 1 bar and 25 °C (with the carbon present as graphite, the most
stable form of carbon under these conditions) and ending with one mole of CO», also at 1 bar and 25 °C. For
nitrogen dioxide, NO; (g), AHfo is 33.2 kJ/mol. This is the enthalpy change for the reaction:
1/2N3(g)+ O2(g) = NOs(¢)  AHf =AHaos =+332K
A reaction equation with 1/2 mole of N3 and 1 mole of O is correct in this case because the standard
enthalpy of formation always refers to 1 mole of product, NOy(y).
You will find a table of standard enthalpies of formation of many common substances in Appendix G.
These values indicate that formation reactions range from highly exothermic (such as —2984 kJ/mol for the
formation of P4O1) to strongly endothermic (such as +226.7 kJ/mol for the formation of acetylene, CoH)).
By definition, the standard enthalpy of formation of an element in its most stable form is equal to zero under
standard conditions, which is 1 bar for gases and 1 M for solutions. The reference forms used for most elements
are simply the element itself (for example silver: Ag (5)), however, some are more unusual. These exceptions are

summarized in the table below.


http://openstaxcollege.org/l/16biofuel
https://drive.google.com/a/uottawa.ca/open?id=1-V2OqhJooyn-zj5fxneADCPnU6_joVTPNQWHHGjPyRI
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Element Reference Forms

Element Reference Form
hydrogen Ha(g)
nitrogen N2 (g)

oxygen O2(g)
fluorine F2(g)
chlorine Cl (g)
bromine Bry (1)

iodine L (5)

carbon C (graphite, s)
phosphorus P (white, 5)
sulfur Ss ()

Table 3.6.2 Unusual Element Reference Forms

Example 3.6.2 — Evaluating an Enthalpy of Formation

Ozone, O3(y), forms from oxygen, O2(¢)» by an endothermic process. Ultraviolet radiation is
the source of the energy that drives this reaction in the upper atmosphere. Assuming that both
the reactants and products of the reaction are in their standard states, determine the standard
enthalpy of formation, AHfG of ozone from the following information:

30,(¢) > 20s(g) AHaos =+286k]
Solution

AH{-‘O is the enthalpy change for the formation of one mole of a substance in its standard state

from the elements in their standard states. Thus, AHfO for O3(g) is the enthalpy change for the

reaction:

3/202(g) — O3(g)
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|: IE6 EJ )
o 2 mj O'
For the formation of 2 mol of O3(g), AH 298=+286 kJ. This ratio, ¢ , can be used

as a conversion factor to find the heat produced when 1 mole of O3(g) is formed, which is the

enthalpy of formation for O3(y):

286 kJ

AH" for 1 mole of Oy =1 mol Oy = Bl O 142 kJ
muod (y

Therefore, AHfo[ O3 (¢)] = + 143 k]/mol.
Check Your Learning 3.6.2 — Evaluating an Enthalpy of Formation
Hydrogen gas, Hy, reacts explosively with gaseous chlorine, Cl, to form hydrogen chloride,

HCl(g). What is the enthalpy change for the reaction of 1 mole of Hy(g) with 1 mole of Cly(y)
if both the reactants and products are at standard state conditions? The standard enthalpy of
formation of HCl(y) is —92.3 kJ/mol.
Answer
Hy(¢)+Cly(g) — 2HCl(g) AHpos =- 1846k
Example 3.6.3 — Writing Reaction Equations for AHfo
Write the heat of formation reaction equations for:
(a) Co.HsOH (7)
(b) Ca3(PO4)2(s)

Solution
Remembering that AHf reaction equations are for forming 1 mole of the compound from

its constituent elements under standard conditions, we have:
a.2 C (5, graphite) + 3 Hy (¢) + 1/2 O (g) > Co,HsOH (1)
b.3Ca(5)+1/2P4(s) + 4 O3 (g) = Ca3(PO4)2 (s)
Note: The standard state of carbon is graphite, and phosphorus exists as P4.
Check Your Learning 3.6.3 — Writing Reaction Equations for AHfo
Write the heat of formation reaction equations for:
(a) C2HsOC,Hs (2)
(b) Na;CO3 ()
Answer
a. 4 C (5, graphite) + 5 Hp (g) + 1/2 O3 (g) — CoHsOCH (1)
b. 2 Na (5) + C (5, graphite) + 3/2 Oz (g) — NazCOs3 (5)

Hess’s Law
There are two ways to determine the amount of heat involved in a chemical change: measure it
experimentally, or calculate it from other experimentally determined enthalpy changes. Some reactions are

difficult, if not impossible, to investigate and make accurate measurements for experimentally. And even when
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a reaction is not hard to perform or measure, it is convenient to be able to determine the heat involved in a
reaction without having to perform an experiment.

This type of calculation usually involves the use of Hess’s law, which states: If 2 process can be written
as the sum of several stepwise processes, the enthalpy change of the total process equals the sum of the enthalpy
changes of the various steps. Hess’s law is valid because enthalpy is a state function: Enthalpy changes depend
only on where a chemical process starts and ends, but not on the path it takes from start to finish. For example,
we can think of the reaction of carbon with oxygen to form carbon dioxide as occurring either directly or by a
two-step process. The direct process is written: ]

C()+02(g) > CO2(g) AHaeg =-394k]
In the two-step process, first carbon monoxide is formed:
C(5)+1/205(¢) > CO2(g) AHpos =-111K
Then, carbon monoxide reacts further to form carbon dioxide:
CO(g)+1/20,(g) > COz(¢) AHpes =-283k]
The equation describing the overall reaction is the sum of these two chemical changes:
Step 1: C (5) + 1/2 03 (¢) > CO2(¢)  AHzos =-111K]
Step 2: CO (g) + 1/2 0 (g) = CO (g) AHaog =-283k]

Sum: C (5) + Oz (g) + CO (g) > CO (g) + CO2 (g)
Because the CO produced in Step 1 is consumed in Step 2, the net ghange is:
C(5)+02(g) > CO2(g) AHpog =-394k]
According to Hess’s law, the enthalpy change of the reaction will equal the sum of the enthalpy changes
of the steps. We can apply the data from the experimental enthalpies of combustion in Table 3.6.1 to find the

enthalpy change of the entire reaction from its two steps:
C(5)+1/202(g) > CO2(g) AH298" =-111kJ

COyg) + 5 02g) —+ COug AHZ 253 kJ
I:-.-\-:-u T t]."'::'.'l ¥ r_-lt.-;l_'.l:._; JH:'_I: gﬁl J-f-\.ir

The result is shown in Figure 3.6.5. We see that AH of the overall reaction is the same whether it occurs
in one step or two (i.c. it is a state function). This finding (overall AH for the reaction = sum of AH values for

reaction “steps” in the overall reaction) is true in general for chemical and physical processes.


https://cnx.org/contents/havxkyvS@9.311:MrqvGATg@18/Enthalpy
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A C(s) + 02(g)

Enthalpy of
reactants

AH =—111 kJ .
Y CO(g) + 50(g)

Enthalpy change
AH =-393.5 kJ + of exothermic reaction

in 1 or 2 steps
AH =-282.5kJ

H increasing

Y y J Enthalpy of
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Figure 3.6.5. The formation of CO»(g) from its elements can be thought of as occurring in two
steps, which sum to the overall reaction, as described by Hess’s law. The horizontal blue lines represent
enthalpies. For an exothermic process, the products are at lower enthalpy than are the reactants.

Before we further practice using Hess’s law, let us recall two important features of AH.
AH is directly proportional to the quantities of reactants or products. For example, the enthalpy change for
the reaction forming 1 mole of NOx(g) is +33.2 k]:
1/2N2(g)+O2(g) — NO2(¢) AH=+33.2k]

When 2 moles of NO; (twice as much) are formed, the AH will be twice as large:
N2 (g)+20;5(g) — 2NO2(g) AH=+66.4k]
In general, if we multiply or divide an equation by a number, then the enthalpy change should also
be multiplied or divided by the same number.
AH for a reaction in one direction is equal in magnitude and opposite in sign to AH for the reaction in the
reverse direction. For example, given that:
Hj (g) + Cly (g) — 2HCl((g) AH = - 184.6k]
Then, for the “reverse” reaction, the enthalpy change is also “reversed”:
2HCl(g) > Hz(g)+Cla(g) AH=+184.6k]
Example 3.6.4 — Stepwise Calculation of AHf Using Hess’s Law
Determine the enthalpy of formation, AHfO, of FeCls(,) from the enthalpy changes of the
following two-step process that occurs under standard state conditions:
Fe(s)+Cly(g) > FeCla(s)  AH=-341.8k]
FeCly (5)+1/2Cly (g) = FeCl3 (s)  AH=-57.7k]
Solution
We are trying to find the standard enthalpy of formation of FeCls(s), which is equal to AH®
for the reaction:

Fe(s)+3/2Cly(g) — FeClz(5) AH =2
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Looking at the reactions, we see that the reaction for which we want to find AH"® is the sum
of the two reactions with known AH values, so we must sum their enthalpies:

Fe(s)+Cly(g) > FeClr(s) AH =-341.8k]

FeClyy) + 3Cly, — FeCly, AH 57.7 kJ

Feoo + 201 ¢ Fell, AN 3005 EJ
] ‘- _|.g M a

The enthalpy of formation, AH¢®, of FeCl3(s) is — 399.5 kJ/mol.
Check Your Learning 3.6.4 — Stepwise Calculation of AHf Using Hess’s Law
Calculate AH for the process:
N2(g)+202(g) = 2NO2(g)
from the following information:
N2(z)+202(z)—2NOs(g) AH=180.5k]
NO (g)+1/204(g) > NO2 (g) AH =-57.06k]
Answer
66.4]

Here is a less straightforward example that illustrates the thought process involved in
solving many Hess’s law problems. It shows how we can find many standard enthalpies of
formation (and other values of AH) if they are difficult to determine experimentally.

Example 3.6.5 — A More Challenging Problem Using Hess’s Law
Chlorine monofluoride can react with fluorine to form chlorine trifluoride:
(i)CIF (¢)+ F2(¢) = ClF3(¢) AH =?

Use the reactions here to determine the Afo]" for reaction (7):
(ii)20F2(g) > O2(g)+2F2(g) AHgp) =-49.4k]
(iii) 2 CIF, (¢) + O3 (¢) = CLO (g) + OF» (¢) AHgii) =+205.6k]
(iv) CIF3 () + O (g) = 1/2CLO (g) + 3/20F ()  AHgy) = +266.7K]

Solution

Our goal is to manipulate and combine reactions (77), (7iz), and (7v) such that they add up to
reaction (7). Going from left to right in (7), we first see that CIF(g) is needed as a reactant. This
can be obtained by multiplying reaction (77z) by 1/2, which means that the AH® change is also
multiplied by 1/2:

CIF (g) + 1/2 O3 (g) = 1/2 CL,0 (g) + 1/2 OF; (¢)
AHgiy = 12(+205.6K]) = + 102.8 k]

Next, we see that F is also needed as a reactant. To get this, reverse and halve reaction (77), which
means that the AH° changes sign and is halved:

1202 (g) + F2(g) > OF2(g)
AH(ii) =+ 247 k]
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To get CIF3 as a product, reverse (7v), changing the sign of AH":
1/2 CLL0O (g) +3/2 OF, (¢) — ClIF3 (g) + Oz (g)
AHgy) =-266.7K]

Now check to make sure that these reactions add up to the reaction we want:
CIF (g) +1/202(g) — 1/2Cl,0 (g) + 1/2 OF, (g)
AH(iii) =1/2(+205.6k]) =+ 102.8 kJ
1/20;(g) + F» (¢g) — OF2(g)
AH(ﬁ) =+24.7kJ

3C10) + 30Fyq) — ClFyg) + Oy

ClFg) + Fyq) —+ ClEy)

AH? —266.7 kJ

i) —

AH? = —139.2 kT

i

Reactants 1/2 O and 1/2 Oy cancel out product O; product 1/2 ClrO cancels reactant 1/
2 Cl0;, and reactant 3/2 OF; is cancelled by products 1/2 OF; and OF,. This leaves only
reactants ClF(g) and Fa(e) and product CIF 3(0), which are what we want. Since summing these
three modified reactions yields the reaction of interest, summing the three modified AH® values
will give the desired AH":
AH = (+ 102.8K]) + (24.7k]) + (- 266.7k]) = — 139.2k]
Check Your Learning 3.6.6 — A More Challenging Problem Using Hess’s Law
Aluminum chloride can be formed from its elements:
()2 Al(5)+3Cla(g) > 2AICI3 (5) AH =
Use the reactions here to determine the AH® for reaction (7):
(i) HCl () > HCl (ag) AH) =-748K
(iif) Hy (¢) + Cla (g) > 2HCl (g) AHgi) =-185k]
(iv) AICL3 (2g) — AICl3(s)  AHgy) =+ 323 kJ/mol
(v)2Al (5) + 6 HC (ag) — 2 AlCl3 (ag) + 3Ha () AHpy) =+ 1049k]
Answer
~1407 ]

We also can use Hess’s law to determine the enthalpy change of any reaction if the
corresponding enthalpies of formation of the reactants and products are available. The stepwise
reactions we consider are (i) decompositions of the reactants into their component elements (for
which the enthalpy changes are proportional to the negative of the enthalpies of formation of
the reactants), followed by (ii) re-combinations of the elements to give the products (with the
enthalpy changes proportional to the enthalpies of formation of the products). The standard
enthalpy change of the overall reaction is therefore equal to (ii) the sum of the standard enthalpies

of formation of all the products plus (i) the sum of the negatives of the standard enthalpies of
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formation of the reactants. This is usually rearranged slightly to be written as follows, with ¥
representing “the sum of” and 7 standing for the stoichiometric coefficients:
AHreaCdono =>n x AHfo (products) - Zn x AHfo (reactants)
The following example shows in detail why this equation is valid, and how to use it to calculate
the enthalpy change for a reaction of interest.
Example 3.6.7 — Using Hess’s Law
What is the standard enthalpy change for the reaction:
3NO; (g) + H20 (1) — 2HNO;3 (4g) + NO () AH =2
Solution:
Using the Equation
Use the special form of Hess’s law given previously:
AHreactiono =2n x AHfo (products) - Zn x AHfo (reactants)

= SO0 ET )
2 ol HNOsjeqy > & + 1 mol NOy, M
mal H N ol N Oy |

+33.2 EE .71

3 mol NOwg x o0t ld ) ol HaO, 3 B ]
mol Ny mol Ha(ly |
N7 4 kJ) + 1{+90. 2 kF) — 3{+33.2 kJ) — 1{—285.8 kJ)
138 4 kJ

Supporting Why the General Equation Is Valid

Alternatively, we can write this reaction as the sum of the decompositions of 3 NOy(¢g) and 1
H>O(/) into their constituent elements, and the formation of 2 HNO3(4g) and 1 NO(g) from
their constituent elements. Writing out these reactions, and noting their relationships to the

AH¢® values for these compounds (from Appendix G), we have:

33 (2] + 30, (g AH; 00, 6 kJ

L RE
L

H;O il = Hjy(p) + w0y (g1 AH, + 2R5BRT | =1 w AN [ Ha3)
Ha ig) = ¥z (2 -%ﬁ: §l — THNDy a3 AH 4148 kJ [-1 = AHF(HNOy)

10y g) — NO PAH] — +90.2kT [1 x (NO)

Summing these reaction equations gives the reaction we are interested in:
3NOz(g)+ HyO (l) > 2 HNOj3 (ag) + NO (g)
Summing their enthalpy changes gives the value we want to determine:
AHpn =AH; +AH, +AH; +AH; =(-99.6k]) + (+285.8K]) + (- 414.8 k]) +
(+90.2k])
=-138.4k]

So the standard enthalpy change for this reaction is AH® = —138.4 kJ.


https://drive.google.com/a/uottawa.ca/open?id=1-V2OqhJooyn-zj5fxneADCPnU6_joVTPNQWHHGjPyRI
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Note that this result was obtained by (1) multiplying the AH¢® of each product by its
stoichiometric coeflicient and summing those values, (2) multiplying the AH{® of each reactant
by its stoichiometric coefficient and summing those values, and then (3) subtracting the result
found in (2) from the result found in (1). This is also the procedure in using the general
equation, as shown.

For a more in-depth explanation of this approach, check out the
following video.
Check Your Learning 3.6.7 — Using Hess’s Law

Calculate the heat of combustion of 1 mole of ethanol, C;HsOH (/), when H,O (/) and CO,
(¢) are formed. Use the following enthalpies of formation: C;HsOH (/), =278 k]/mol; H,O (/)
—286 kJ/mol; and CO2 (g), =394 k]/mol.

Answer

~1368 kJ/mol

Questions

% Questions

1. How much heat is produced when 100 mL of 0.250 M HCI (density, 1.00 g/mL) and 200 mL of 0.150
M NaOH (density, 1.00 g/mL) are mixed?

HCl (4g) + NaOH (2g) — NaCl (2g) + HoO (I) AHpes =-58k]
If both solutions are at the same temperature and the heat capacity of the products is 4.19 J/g °C,
how much will the temperature increase? What assumption did you make in your calculation?

2. Before the introduction of chlorofluorocarbons, sulfur dioxide (enthalpy of vaporization, 6.00
kcal/mol) was used in household refrigerators. What mass of ~ SO2 must be evaporated to remove as much
heat as evaporation of 1.00 kg of CCIoF; (enthalpy of vaporization is 17.4 kJ/mol)? The vaporization
reactions for SOy and CCIF; are SO3 (7) ? SO;(g) and CCLF (1) ? CCloF; (g), respectively.

3. Homes may be heated by pumping hot water through radiators. What mass of ~ water will provide the
same amount of heat when cooled from 95.0 to 35.0 °C, as  the heat provided when 100 g of steam is cooled
from 110 °C to 100 °C.

4. Does the standard enthalpy of formation of HyO (g) difter from AH" for the reaction 2 Hy (g) +
O2(g) ? 2H2O (g)?

S. Joseph Priestly prepared oxygen in 1774 by heating red mercury(Il) oxide with sunlight focused
through a lens. How much heat is required to decompose exactly 1 mole of red HgO(s) to Hg(/) and Oz(g)
under standard conditions?

6. How many kilojoules of heat will be released when exactly 1 mole of manganese, Mn, is
burned to form Mn3QO4(s) at standard state conditions?

% % Questions

7. The following sequence of reactions occurs in the commercial production of aqueous nitric acid:

4NH3(g)+502(g) > 4NO (g) + 6 HyO (1) AH =-907k]


https://www.youtube.com/watch?v=iETCSFit-zA
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2NO (g)+02(g) > 2NO (g) AH=-113k]
3NO2 + HyO (1) > 2HNO3 (ag) + NO (g) AH=-139k]
Determine the total energy change for the production of one mole of aqueous nitric acid by this
process.
8. Both graphite and diamond burn.
C (5, diamond) + Oy (g) — CO2 (g)
For the conversion of graphite to diamond:
C (5, diamond) — CO2 (g) AH293° =1.90k]
Which produces more heat, the combustion of graphite or the combustion of diamond?
9. From the molar heats of formation in Appendix G, determine how much heatis  required to evaporate
one mole of water:
H>O (1) - H,0 (g)
10. Calculate AH9g° for the process
Sb (s) +5/2Cla (g) — SbCls (g)
from the following information:
Sb () + %CI; (g} — SbCls () AHge = — 314 kJ

Sbll; (5) + Cl; (2) — Sbls5(2) AH,, = —80kJ

11. Calculate AH29g° for the process
Zn(s)+ S (5)+ 202 (g) — ZnSO4 (5)
from the following information:
Zn(s)+S(s) > ZnS(s) AHaos =- 2060k
ZnS (5)+ 204 (g) = ZnSO4 (5) AHes =-776.8k]
12. Calculate the standard molar enthalpy of formation of NO(g) from the following data:
N2 (g)+202,—2NO; (g) AH298° =66.4k]
2NO (g)+ 03— 2NOs (g) AHas =- 1141k
13. Using the data in Appendix G, calculate the standard enthalpy change for each of the following
reactions:
a. N2 (¢) + O2(g) = 2NO (g)
b. Si(s)+2Cly (g) — SiCls (g)
c. Fe203(s) + 3Ha (g) — 2Fe (s5) + 3H20 (1)
d. 2LiOH (s) + Co2 (¢) — LixCO3 () + H2O (g)
14. The following reactions can be used to prepare samples of metals. Determine  the enthalpy change
under standard state conditions for each.
a.2Ag0 (5) > 4 Ag(s)+ O (g)
b. SnO (5)+ CO (g) = Sn (5) + CO2 (g)


https://drive.google.com/a/uottawa.ca/open?id=1-V2OqhJooyn-zj5fxneADCPnU6_joVTPNQWHHGjPyRI
https://drive.google.com/a/uottawa.ca/open?id=1-V2OqhJooyn-zj5fxneADCPnU6_joVTPNQWHHGjPyRI
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c.CrnO3(5)+3Hy(g) > 2Cr(s)+3H0 (1)

d. 2 Al (s) + Fex03 (5) = AlpO3 (s) + 2 Fe (5)

15. Calculate the enthalpy of combustion of propane, C3Hg(g), for the formation of HO(g)and COz(g).
The enthalpy of formation of propane is =104 kJ/mol.

16. Both propane and butane are used as gaseous fuels. Which compound produces more heat per
gram when burned?

% % % Questions

17. Ethanol, C2;HsOH, is used as a fuel for motor vehicles, particularly in Brazil.

a. Write the balanced equation for the combustion of ethanol to CO; (g) and H>O (g), and,
using the data in Appendix G, calculate the enthalpy of combustion of 1 mole of ethanol.

b. The density of ethanol is 0.7893 g/mL. Calculate the enthalpy of combustion of exactly 1 L of
ethanol.

c. Assuming that an automobile’s mileage is directly proportional to the heat of combustion of
the fuel, calculate how much farther an automobile could be expected to travel on 1 L of gasoline than
on 1 L of ethanol. Assume that gasoline has the heat of combustion and the density of n-octane,
CgHig (AHf = — 208.4 kJ/mol; density = 0.7025 g/mL).

18. Among the substances that react with oxygen and that have been considered  as potential rocket fuels
are diborane [BoHg, produces BoOs3(s) and H,O(g)], methane [CHy, produces CO(z) and HyO(g)],
and hydrazine [N2Hy, produces No(¢) and H2O(g)]. On the basis of the heat released by 1.00 g of each
substance  in its reaction with oxygen, which of these compounds offers the best possibility  as a rocket
fuel? The AH¢® of BoHg(g), CH4(g), and NoH4(/) may be found in Appendix G.

19. The oxidation of the sugar glucose, C¢H 1204, is described by the following equation:

CsH12046(5) + 602 (g) > 6 COy (g) + 6 H O (1) AH=-2816k]
The metabolism of glucose gives the same products, although the glucose reacts with oxygen in a
series of steps in the body.

a. How much heat in kilojoules can be produced by the metabolism of 1.0 g of glucose?

b. How many Calories can be produced by the metabolism of 1.0 g of glucose?

20. During a recent winter month in Sheboygan, Wisconsin, it was necessary to obtain 3500 kWh of
heat provided by a natural gas furnace with 89% efficiency ~ to keep a small house warm (the efficiency of a
gas furnace is the percent of the  heat produced by combustion that is transferred into the house).

a. Assume that natural gas is pure methane and determine the volume of natural gas in cubic
feet that was required to heat the house. The average temperature of the natural gas was 56 °F; at this
temperature and a pressure of 1 atm, natural gas has a density of 0.681 g/L.

b. How many gallons of LPG (liquefied petroleum gas) would be required to replace the
natural gas used? Assume the LPG is liquid propane [C3Hsg: density, 0.5318 g/mL; enthalpy of
combustion, 2219 kJ/mol for the formation of CO2z(g) and HyO(/)] and the furnace used to burn the

LPG has the same efficiency as the gas furnace.


https://drive.google.com/a/uottawa.ca/open?id=1-V2OqhJooyn-zj5fxneADCPnU6_joVTPNQWHHGjPyRI
https://drive.google.com/a/uottawa.ca/open?id=1-V2OqhJooyn-zj5fxneADCPnU6_joVTPNQWHHGjPyRI
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c. What mass of carbon dioxide is produced by combustion of the methane used to heat the
house?

d. What mass of water is produced by combustion of the methane used to heat the house?

e. What volume of air is required to provide the oxygen for the combustion of the methane used
to heat the house? Air contains 23% oxygen by mass. The average density of air during the month was
1.22¢/L.

t. How many kilowatt-hours (1 kWh = 3.6 x 10° J) of electricity would be required to
provide the heat necessary to heat the house? Note electricity is 100% efficient in producing heat inside
ahouse.

g. Although electricity is 100% eficient in producing heat inside a house, the production
and distribution of electricity is not 100% efficient. The efficiency of production and distribution of
electricity produced in a coal-fired power plant is about 40%. A certain type of coal provides 2.26 kWh
per pound upon combustion. What mass of this coal in kilograms will be required to produce
the electrical energy necessary to heat the house if the efficiency of generation and distribution is 40%?

Answers
1. AH29go = - 1450 J; We assume that the heat is fully transferred and not lost to the solvent; temperature

increase by 1.154 degrees

2.367.12¢g
3.743¢g
4. No.
5.90.8 k]
6.459.6k]
7.—495 kJ/mol
8. Combustion of diamond produces more heat
9. 44.01 kJ/mol
10. =394 k]
11. - 207k
12.90.3 mol ' of NO
13. (a) 90.4 kJ/mol, (b) 105 kJ/mol, (c) -538.37 kJ/mol, (d) 94.49 k] /mol
14. (a) 62.2 k]/mol, (b) 3.2 k]/mol, (c) 271 kJ/mol, (d) -847.6 k] /mol
15. - 2044 kJ
16. Propane
17.(a) C;HsOH + 303 (g) — 2CO2 (g) + 3H20 (g), -1234.8 k] /mol, (b) -21187.56 k], (c) ~ 44% Farther
18. On the assumption that the best rocket fuel is the one that gives off the most  heat, BoHg is the prime
candidate.

19.(a) 15.63 kJ/g, (b) 3.74 cal/g
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20. (a) 13260 cubic feet, (b) 141.2 gallons, (c) 701.52 kg, (d) 574.32 kg, (e) 3635637.26 L, (f) 3500 kWh,
(g) 175634 kg






CHAPTER 4






4.1 - INTRODUCTION TO CHEMICAL
EQUILIBRIUM

A chemical reaction is usually written in a way that suggests it proceeds in one direction, the direction
in which we read, but all chemical reactions are reversible, and both the forward and reverse reaction occur
to one degree or another depending on conditions — this is the notion of chemical equilibrium which we will
discuss here in this chapter.

Dynamic Equilibrium

In a chemical equilibrium, the forward and reverse reactions occur at equal rates, and the
concentrations of products and reactants remain constant. If we run a reaction in a closed system so that the
products cannot escape, we often find the reaction does not give a 100% yield of products. Instead, some
reactants remain after the concentrations stop changing. At this point, when there is no further change in
concentrations of reactants and products, we say the reaction is at equilibrium. A mixture of reactants and
products is found at equilibrium.

For example, when we place a sample of dinitrogen tetroxide (N2Oy4, a colorless gas) in a glass tube, it
forms nitrogen dioxide (NO, a brown gas) by the following reaction:

N2O4(g) = 2NO2(g)

The color becomes darker as N>Oy is converted to NO. When the system reaches equilibrium, both

N2O4 and NO; are present (Figure 4.1.1).
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Figure 4.1.1. A mixture of NO; and N>O4 moves toward equilibrium. Colorless NoOj reacts to form

brown NO». As the reaction proceeds toward equilibrium, the color of the mixture darkens due to the

increasing concentration of NO». (Chem Libre, From: https://chem.libretexts.org/Bookshelves/
General_Chemistry/

15.1%3A_Dynamic_Equilibrium, Creative Commons)

The formation of NO» from N»Oy is a reversible reaction, which is identified by the equilibrium

arrows (=). All reactions are reversible, but many reactions, for all practical purposes, proceed in the forward
direction until the reactants are exhausted and will reverse only under certain conditions. Such reactions are
often depicted with a one-way arrow from reactants to products. Many other reactions, such as the formation
of NO; from N»Oy, are reversible under more easily obtainable conditions and, therefore, are named as such.
In a reversible reaction, the reactants can combine to form products and the products can react to form the
reactants. Thus, not only can N2O4 decompose to form NOy, but the NO3 produced can react to form N2O4.
As soon as the forward reaction produces any NO», the reverse reaction begins and NO starts to react to form
N2Oy. At equilibrium, the concentrations of N2O4 and NO no longer change because the rate of formation
of NO; is exactly equal to the rate of consumption of NOy, and the rate of formation of NOy is exactly equal
to the rate of consumption of N2Oy4. Hence we get to a key idea: Chemical equilibrium is a dyrnamic process.
For example, if two jugglers are each tossing clubs at the other at the same rate at which each receives clubs
from the other, the numbers of clubs each will have at any point in time will remain roughly constant, yet there

is always a flux back and forth between them (Figure 4.1.2).


https://chem.libretexts.org/Bookshelves/General_Chemistry/Map%3A_General_Chemistry_(Petrucci_et_al.)/15%3A_Principles_of_Chemical_Equilibrium/15.1%3A_Dynamic_Equilibrium
https://chem.libretexts.org/Bookshelves/General_Chemistry/Map%3A_General_Chemistry_(Petrucci_et_al.)/15%3A_Principles_of_Chemical_Equilibrium/15.1%3A_Dynamic_Equilibrium
https://chem.libretexts.org/Bookshelves/General_Chemistry/Map%3A_General_Chemistry_(Petrucci_et_al.)/15%3A_Principles_of_Chemical_Equilibrium/15.1%3A_Dynamic_Equilibrium
https://chem.libretexts.org/Bookshelves/General_Chemistry/Map%3A_General_Chemistry_(Petrucci_et_al.)/15%3A_Principles_of_Chemical_Equilibrium/15.1%3A_Dynamic_Equilibrium
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Figure 4.1.2. These jugglers provide an illustration of dynamic equilibrium. Each throws clubs to the

other at the same rate at which he receives clubs from that person. Because clubs are thrown continuously in
both directions, the number of clubs moving in each direction is constant, and the number of clubs each
juggler has at a given time remains (roughly) constant.

In a chemical equilibrium, the forward and reverse reactions do not stop, rather they continue to occur
at the same rate, leading to constant concentrations of the reactants and the products. Plots showing how the
reaction rates and concentrations change with respect to time are shown in Figure 4.1.1.

We can detect a state of equilibrium because the concentrations of reactants and products do not
appear to change. However, it is important that we verify that the absence of change is due to equilibrium and
not to a reaction rate that is so slow that changes in concentration are difficult to detect.

We use a double arrow when writing an equation for a reversible reaction. Such a reaction may or may

not be at equilibrium. For example, Figure 4.1.1 shows the reaction:
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kf
N>O4(g)

colorless

2NO2(g)

red-brown

1

When we wish to speak about one particular component of a reversible reaction, we use a single
arrow. For example, in the equilibrium shown in Figure 4.1.1, the rate of the forward reaction with rate

constant /ef

N2Oy4 (2) kf 2NO, (g)

colorless = red-brown

is equal to the rate of the backward reaction with rate constant &,

N2O4 (g) kr 2NO, (g)

colorless = red-brown

We’ll talk more about rate constants in Chapter 7: Chemical Kinetics; for now, all you need to know is that

each rate constant is unique to a particular reaction that helps mathematically define its rate of reaction.
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Equilibrium & Soft Drinks

The connection between chemistry and carbonated soft drinks goes back to 1767, when Joseph Priestley
(1733-1804; mostly known today for his role in the discovery and identification of oxygen) discovered a method
of infusing water with carbon dioxide to make carbonated water. In 1772, Priestly published a paper entitled
“Impregnating Water with Fixed Air.” The paper describes dripping oil of vitriol (today we call this sulfuric
acid, but what a great way to describe sulfuric acid: “oil of vitriol” literally means “liquid nastiness”) onto chalk
(calcium carbonate). The resulting CO; falls into the container of water beneath the vessel in which the initial
reaction takes place; agitation helps the gaseous CO2 mix into the liquid water.
H,804 () + CaCO3(5) = COy (g) + HyO (1) + CaSOj4 (aq)

Carbon dioxide is slightly soluble in water. There is an equilibrium reaction that occurs as the carbon dioxide
reacts with the water to form carbonic acid (H2CO3). Since carbonic acid is a weak acid, it can ionize into
hydronium ions (H30™) and hydrogen carbonate ions (HCO3 ).

COz (ag) + HyO (1) = HCO3(ag)
H,0 (1) + HyCO3 (ag) = H30" (ag) + HCO3 (aq)

Today, CO3 can be pressurized into soft drinks, establishing the equilibrium shown above. Once you open
the beverage container, however, a cascade of equilibrium shifts occurs. First, the CO; gas in the air space on top
of the bottle escapes, causing the equilibrium between gas-phase CO and dissolved or aqueous CO to shift,
lowering the concentration of CO3 in the soft drink. Less CO> dissolved in the liquid leads to carbonic acid
decomposing to dissolved CO, and HO. The lowered carbonic acid concentration causes a shift of the final
equilibrium. As long as the soft drink is in an open container, the CO2 bubbles up out of the beverage, releasing
the gas into the air (Figure 4.1.3). With the lid off the bottle, the CO; reactions are no longer at equilibrium
and will continue until no more of the reactants remain. This results in a soft drink with a much lowered CO,
concentration, often referred to as “flat.”

Figure 4.1.3. When a soft drink is opened, several equilibrium shifts occur. (credit: modification of work by
“D Coetzee”/Flickr)

The equilibrium between NO4 and NO; consists of a chemical equilibrium — one which involves two
or more substances through a chemical reaction. However, an equilibrium consisting of a single substance,

known as a physical equilibrium, can be established for a physical change—Tlike a liquid to gas transition—as
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well as for a chemical reaction. Let us consider the evaporation of bromine as a second example of a system at
equilibrium.
Brz (l) = Br2 (g)

Figure 4.1.4 shows a sample of liquid bromine at equilibrium with bromine vapour in a closed
container. When we pour liquid bromine into an empty bottle in which there is no bromine vapour, some
liquid evaporates, the amount of liquid decreases, and the amount of vapour increases. If we cap the bottle so
no vapour escapes, the amount of liquid and vapour will eventually stop changing and an equilibrium between
the liquid and the vapour will be established. If the bottle were not capped, the bromine vapour would escape

and no equilibrium would be reached.

Figure 4.1.4. An equilibrium is pictured between liquid bromine, Br; (), the dark liquid, and bromine
vapour, Br; (g), the reddish-brown gas. Because the container is sealed, bromine vapour cannot escape and
equilibrium is maintained. (credit: http://images-of-elements.com/bromine.php)

Deriving a Constant for Chemical Equilibria
Because an equilibrium state is achieved when the forward reaction rate equals the reverse reaction rate,
under a given set of conditions there must be a relationship between the composition of the system at
equilibrium and the kinetics of a reaction (represented by rate constants). Let’s continue using the example
of the decomposition of N2O4 to NO> to demonstrate this. Both the forward and reverse reactions for this
system consist of a single elementary reaction, so the reaction rates are as follows:
forward rate = k{{N»O2]
and
reverse rate = kV[NOZ]2
Note: You’ll learn all about rate expressions and expressing reaction rates in the chapter on kinetics, but
for now, we’ll briefly explain these expressions. As previously mentioned, the rate constant, £, is unique to a
particular reaction and helps mathematically define the rate of reaction. The concentration of reactant also
determines the rate; the reason why NO> is squared in the expression for the reverse rate is because 2 molecules
of NO; are required to form N»Oy, as indicated in the chemical equilibrium equation. Note that the value of
the exponent is based on the number of molecules of reactant only for elementary reactions; again don’t worry

about understanding what this means right now, since it will be properly covered later on.
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At equilibrium, the forward rate equals the reverse rate (definition of equilibrium):

kAN2O] = k,[NO,)?

SO
ki [NOoJ?
ke [N2Oy

The ratio of the rate constants gives us a new constant, the equilibrium constant (K), which is defined as
follows:
kEr  [NOo)®
f _ [NOy|

K=~ oy

Hence there is a fundamental relationship between chemical kinetics and chemical equilibrium: under
a given set of conditions, the composition of the equilibrium mixture is determined by the magnitudes of the
rate constants for the forward and the reverse reactions. In other words, this equilibrium constant is equal to
the rate constant for the forward reaction divided by the rate constant for the reverse reaction.

Measure of Reaction Extent

Because there is a direct relationship between the kinetics of a reaction and the equilibrium concentrations
of products and reactants, when /ef>> ky, K has a large value, and the concentration of products at equilibrium
predominate. This corresponds to an essentially irreversible reaction. Conversely, when kf < £, K has a very
small value, and the reaction produces almost no products as written. Systems for which kfz k,-have a value of
K close to 1 and significant concentrations of both reactants and products at equilibrium.

Consider an equilibrium between substances A and B: A = B. The table below shows the percentage of
moles of A and B that would be present at equilibrium for different values of K. At K values of 10” and 105,
the mole percent of A and B are very nearly 100%, respectively. Hence, keep the following as a rule of thumb
for this course: for K < 10, the reaction is said to be “reactant-favoured” and consists of mostly reactant(s)
with minimal product(s), whereas for K > 10°, the reaction practically proceeds to completion with little to no
reactant(s) remaining.

Table 4.1.1 Relationship between the magnitude of K and mole percent of reactant and product.
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A=B

K mol% A mol% B
100 000 0.001 99.999
10 000 0.01 99.99
1000 0.10 99.90
100 0.99 99.01
10 9.09 90.91

1 50.00 50.00
0.1 90.91 9.09
0.01 99.01 0.99
0.001 99.90 0.10
0.0001 99.99 0.01

0.00001 99.999 0.001

Magnitude of K increasing —

Small Intermediate Large
(k<1079 (1075 =K=10% (K>10°)

> > Q0O

000000 0000 o666 000009

000000 D

® o000 0000 )
000000 666 06066
000000 -
Reactants Products Reactants Products Reactants
Mostly reactants Significant amounts Mostly products

of reactants and products

Composition of equilibrium mixture

Figure 4.1.5. The larger the value of X, the farther the reaction proceeds to the right before equilibrium is

reached, and the greater the ratio of products to reactants at equilibrium.
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Let’s look at a few examples of reactions to understand this: the reaction between Hj and Cl; to
produce HCI has an equilibrium constant of 1.6 x 10°% at 300 K. Because Hj is a good reductant and Cly is
a good oxidant, the value of K is extremely large and the reaction proceeds essentially to completion. On the
other hand, the reaction at 500 K between F; and two F atoms in the gas phase has an equilibrium constant of
74 x 105, This K value is extremely small, indicating that the reactants don’t tend to form products readily —

the formation and presence of reactants is heavily favoured.

‘When Should You Use a One-Sided Arrow?

You may have noticed so far that in some reactions, equilibrium (two-direction) arrows are used, while in others
only forward arrows are employed. The deciding factor on which artow format is appropriate is the equilibrium
constant (K) value. From Table 4.1.1, we see that if the value of K is 10 when equilibrium is reached, the system
will contain about 0.001% of orlgmal reactant. This remainder is essentlally negligible, and so we state that this
product-favoured reaction therefore ‘goes to completion’, 1nd1cat1ng ~100% expected formation of products.
Thus, when encountermg reactions with values of K > 10 we tend to use one-sided, forward direction arrows
only. In all other scenarios, the forward and reverse derCtIOIlS must be considered, and therefore it is more
appropriate to use the two-directional equilibrium arrows.

Example 4.1.1 — Composition of Reactants/Products at Equilibrium

Predict which systems at equilibrium will (a) contain essentially only products, (b) contain
essentially only reactants, and (c) contain appreciable amounts of both products and reactants.

() Ha(g)+12(g)=2Hl(g) Kiok)=54

(b)2CO2(g)=2CO(g)+O2(g) Ki200k)=3.1 % 1018

(c)PCls (g) = PCl3 (¢) +Cla (g) K(s13K)= 97

(d)203(g)=302(g) Kposr)=5.9x10"

Solution

(a) K is closer to 1 (10—S <K< 105), so the equilibrium mixture will contain appreciable
amounts of both products and reactants..

(b) K<< 1 (K < 10—5), so the reactants have little tendency to form products under the
conditions specified; thus, at equilibrium the system will contain essentially only reactants.

(c) K is closer to 1 (10'5 <K< 105), so the equilibrium mixture will contain appreciable
amounts of both products and reactants.

(d) K >>1(K>10°), 50 at equilibrium it will consist of essentially only products.

Check Your Learning 4.1.1 — Composition of Reactants/Products at Equilibrium

Hydrogen and nitrogen react to form ammonia according to the following balanced chemical

equation:
No(g)+3Ha(g) = 2NH3(g)

Values of the equilibrium constant at various temperatures were reported as
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Kosec=3.3x 10°
Ki77c=2.6 x 103
K327°c=4.1

(a) At which temperature would you expect to find the highest proportion of H and Ny in
the equilibrium mixture?

(b) Assuming that the reaction rates are fast enough so that equilibrium is reached quickly,
at what temperature would you design a commercial reactor to operate to maximize the yield of
ammonia?

Answer

(a) 327°C, where K is smallest; (b) 25°C, where K is largest

Questions

% Questions
1. What does it mean to describe a reaction as “reversible”?

2. When writing an equation, how is a reversible reaction distinguished from a non reversible reaction?

3. If a reaction is reversible, when can it be said to have reached equilibrium?

4. Is a system at equilibrium if the rate constants of the forward and reverse reactions are equal?
5. If the concentrations of products and reactants are equal, is the system at equilibrium?
Answers

1. The reaction can proceed in both the forward and reverse directions.

2. Between the two types of reactions, they are distinguished by the arrows used  in the equation. In a
reversible reaction “=” is appropriate, whereas in a non- reversible reaction “—” is used.

3. When a system has reached equilibrium, no further changes in the reactantand product concentrations
occur; the forward and reverse reactions continue to occur, but at equivalent rates.

4. Not necessarily; equivalent values of kr and &, (for the forward and reverse directions) yield
an equilibrium constant value of 1 (since K = kf/k;). However, this ~ does not mean that the system
is at equilibrium. Only constant concentrations of  the reactant and products mean the reactions are at
equilibrium. This does not mean that their concentrations have to be equal, but in some cases they can be.

5. The concept of equilibrium does not imply equal concentrations, though it is possible.
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In the last section, we began deriving a constant for chemical equilibria based on the kinetics of the
forward and reverse reactions. We established that the composition of the equilibrium mixture is determined
by the magnitudes of the rate constants for the forward and the reverse reactions, or more specifically, that the
equilibrium constant is equal to the rate constant for the forward reaction divided by the rate constant for the
reverse reaction. Here, we’ll develop an equilibrium constant expression for K applicable to any equilibrium
reaction and look at how we can also predict the direction of net change given a set amount of reactants € products.

The Equilibrium Constant (K)

In 1864, the Norwegian chemists Cato Guldberg (1836-1902) and Peter Waage (1833-1900) carefully
measured the compositions of many reaction systems at equilibrium. They discovered that for any reversible
reaction of the general form

mA+nB = xC+yD

where A and B are reactants, C and D are products, and m, 7, x, and y are the stoichiometric coefficients
in the balanced chemical equation for the reaction, the ratio of the product of the equilibrium quantities of
the products (raised to their coefficients in the balanced chemical equation) to the product of the equilibrium
concentrations of the reactants (raised to their coeflicients in the balanced chemical equation) is always a

constant under a given set of conditions. This relationship was eventually summarized as follows:

- (ac)*(ap)*
-~ (@a)™(ap)"
Equation 4.2.1 Equilibrium Constant

where K is the equilibrium constant for the reaction, equivalent to the value defined in Section 4.1, and
ax represents the activity of each species participating in the equilibrium. The chemical equilibrium equation
represented with reactants A & B and products C & D is called the equilibrium equation, and the right side of
the mathematical equation above is called the equilibrium constant expression. The relationship shown in the
expression for K is true for any pair of opposing reactions regardless of the mechanism of the reaction or the
number of steps in the mechanism.

An important fact to note is that equilibrium constants are dimensionless (they have no units) but the
temperature at which this value is valid must always be listed (since K is temperature dependent). This is due to
computing K values using the activities of the reactants and products in the equilibrium system. The activity
of a substance is a measure of its effective concentration under specified conditions. While a detailed discussion
of this important quantity is beyond the scope of an introductory text, it is necessary to be aware of a few

important aspects:
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* Activities are dimensionless (unitless) quantities and are in essence “adjusted” quantities of reactants and
products.

* For relatively dilute solutions, a solute’s activity and its molar concentration are roughly equal (z.e. for a
solute X, ax = [X] in mol/L or M). Note that this approximation does not hold for highly
concentrated solutes.

* For gases, a substance’s activity is equal to its partial pressure (z.e. 2x = Px in bar)

* Activities for pure condensed phases (solids and liquids) are equal to 1 (Z.e. ax = 1), hence their activities

do not appear in the expression for K

Further discussion about activities can be found here.

We categorize equilibria into two types: homogeneous and heterogeneous. A homogeneous
equilibrium is one in which all of the reactants and products are present in a single solution (by definition, a
homogeneous mixture). In this chapter, we will concentrate on the two most common types of homogeneous
equilibria: those occurring in liquid-phase solutions and those involving exclusively gaseous species. A
heterogeneous equilibrium is a system in which reactants and products are found in two or more phases.
The phases may be any combination of solid, liquid, or gas phases, and solutions. When dealing with these
equilibria, remember that solids and pure liquids do not appear in equilibrium constant expressions (as we’ve

mentioned above, the activities of pure solids, pure liquids, and solvents are 1).

NOTE:

The equilibrium constant, X, is temperature-dependent. When reporting its value for an equilibrium reactlon (like in
scientific literature), the temperature at which K was determined must always be included (e.g. K= 2.0 x 107 @ 100°C)

Example 4.2.1 — Writing Equilibrium Constant Expressions
Write the equilibrium constant expression for each reaction.
(a) N2(¢)+3Haz(g) = 2NH3(g)
(b) CO(g)+% O2(g) = CO2(g)
(c)2COz(g) = 2CO(g)+ Oz(g)
(d) H20 (2) + HyCO3(ag) = H30" (ag) + HCO3™ (ag)
(e) Fe3O4(s)+ 4Ha(g) = 3Fe(s)+4H0 (g)
Solution
(a) The only product is ammonia, which has a coefficient of 2. For the reactants, N3 has a
coefhicient of 1 and Hj has a coefficient of 3. All species are gases, and so their activities are equal

to their partial pressures. The equilibrium constant expression is as follows:
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(Pya,)*
(Pw,)(Pa,)*

(b) The only product is carbon dioxide, which has a coefficient of 1. The reactants are CO,
with a coefficient of 1, and O, with a coefficient of %4. Since all species are gases, the equilibrium

constant expression is as follows:

(COs)
(CO)(02)*

(c) This reaction is the reverse of the reaction in part (b), with all coeflicients multiplied by 2
to remove the fractional coefficient for O;. The equilibrium constant expression is therefore the

inverse of the expression in part (b), with all exponents multiplied by 2:

(COs)*(0,)
(CO9)?

(d) This reaction contains a pure liquid (H2O), its activity is equal to 1 and thus does not
appear in the equilibrium constant expression. The other three species are solutes, and their

activities can be approximated using their molar concentrations:

Cly

(e) This reaction contains two pure solids (Fe3O4 and Fe), which do not appear in the
equilibrium constant expressions. The two gases do, however, appear in the expressions:
(H,0)"*
(Ha)*

Check Your Learning 4.2.1 — Writing Equilibrium Constant Expressions
Write the equilibrium constant expression for each reaction.
(a) N2O (g) =Ny (g) + 1202 (g)
(b)2 CgH1g (g) +250, (g) =16CO, (g) + 18 H>O (g)
(c)Ha(g)+ 1 (g)=2HI(g)
(d) CaCOs3 (s5) = CaO (5) + CO2 (g)
(e) CéH1206 (5) + 6 Oy (g) =26C0Oy (g) + 6 H,O (g)
Answer:
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 (V2)(09)
S 70)
o (CO:)"(H0)%
T (GHR (0,
. g (HD’
T (H) (B
4. K=(CO,)
s g (CO)'(H:0)

(0s)°

Manipulating Equilibrium Constants
Reversing the Equilibrium Equation
Because equilibrium can be approached from either direction in a chemical reaction, the equilibrium
constant expression and thus the magnitude of the equilibrium constant depend on the form in which the
chemical reaction is written. For example, if we write the generic equilibrium reaction equation in reverse, we

obtain the following:

cC+dD = aA+ 6B

If all species are solutes, then the corresponding equilibrium constant K is as follows:

A
cr oy

KI

Equation 4.2.2 Reverse Equilibrium
Constant
This expression is the inverse of the expression for the original equilibrium constant, so K’= 1/K. That

is, when we write a reaction in the reverse direction, the equilibrium constant expression is inverted. Below is

an example:
NO,)?
NiOs(g) 2 2NO2 (g} K = E,ﬁ_r 5}}
1WAy
) ) . (N20y)
2NO; (gl= NyOs (g) = oy

Consider another example, the formation of water: 2 Hy (g) + Oz (g) = 2 HyO (g). Because Hy is a
good reductant and O is a good oxidant, this reaction has a very large equilibrium constant (K = 2.4 x 10 at
500 K). Consequently, the equilibrium constant for the reverse reaction, the decomposition of water to form
Oy and Hy, is very small: K* = 1/K = 1/(2.4 x 1047) =42x 107" As suggested by the very small equilibrium

constant, the dynamic equilibrium always very heavily favours the formation of water molecules. This is related
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to the fact that the decomposition of water into O and H requires a substantial amount of activation energy;
a concept we will return to in our study of Chemical Kinetics (Chapter 7).
Altering Species Coefficients
Writing an equation in different but chemically equivalent forms also causes both the equilibrium constant
expression and the magnitude of the equilibrium constant to be different. For example, going back to our
inverse equilibrium equation with an equilibrium constant K, we could write the equation for that reaction
2NO, (g) = NyOy4 (g)
as
NO2(g) = 2 N2O4(g)

with the equilibrium constant K™ ‘as follows:

4 =

(N204)=

K =—————m

(NO,)

The values for K"and K" are related as follows:
K = (K" = K~
Equation 4.2.3 K’ and K” relation
In general, if all the coefhicients in a balanced chemical equation were subsequently multiplied by 7,
then the new equilibrium constant is the original equilibrium constant raised to the ot power.

Combining Chemical Equilibrium Equations

Chemists frequently need to know the equilibrium constant for a reaction that has not been previously
studied. In such cases, the desired reaction can often be written as the sum of other reactions for which the
equilibrium constants are known. The equilibrium constant for the unknown reaction can then be calculated
from the tabulated values for the other reactions.

To illustrate this procedure, let’s consider the reaction of Nj with O to give NO». This reaction is an
important source of the NO; that gives urban smog its typical brown color. The reaction normally occurs
in two distinct steps. In the first reaction (1), N2 reacts with O at the high temperatures inside an internal
combustion engine to give NO. The released NO then reacts with additional O; to give NO» (2). The
equilibrium constant for each reaction at 100°C is also given.

Ny (g)+Os(g) = 2NO (g) K;=2.0x10>
2NO (g)+ 02 (g) = 2NOs(g) Ko=64x10°

Addition of reactions (1) and (2) gives the overall reaction of N with O»:

N2 (g)+20;,(g) = 2NO2(g) K3=?

The equilibrium constant expressions for the reactions are as follows:

(NOY ] (NOy)? K, — _NOs y

h‘l TTET, 5 2 3 ¥
(MVa)(Ca) (NO)* (0n) (N2)(0)*

What is the relationship between K, K>, and K3, all at 100°C? The expression for K7 has [NO]2 in the
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numerator, the expression for K has [NO]2 in the denominator, and [NO]2 does not appear in the expression
for K3. Multiplying K; by K> and canceling the [NO]2 terms,

(NO)* (NOa)* (NOa)?

KR =
(N2)(O2) |."v'{1f(u3]| (N2)(02)

Thus the product of the equilibrium constant expressions for K; and K> is the same as the equilibrium

constant expression for K3:

K; =K K= (2.0x10%) (6.4x10°) =1.3 x 10 %

The equilibrium constant for a reaction that is the sum of two or more reactions is equal to the product
of the equilibrium constants for the individual reactions. In contrast, recall that according to Hess’s Law (seen
in the previous chapter on thermochemistry), AH for the sum of two or more reactions is the sum of the AH
values for the individual reactions.

Summary
It is important to remember that an equilibrium constant is always tied to a specific chemical equation, and

if you manipulate the equation in any way, the value of K will change. Fortunately, the rules are very simple:

* Writing the equation in reverse will invert the equilibrium expression (i.e. K’ = 1/K)

* Multiplying the coefficients by a common factor 7 will raise K to the corresponding power of 7 (i.e. K’ =
K" where 7 is a common factor)

* The equilibrium constant for a reaction that is the sum of several chemical equilibrium equations is the

product of the equilibrium constants for each of the steps (i.e. K’ = K;K2K3...)

Example 4.2.2 — Manipulating Equilibrium Constants — 1
At 745 K, K is 0.118 for the following reaction:
N (g)+3Ha(g) = 2NH3(g)
What is the equilibrium constant for each related reaction at 745 K?
(a) 2NH3(g) = Na(g) +3Ha(g)
(b) 12Ny (g)+32Hj(g) = NHj3(g)

Solution

The equilibrium constant expression for the given reaction of N (g) with H» (g) to produce
NHj3 (g) at 745 Kis as follows:

2
oo O
(Na)(Ha)

(a) This reaction is the reverse of the one given, so its equilibrium constant expression is as

follows:
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1 WE:P 1
K {I"-TH,';]E 0.118 :

K' =

(b) In this reaction, the stoichiometric coeflicients of the given reaction are divided by 2, so

the equilibrium constant is calculated as follows:

. NH.
K (NH;) Ki=yK=0118=02344

(Na)? (Ha)®

Check Your Learning 4.2.2 — Manipulating Equilibrium Constants — 1
At 527°C, the equilibrium constant for the reaction below is 7.9 x 10%,
2802(g)+ Oz (g) = 2S03(g)
Calculate the equilibrium constant for the following reaction at the same
temperature:
SO3(g) = SO2(g)+ %2 O2(g)
Answer:
3.6x 107
Example 4.2.3 — Manipulating Equilibrium Constants — 2
The following reactions occur at 1200°C:
CO(g)+3Hy(g) = CHy(g)+HyO () K;=9.17x10>
CHy(g)+2HoS () = CSa(e) +4Hy(g) Kr2=33x 10"
Calculate the equilibrium constant for the following reaction at the same temperature.
CO(g)+2HaS (g)=CS2(g) + HoO (g) + Ha(g) Kz=2
Solution
The key to solving this problem is to recognize that reaction 3 is the sum of reactions 1 and 2:
CO(g)+3Hs(¢) = SHa(g) + HO(g)
SHz(g)+2HS (g) = CS2(g)+4Ha(g)

CcO (g) + 2 H»S (g) = CSz(g) + H,0 (g) + Hz(g)
The values for K7 and K are given, so it is straightforward to calculate K3:

K3 = K1Ks = (9.17 x 10%)(3.3 x 10%) = 3.03 x 10°

Check Your Learning 4.2.3 — Manipulating Equilibrium Constants — 2
In the first of two steps in the industrial synthesis of sulfuric acid, elemental sulfur reacts
with oxygen to produce sulfur dioxide. In the second step, sulfur dioxide reacts with additional
oxygen to form sulfur trioxide. The reaction for each step is shown, as is the value of the
corresponding equilibrium constant at 25°C. Calculate the equilibrium constant for the overall

reaction at this same temperature.
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1.1/8 Sg(5)+ 02 (g) = SO (g) Ki=44x10"
2.50; (g) + 1205 (g) = SO3 (¢) Ky =2.6x10"
3.18Sg(s)+32 02 (g) = SO3 (¢) Kz=?
Answer
K3=1.1x 10°

Equilibria Involving Gases

For reactions that involve species in solution, the concentrations used in equilibrium calculations are
molarities, expressed in moles/litre. For gases, however, the activities of each reaction component are expressed
in terms of partial pressures rather than molarity, where the standard state is 1 atm of pressure. Occasionally,
the symbol Kp is used to highlight equilibrium constants calculated from partial pressures. For the general
reaction aA + bB = cC + dD, in which all the components are gases, the equilibrium constant expression mzust
be written as the ratio of the partial pressures of the products and reactants (each raised to its coefficient in the

chemical equation):

_ (Pe)(Pp)’

Kp p
(P4)*(Pg)

Equation 4.2.4 Gas Equilibrium Constant
Thus Kp for the decomposition of NOj is as follows:

(Pro,)*

Kp=
Pr,0,

Kp is a unitless quantity because the quantity that is actually used to calculate it is an “effective
pressure,” the ratio of the measured pressure to a standard state of 1 bar, which produces a unitless quantity.
But what if we need to describe a gas-phase equilibrium in concentration units?

Because partial pressures are usually expressed in bars, the molar concentration of a gas and its partial
pressure do not have the same numerical value. Consequently, if we were to recalculate K using molar
concentrations (like solutes) instead of partial pressures, we would obtain a new equilibrium constant, known
as K¢. The resulting numerical value of K¢ would very likely differ from Kp. They are, however, related by the
ideal gas constant (R) and the absolute temperature (7) — this is because the partial pressure of a gas is directly
proportional to its concentration at constant temperature. This relationship can be derived from the ideal gas
equation, where A is the molar concentration of gas, nV.

PV =nRT
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P =(n/V)RT
P=MRT
Equation 4.2.5 Gas Pressure Proportionality
Thus, at constant temperature, the pressure of a gas is directly proportional to its concentration.
Hence, the equation relating K¢ and Kp is derived as follows. For the gas-phase reaction mA + nB = xC +
yD:

_ (Pe)*(Pp)*
(Pa)™(Pg)"

B ([C] x RT)*([D] x RT)"

([A] < RT)™([B] x RT)"

_[oFiDP  (RT
ArET R

— KC_{RT}I[I'F:' (m+m)

= Ke(RT)™

Therefore, relationship between K¢ and Kpis
Kp— Ke(RT)™
Equation 4.2.6 K¢ and Kp Relation
where K¢ is the equilibrium constant expressed in units of concentration (mol/L), Kp is the equilibrium
constant expressed in units of pressure (bars), the temperature is expressed as the absolute temperature in
Kelvin, R is the ideal gas constant in the appropriate units (R = 0.083145 bar*L/(mol*K)) and 47 is the
difference between the sum of the coefficients of the gaseous products and the sum of the coefficients of the
gaseous reactants in the reaction (the change in moles of gas between the reactants and the products). For the
gas-phase reaction mA + nB = xC + yD, we have
dn=(x+y)-(m+n)
Equation 4.2.7 Change in Moles of a Reaction
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r If all the components of an equilibrium reaction are gaseous, the equilibrium constant must be

Kp because its expression is derived solely from partial pressures and hence is in pressure units. Only
in cases where gas concentrations are available will the calculation of K¢ be appropriate. When solving
equilibrium problems, be aware of the data provided and thus whether you’ll need to use K¢ or Kpin
your solution.

NOTE:

According to the equation
dn=(x+y)-(m+n)
Kp= K¢ only if the moles of gaseous products and gaseous reactants are the same (i.e. Az = 0):

Kp = Ko(RT)™
Kp = Ke(RT)"
Kp=Kc

According to the equation above, Kp= K¢ only if the moles of gaseous products and gaseous reactants
are the same (z.c., 4n = 0).
For the decomposition of N2Oy, there are 2 mol of gaseous product and 1 mol of gaseous reactant, so
An = 1. Thus, for this reaction,
Kp— Ko(RT)' = KeRT
Example 4.2.4 — Calculation of Kp
Write the equations for the conversion of K¢ to Kp for each of the following reactions:
(a) CaHe(g) = CaH4(g) + Ha(g)
(b)CO(g) + HoO(g) = CO2(g) + Ha(g)
(c)N2(g) + 3Hz(g) = 2NH3(g)
What is Kp at this temperature?
Solution
(a)dn=(2)-(1)=1
Kp=KdRTY" = Kq(RT)' = KART)
(b)dn=(2)-(2)=0
Kp=KARTY" = K(RT)’ = K¢
(c)dn=(2)-(1+3)=-2
K¢
(RT)?

Kp=KART)"" = K(RT) % =
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Check Your Learning 4.2.4 — Calculation of Kp
Write the equations for the conversion of K¢ to Kpfor each of the following reactions, which
occur in the gas phase:
(2)2S02(g) + O2(g) = 2S03(g)
(b)N204(g) = 2NO2(g)
(c) C3Hg(g)+502(g) = 3COz(g)+4H0 (g)
What would be the value of Kpat this temperature?
Answer
(2) Kp= Ko(RT)™ 5 (b) Kp= KART); (c) Kp= KART)
Example 4.2.5 — Calculation of Kp
Write the equation for the conversion of K¢ to Kp for the following reaction, which occurs in
the gas phase:
CS2(g) +4Hy(g) = CHy(g) + 2HaS (g)
K is equal to 0.28 for the following reaction at 900°C, what is Kp at this temperature?
Solution:
Kp=KoRTY" = (0.28)[(0.0821)(1173)] 2 =3.0 x 10
Check Your Learning 4.2.5 — Calculation of Kp
Write the equation for the conversion of K¢ to Kp for the following reaction, which occurs in
the gas phase:
CH30H (g) = CO(g)+2Hs(g)
At 227°C, the following reaction has K¢ = 0.0952, What would be the value of Kp at this
temperature?
Answer:
160 or 1.6 x 10
Example 4.2.6 — Calculation of Kp — The Haber Process
The equilibrium constant for the reaction of nitrogen and hydrogen to give ammonia is 0.118
at 745 K. The balanced equilibrium equation is as follows:
N2 (g)+3Hz(g)=2NH;3(g)
What is Kp for this reaction at the same temperature?
Solution:
This reaction has 2 mol of gaseous product and 4 mol of gaseous reactants, so Jn = (2 — 4) =

—2. We know K, and T'= 745 K. Thus, we have the following:

K 0118

(RTT {n |32ﬂﬁIT"-'—'E] 1 !-.} 216 x 107"

Ky = KelRT)®

Because Kpis a unitless quantity, the answer is Kp= 3.16 x 107,
Check Your Learning 4.2.6 — Calculation of Kp — The Haber Process
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Calculate Kp for the reaction
25802 (g)+O2(g)=2S503(g)
at 527°C,if K=7.9 x 10* at this temperature.
Answer:
Kp=12x10°
Heterogeneous Equilibria
The Reaction Quotient, Q
We previously saw that knowing the magnitude of the equilibrium constant under a given set of
conditions allows chemists to predict the extent of a reaction. Often, however, chemists must decide whether
a system has reached equilibrium or if the composition of the mixture will continue to change with time.

To determine whether a system has reached equilibrium, chemists use a quantity called the reaction
quotient (Q). The expression for the reaction quotient has precisely the same form as the equilibrium constant
expression, except that Q may be derived from a set of values measured at any time during the reaction of any
mixture of the reactants and products, regardless of whether the system is at equilibrium. Therefore, for the
following general reaction:

mA +nB = xC+yD

the reaction quotient is defined as follows:

 (ac)*(ap)*

(as)™(ag)"

Equation 4.2.7 Reaction Quotient
Similarly to the equilibrium constant, the reaction quotient is dimensionless (no units) — this stems
from using the species activities as its effective concentrations. As before, the activity of each species

participating in the equilibrium can be represented as follows:

* Forasolute X, ax = [X] in mol/L (note that again, this does not apply to highly concentrated solutions)
* For gases, ay = Pxin bar
* For pure solids and liquids, 2y = 1

CHM1311 Pointers

To reiterate, the expressions for the reaction quotient, Q, and the equilibrium constant, K are constructed in the
exact same way, but are used in different circumstances:

Concentrations/partial pressures initially — Q

Concentration/partial pressures at equilibrium — K




4.2 - THE EQUILIBRIUM CONSTANT & REACTION QUOTIENT | 269

Example 4.2.6 — Writing Reaction Quotient Expressions
Write the expression for the reaction quotient for each of the following reactions:
(1)302() = 203(g)
(b)N2(g)+3Hz(g) = 2NH3(g)
(c) HCl (g) + NaOH (ag) = NaCl(ag)+H0(l)

Solution
(09)°

b Qe oy

-_. B [NHs}E

gy

3. Qo [NaCl]

~ (HCI)[NaOH)

Check Your Learning 4.2.7 — Writing Reaction Quotient Expressions
Write the expression for the reaction quotient for each of the following reactions:
(2)2S02(g) + O2(g) = 2S03(g)
(b) C4Hg(g) = 2CoHy(g)
(c) Cd** (ag) + 4CI” (ag) = CdCls> (ag)

Answer

2

2 OQp— (504)
(S02)*(02)

 (CaHy)?

* Q=G
_ (cdeiy)
¢ (ca¥)(cr)

Example 4.2.8 — Evaluating a Reaction Quotient
Gaseous nitrogen dioxide forms dinitrogen tetroxide according to this equation:
2NO;(g) = N2O4(g)

When 0.10 mol NO; is added to a 1.0-L flask at 25°C, the concentration changes so that at
equilibrium, [NO;] = 0.016 mol/L and [N,O4] = 0.042 mol/L.

(a) What is the value of the reaction quotient in concentration units, Qc, before any reaction
occurs?

(b) What is the value of the equilibrium constant in concentration units, K, for the reaction?

Solution

~ 0.10mol

(a) Before any product is formed, [NO;] = LOL 0.10 mol/L, and [N204] = 0 mol/

L. Thus,
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I= [N2Og] 0

%= NoE 010

(b) At equilibrium, the value of the equilibrium constant is equal to the value of the reaction

quotient. At equilibrium,

[N2Oy]  0.042

= —1.6x 10°
[NOy*  0.016

Ke=0Q¢c=

The equilibrium constant is 1.6 x 10%.

Note that dimensional analysis would suggest the unit for this K¢ value should be (mol/ L)_l.
However, as mentioned previously, it is common practice to omit units for K¢ values, since it is
the magnitude of an equilibrium constant that relays useful information.

Check Your Learning 4.2.8 — Evaluating a Reaction Quotient
For the reaction 2 SO (g) + O2 (g) = 2 SO3 (g), the concentrations at equilibrium are [SO;)]
=0.90 mol/L, [O2] = 0.35 mol/L, and [SO3] = 1.1 mol/L. What is the value of the equilibrium
constant, K¢?
Answer
Kc=4.3
Predicting the Direction of Net Change Using Q
To understand how information is obtained using a reaction quotient, consider once again the
dissociation of dinitrogen tetroxide to nitrogen dioxide,
N2O4 (g) = 2NO, (g)
for which K = 4.65 x 10> at 298 K. We can write Qc for this reaction as follows:
INOs)?
% [Nz;l}

The following table lists data from three experiments in which samples of the reaction mixture were
obtained and analyzed at equivalent time intervals, and the corresponding values of Q were calculated for each.

Each experiment begins with different proportions of product and reactant:
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[ 2
INOs|
DE
— =0
1 0 0.0400 0.0400
0.0600)°
u = unde fined
2 0.0600 0 0
(0.0200)*
e 3
3 0.0200 0.0600 gogo0  >-67x10

As these calculations demonstrate, Q can have any numerical value between 0 and infinity (undefined);
that is, Q can be greater than, less than, or equal to K. Comparing the magnitudes of Q and K enables us to
determine whether a reaction mixture is already at equilibrium and, if it is not, predict how its composition
will change with time to reach equilibrium (z.e., whether the reaction will proceed to the right or to the left as
written). All you need to remember is that the composition of a system not at equilibrium will change in a way

that makes Q approach K:

* If Q = K, for example, then the system is already at equilibrium, and no further change in the
composition of the system will occur unless the conditions are changed.

* It Q < K, then the ratio of the concentrations of products to the concentrations of reactants is less than
the ratio at equilibrium. Therefore, the reaction will proceed to the right as written, forming
products at the expense of reactants

* If Q@ > K, then the ratio of the concentrations of products to the concentrations of reactants is greater
than at equilibrium, so the reaction will proceed to the left as written, forming reactants at the

expense of products. These points are illustrated graphically in Figure 4.2.1.
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Reaction proceeds o
to the right =
o the rig E_ Q>K
. | : 1 | | g
0 o =
= Q=K
Reaction proceeds -
K < to the left o
]
: % % | % i & Q=
0 &
Time, t

(a) QversusK, tytot (b) QversusK, t, tot,

Figure 4.2.1. (a) Both Q and K are plotted as points along a number line: the system will always react in
the way that causes Q to approach K. (b) The change in the composition of a system with time is illustrated
for systems with initial values of Q > K, Q < K, and Q = K.

Example 4.2.9 — Predicting the Direction of Reaction

Given here are the initial concentrations of reactants and products for three experiments

involving this reaction:
CcO (g) + H>O (g) =COy (g) + H» (g)
Kc=0.64
Determine in which direction the reaction proceeds as it goes to equilibrium in each of the

three experiments shown.
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Reactants/Products f,xperiment I;X

[COJ; 0.0203 mol/L 0.0

[H,0]; 0.0203 mol/L 0.0

[CO,li 0.0203 mol/L 0.0

[Ha); 0.0203 mol/L 0.0
Solution

Experiment 1:
|COq|[Ha|  (0.0040)(0.0040) 0.020
Qe ICO|H,0] ~ (0.0203)(0.0203)
Q. < K, (0.039 < 0.64)
The reaction will shift to the right.
Experiment 2:
|COs| | Ha| (0.037)(0.046) 2
i o 0
Qc = {colmo] ~ ooy 4*!
Q> K (140 > 0.64)
The reaction will shift to the left.
Experiment 3:
CO,|[H 0.0015)(0. 0076
Ll o) [Ha| )( ) _o.48

~ |CO|[H.0] ~ (0.0094)(0.0025)
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Q, < K (0.48 < 0.64)
The reaction will shift to the right.
Check Your Learning 4.2.9 — Predicting the Direction of Reaction
Calculate the reaction quotient and determine the direction in which each of the following
reactions will proceed to reach equilibrium.
(a) A 1.00-L flask containing 0.0500 mol of NO (g), 0.0155 mol of Cl (g), and 0.500 mol of
NOCI:
2NO (g) + Cly (g) = 2NOCl (¢) Kc = 4.6 x 10°*
(b) A 5.0-L flask containing 17 g of NH3, 14 g of N, and 12 g of Ho:
N2(g)+3Hz(g)=2NHsz(g)  Kc=0.060
(c) A 2.00-L flask containing 230 g of SO3(g):
2503 (g)=2502(g)+O2(g) Kc=0.230
Answer
(2) Q. = 6.45 x 10°, shifts right. (b) Q, = 0.23, shifts left. (c) Q, = 0, shifts right
Questions

% Questions

1. Explain why an equilibrium between Br (/) and Br, (¢) would not be established if the container were
not a closed vessel.
2. If'you observe the following reaction at equilibrium, is it possible to tell whether the reaction started

with pure NO; or with pure N2Oy4?

2NO, (g) =Ny04 (g)
3. Among the solubility rules previously discussed is the statement: Carbonates, phosphates, borates,
and arsenates—except those of the ammonium ion and the  alkali metals—are insoluble.

a. Write the expression for the equilibrium constant for the reaction represented by the
equation CaCO3 (5) = Ca*t (ag) + CO32_ (ag). Is K, >1,<1,0r ~ 1? Explain your answer.

b. Write the expression for the equilibrium constant for the reaction represented by the
equation 3 Ba? (ag)+2 PO, (ag) = Baz(POg); (5). Is K, >1,<1,or=1? Explain your answer.

4. Benzene is one of the compounds used as octane enhancers in unleaded gasoline. It is
manufactured by the catalytic conversion of acetylene to benzene: 3 CoHj (g) ? CsHg (g). Which value of K¢
would make this reaction most useful commercially? K¢ = 0.01, K¢ = 1, or K¢ = 10. Explain your answer.

S. Show that the complete chemical equation, the total ionic equation, and the net jonic equation
for the reaction represented by the equation KI (2g) + I3 (ag) = K3 (aq) give the same expression for the
reaction quotient. KI3 is composed  of the ions K and >~

6. For a titration to be effective, the reaction must be rapid and the yield of the reaction must essentially

be 100%. Is K> 1, < 1, or ~ 1 for a titration reaction?
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7. Write the mathematical expression for the reaction quotient, Qc, for each of the following reactions:

a. CH4 (g) + Clz (g) = CH3Cl (g) + HCI (g)

b. N2 (¢) + O2(g)=2NO (g)

c.2502(g)+ Oz (g)=2S03(g)

d. BaSO3 (5) = BaO (5) + SO2 (g)

e. Ps(g)+502(g)=PsO10(s)

f.Bry (g) = 2Br (g)

g. CH4 (g) +202(g) = CO2(g) + 2H0 (1)

h. CuSOy4 - SH0 (5) = CuSO4 (5) + S HyO (g)

8. The initial concentrations or pressures of reactants and products are given for  each of the following
systems. Calculate the reaction quotient and determine the  direction in which each system will proceed to

reach equilibrium.

2.2 NHj (¢) = Ny (¢) + 3H, () Kc = 17; [NH3] = 0.20 mol/L, [N2] = 1.00 mol/L, [H2] =
1.00 mol/L

b. 2 NH3 (¢) = N2 (¢) + 3Ha (9) Kp=6.8x 104; initial pressures: NH3 = 2.00 atm, Ny =
10.00 atm, Hy = 10.00 atm

c.2803(g) =250, (g) +O2 (¢)  Kc = 0.230; [SO3] = 2.00 mol/L, [SO,] = 2.00 mol/L, [O3] =
2.00 mol/L

d.2503(g)=2802(g)+O2(g) Kp = 6.5 atm; initial pressures: SOz = 1.00 atm, Oy = 1.130 atm,
SO3=0atm

e.2NO (g) + Cly (g) = 2NOCl (g)  Kp = 2.5 x 10%; initial pressures: NO = 1.00 atm, Cl, = 1.00
atm, NOCl =0 atm

f. N> (g) + O2(g) = 2NO (g) Kc = 0.050; [N3] = 0.100 mol/L, [O2] = 0.200 mol/L, [NO] =
1.00 mol/L

% % Questions

9. The following reaction has Kp = 4.50 x 107> at 720 K.
N2 (g) +3Hz (g) = 2NHj3 (g)

If a reaction vessel is filled with each gas to the partial pressures listed, in which direction will it shift
to reach equilibrium? A(NH3) = 93 atm, P(N) = 48 atm, and P(H3) = 52
10. Determine if the following system is at equilibrium. If not, in which direction will the system need to
shift to reach equilibrium?
SOLCl, (g) = SOz (g) + Cla (g)
[SO2Cly] = 0.12 mol/L, [Cly] = 0.16 mol/L and [SO3] = 0.050 mol/l. K, for the reaction is 0.078.
11. Which of the systems described in question 8 give homogeneous equilibria? Which give
heterogeneous equilibria?
12. For which of the reactions in question 8 does K¢ (calculated using concentrations) equal

Kp(calculated using pressures)?
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13. Convert the values of K to values of Kp or the values of Kp to values of K.

2. Ny (¢)+3 Hy (g) = 2NH; (g) K¢ = 0.50 at 400°C

b. Ha (o) + 1o (¢) = 2 HI (g) K = 50.2 at 448-C

c. NapSOy - 10H0 (5) = NaySO4 (5)+ 10 HyO () Kp=4.08x 107 at 25°C

d. H,O (/)= H0 (g) Kp=0.122 at 50°C

14. What is the value of the equilibrium constant expression for the change H,O (1) = HoO (g) at 30
°C? (See Appendix F.)

15. Write the expression of the reaction quotient for the ionization of HOCN in water.

16. Write the reaction quotient expression for the ionization of NH3 in water.

17. What is the approximate value of the equilibrium constant Kp for the change CoHsOC,Hs (1) =
CoHsOC,Hs (g) at 25 °C. (Vapor pressure was described in the previous chapter on liquids and solids;
refer back to this chapter to find the relevant information needed to solve this problem.)

Answers

1. Equilibrium cannot be established between the liquid and the gas phaseif the  top is removed from the
bottle because the system is not closed; one of the components of the equilibrium, the Br, vapor, would
escape from the bottle until  all liquid disappeared. Thus, more liquid would evaporate than can condense
back from the gas phase to the liquid phase.

2. Yes, based on the changing of colours in the reaction it is possible to determine  the direction of the

reaction.

3.(2) K¢ = [Ca**][CO37], Kc < 13(b) Ke = 1/ [Ba**°[PO4 T Ko > 1

B “6Hg|

4. Since CaH) , a value of K¢ = 10 means that CgHg predominates over CoHy. In such a
case, the reaction would be commercially feasible if the rate to equilibrium is suitable.

5. Total Tonic: K* (ag) + T (ag) + 1o (ag) = K" (ag) + 13~ (ag), Net Ionic: T~ (ag) + 1, (ag) =13~
(a9)

6.Kc>1


https://drive.google.com/a/uottawa.ca/open?id=1137iVfzEnSX0jUU3OM6zCi2ZXJAiGuzAD6cz1GVZNLc

4.2 - THE EQUILIBRIUM CONSTANT & REACTION QUOTIENT | 277

 [CH,CI[HC)

2 Qe= [CHy[CE
o _INo|
TN N
\ (SO
C 0 = —

SO, [[}g]
d) Qc =[50

1

@ RloF
f) Qc= zi:l]
o) QE =ﬂ
- [(CHi[0:]
h) Qc = [H20["

8. (a) Q. 25 proceeds left; (b) Qp 0.22 proceeds right; (c) Q, undefined proceeds left; (d) Qp 1.00 proceeds
right; () Qp 0 proceeds right; (f) Q, 4 proceeds left

9. The system will shift toward the reactants to reach equilibrium.

10. The system is not at equilibrium since Q < K, therefore the reaction will shift towards the right.

11. (a) Homogeneous, (b) Homogeneous, (c¢) Homogeneous, (d) Homogeneous, (¢) Homogeneous, (f)
Homogeneous

12. F is the only one where K. = Kp

13.(a) Kp= 1.6 x 10~ (b) Kp=50.2; (c) K; = 5.31 x 10> (d) K, = 4.60 x 10~

14. Kp = Prppo = 0.042.

0 L ]j0ON ]
15. . [HOCN]

 [NE{][oH]
16 0T HN)

17.0.717 atm



4.3 - SOLVING EQUILIBRIUM PROBLEMS

We know that at equilibrium, the value of the reaction quotient of any reaction is equal to its
equilibrium constant. Thus, we can use the mathematical expression for Q to determine a number of
quantities associated with a reaction at equilibrium or approaching equilibrium. While we have learned to
identify in which direction a reaction will shift to reach equilibrium, we want to extend that understanding to
quantitative calculations. We do so by evaluating the ways that the concentrations of products and reactants
change as a reaction approaches equilibrium, keeping in mind the stoichiometric ratios of the reaction. This
algebraic approach to equilibrium calculations will be explored in this section.

Relative Changes in Concentration

Changes in concentrations or pressures of reactants and products occur as a reaction system
approaches equilibrium. In this section we will see that we can relate these changes to each other using the
coefhicients in the balanced chemical equation describing the system. We use the decomposition of ammonia
as an example.

On heating, ammonia reversibly decomposes into nitrogen and hydrogen according to this equation:

2NHj3(g)=Nz(¢g)+3H(g)

If a sample of ammonia decomposes in a closed system and the concentration of N7 increases by 0.11
mol/L, the change in the N3 concentration, A[N3] = [N2]~ [N2];, is 0.11 M. The change is positive because
the concentration of Ny zncreases.

The change in the H concentration, A[Hj], is also positive—the concentration of H» increases as
ammonia decomposes. The chemical equation tells us that the change in the concentration of Hj is three times
the change in the concentration of N because for each mole of N produced, 3 moles of Hy are produced.

Hy =3 x [Ny]
=3 x 0.11 mol/L = 0.33 mol/L

The change in concentration of NH3, A[NH3], is twice that of A[Nj]; the equation indicates that 2
moles of NH3 must decompose for each mole of N formed. However, the change in the NH3 concentration
is negative because the concentration of ammonia decreases as it decomposes.

A[NH3] =-2 x A[N3] = -2 x 0.11 mol/L = - 0.22 mol/L
We can relate these relationships directly to the coefficients in the equation
2 WH; izl

W T e £ 3 11

- Ok ol =

.I'l.ﬂ:: A= .‘II-' ."'ll_l 11 L _H_. 3 .'lF._'\-
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Note that all the changes on one side of the arrows are of the same sign and that all the changes on the
other side of the arrows are of the opposite sign.
If we did not know the magnitude of the change in the concentration of Ny, we could represent it by
the symbol +x.
A [Nz] =+X

The changes in the other concentrations would then be represented as:
A[Hz] =3 x A[Nz] = + 3x
A[NH3] =-2 x A[Ny] = -2x

The coefficients in the A terms are identical to those in the balanced equation for the reaction.

2 NHy igh [ da g, . | 3H:z

The simplest way for us to find the coefficients for the concentration changes in any reaction is
to use the coefficients in the balanced chemical equation. The sign of the coefficient is positive when the
concentration increases; it is negative when the concentration decreases.

Example 4.3.1 — Determining Relative Changes in Concentration

Complete the changes in concentrations for each of the following reactions.

1. CH; (g) + 2 Bry (2] = C;H;Bry (g)

+x

b. I (ag) + T (ggl_ = T (ag)

+ %

€ CHp(g)+50: (2l 23C0:(2) +4HO (2}

+x

Solution
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a. CoH; (g) + 2Bz (gl = C;HoBry (2)

b. I: ,{E;"il_.l +I I'Zl}__@él—:‘ I .:;q_lll

- X - X + x

e. CsHgig)+50;(g) =23C0;(g) +4H;0 (3)

+ % + 5x - 3 - dx

Check Your Learning 4.3.1 — Determining Relative Changes in Concentration

Complete the changes in concentrations for each of the following reactions:

i
Hes
.
i &
0
1
i &
8
&
!
il
{_.l'
]
By
L]
[~
X
o
ey

Answer
(a) + 2x, + x, — 22 (b) + 2, — 22 () + 4z, + 7, — 4x, — 6x or — 4x, — 7x, + 4x, + 6x
Calculations Involving Equilibrium Concentrations or Pressures
Because the value of the reaction quotient of any reaction at equilibrium is equal to its equilibrium
constant, we can use the mathematical expression for Q to determine a number of quantities associated with
a reaction at equilibrium. It may help if we keep in mind that Q = K (at equilibrium) in all of these situations

and that there are only two basic types of equilibrium problems:

1. Calculation of an equilibrium constant. If concentrations/partial pressures of reactants and products at
equilibrium are known, the value of the equilibrium constant for the reaction can be calculated.

2. Calculation of equilibrium concentrations/partial pressures. If the value of the equilibrium constant
and all of the equilibrium concentrations/pressures, except one, are known, the remaining unknown can

be calculated. In addition, if the value of the equilibrium constant and a set of concentrations or
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pressures of reactants and products that are not at equilibrium are known, the quantity at equilibrium

can be calculated.

In the following discussion, we will examine examples of equilibrium calculations involving solutes and values
of K in concentration units (K¢). However, please note that the problem-solving procedures equally hold for
reactions involving gases and values of K in pressure units (Kp).

Calculation of an Equilibrium Constant

In order to calculate an equilibrium constant, enough information must be available to determine the
equilibrium concentrations of all reactants and products. Armed with the concentrations, we can solve the
equation for X, as it will be the only unknown.

In the previous section, we learned how to determine the equilibrium constant of a reaction if we know
the concentrations of reactants and products at equilibrium. The following example shows how to use the
stoichiometry of the reaction and a combination of initial concentrations and equilibrium concentrations to
determine an equilibrium constant. This technique, commonly called an ICE chart - for Initial, Change, and
Equilibrium — will be helpful in solving many equilibrium problems. A chart is generated beginning with the
equilibrium reaction in question. The initial concentrations of the reactants and products are provided in the
first row of the ICE table (these essentially time-zero concentrations that assume no reaction has taken place).
The next row of the table contains the changes in concentrations that result when the reaction proceeds toward
equilibrium (don’t forget to account for the reaction stoichiometry). The last row contains the concentrations
once equilibrium has been reached.

Example 4.3.2 — Calculation of an Equilibrium Constant — 1
Iodine molecules react reversibly with iodide ion