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CHAPTER I 

INTRODUCTION 

Chemistry is a quantitative as well as a qualitative science. 

In the atmosphere of qualitative observations, predictions, and 

conclusions, a science is born. On the framework of these general 

principles, a science can stretch toward its maximum growth and 

usefulness only as it consumes the energy of precise measurement 

and mathematical relations. Perhaps the most striking illustra­

tion of this principle is the story of Lavoisier's experiments on 

burning. Many of the chemists of Lavoisier's time had observed 

that certain metals, such as mercury, gained weight and produced 

an ash when heated in air. When they reversed this procedure, the 

metal ash upon being strongly heated lost weight and returned to 

the pure metal. Lavoisier, however, was the first to measure this 

change in weight and to relate this difference to the change in 

weight of the air in which the metal was heated. Through this 

experiment in the atmosphere of qualitative observation, Lavoisier 

brought life to the quantitative character of chemistry and ini­

tiated the age of modern chemistry. Modern science simply did not 

exist until man learned to measure accurately such quantities as 

volume, weight, distance, temperature, pressure, and time. As suit­

able devices were designed and invented for measuring these quanti­

ties, scientists were able to obtain quantitative data in addition 
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to being able to use mathematical ideas in interpreting their 

observations. In his equation for chemical progress, Dr. Fred C. 

Hess sets forth this concept: "Careful observation+ persistent 

l search for truth= progress." 

Chemistry, in its various branches, is both descriptive and 
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exact, and here, for many chemists, lies its fascination. As time 

marches on, chemistry becomes more and more an exact science, with 

consequently more and more emphasis on the mathematical description 

of chemical phenomena. No student of elementary chemistry can hope 

to gain an understanding or appreciation of the subject unless he 

gains first some mental proficiency in a few simple arithmetical 

methods. 2 

Since chemistry is an exact science, chemical subst:rnces have 

exact properties and chemical changes take place in accordance w.ith 

exact laws. For example, at exactly o° Centigrade, pure water 

freezes, and all water contains 11.11% hydrogen and 88.89% oxygen. 

When burned in air, 100 grams of pure carbon combines with 266.66 

grams of oxygen to produce 366.66 grams of carbon dioxide gas. Heat­

ing 20 grams of potassium chlorate to a high temperature always 

gives 7.83 grams of oxygen. Therefore, the teacher of chemistry 

must present and discuss these exact properties, exact laws, and 

exact behaviors. Solving problems illustrating these concepts and 

fundamental principles of chemistry is the proper and accepted 

method of teaching and understanding the exact features of chemistry. 

1Fred C. Hess, Chemistry~ Simple (Garden City, 1955), p. 10. 

2P. W. Selwood, General Chemistry (New York, 1954), p. 54. 
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The difficulty that most students and teachers have in solving 

problems stems from the fact that they do not understand adequately 

and completely the particular principle or law the problem is try-

ing to teach. A golf pro ·cannot teach the art of playing golf 

without the use of clubs and a ball; one cannot learn how to play 

golf without practicing with a ball and clubs. In like manner, a 

chemistry teacher cannot teach the exact fl'eatures of chemistry with-

out the use of problems; one cannot learn the exact features of 

chemistry without solving problems.3 

General chemistry texts differ in the treatment of theory 

involved in problems and the illustration of these priJ?.Ciples 

through typical problems.· A particular author will emphasize cer-

tain types of problems and methods of problem solving whereas another 

author will stress the theory relative to the problems to a greater 

extent. The high school texts are written in the language of the 

student and are limited in the depth and breadth of source material 

essential for the understanding and preparation of a teacher in pre-

sen ting these principles and problems. In comp·ining the theory, 

typical problems which illustrate this theory, and methods of reach-

ing a solution, a teacher's perception will be faci~itated as he 

visualizes the picture as a whole, instead of parts. Therefore, 

the author's purpose in compiling and formulating the material. in 

this report is to provide a source of reference of the theory and 

typical problems encountered in teaching a course of chemistry in 

the secondary schools. 

3 C.H. Sorum, How to Solve General Chemistry Problems 
(Englewood Cliffs, 1952), P• 1. 
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Analysis of seven high school chemistry texts which represent 

a typical cross section provides the authority for the inclusion 

of the theory and problems in this paper. These chemistry books 

and authors are as follows: Brownlee, Fuller, Whitsit, Hancock, 

and Sohon's Elements .2f Chemistry; Dull, Brooks, and Metcalfe's 

Modern Chemistry; Jaffe's ~ World .2.f Chemistry; Hopkins, Smith, 

Davis, McGill, and Bradbury's Chemistry~~; Lanford's Using 

Chemistry; Rawlins and Struble's Chemistry!.!'! Action; and Weaver 

and Foster's Chemistry f2!. ~ Times. Supplementing the material 

used from these seven high school chemistry books will be certain 

college books. 

The chapters within this report involve a treatment of the 

four major divisions of problems in which the many types of prob­

lems discovered in the listed high school texts can be organized. 

These four major divisions involve chemical formulas and molecular 

weights, behavior of gases, chemical equations, and solutions. 

Introductory statements relative to the significance of the calcu­

lations, general considerations, and an analysis of the seven 

high school chemistry texts pertaining to the occurrence and treat­

ment of the fundamental principles and illustrative problems along 

with a telescopic view of the material will be presented in the 

beginning of each chapter. Following these introductory remarks 

will be the body, subdivided into the various kinds of problems 

under the particular major division. In addition, concluding the 

chapt~r, the theory concerning each subdivision will precede the 

typical problem and method of solution and will originate from the 

seven high school chemistry texts and selected college references. 
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CHAPTER II 

FUNDAMENTALS OF ATOMIC WEIGHTS, MOLECULAR WEIGHTS, AND CHEMICAL FORMULAS 

1. Atomic Theory. The modern atomic theory, revised from 

John Dalton's observations and experimentation, consists of several 

statements concerning the nature of matter. All matter is made up 

of very small particles called atoms. The atoms of a given element, 

which are chemically different in different elements, have a defi-

nite average weight and are not subdivided in ordinary chemical 

t . 4 reac ions. The atomic theory enables us to explain the Law of 

Constant Composition in which each compound has a definite composi-

tion by weight and the Law of Multiple Proportions in which the 

combination of two elements to form more .,.than one compound has the 

ratio of small whole numbers with the weight of one element remain­

ing fixed. 5 

2. Analysis of the High School Texts. As a whole, the qualita-

tive and quantitative aspects of the principles involved inatomic 

theory, atomic weight, molecular weights, chemical formulas, and 

experimental determinations of atomic and molecular weights have 

been widely and thoroughly treated and emphasized in the seven high 

school texts. This emphasis is justified on the basis that these 

topics provide the foundation upon which other principles and 

4 Charles E. Dull et al., Modern Chemistry (New York, 1954), 
P• 103. 

5E. C. Weaver and Laurence s. Foster, Chemistry!£!:.~ Times 
(New York, 1954), p. 126. 



considerations are built. Jaffe states, "The table of atomic 

weights is the foundation of chemical nathematics. 116 All of the 

6 

autho;rs discuss atoms and molecules and lead up to the meaning of 

V 

a chemical formula and methods of calcuJations of atomic and molecu-

lar weights and percentage composition of the elements in the com-

pound by using the chemical formula. The simplest formula has 

been treated quantitatively by Dull, Jaffe, Rawlins, Lanford, and 

Weaver. In addition, chemical and physical experimental methods 

along with qualitative and quantitative explanations concerning 

molecular and atomic weights of gases along with non-electrolytes 

and electrolytes in solution have been included in the texts by 

all of the authors in a thorough, yet varied manner. It seems 

that Dull and Jaffe discuss the theory and quantitative aspects 

to a greater extent than any of the other authors. Using the 

above analysis of the texts, the following topics will be presented 

qualitatively and quantitatively: atomic weights, molecular 

weights of gases, non-electrolytes, and electrolytes experimentally, 

molecular weight from the formula, percentage composition from the 

formula, and derivation of the- formula. 

3. Atomic Weights. The atomic weight of an element is a num­

ber that shows the comparison of the weight of one of its atoms: 

to the weight of one atom:, of oxygen, which is considered to be six­

teen. Hence, the atomic we:i;ghts are merely relative weights. 7 In 

other words, the smallest part of the molecular weight of a com-

pound contributed by a single elen1ent is its atomic weight. Atomic 

&Bernard Jaffe,~ World of Chemistry (New York, 1955), P• 127. 

?Ibid., P• 128. 
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weights have been determined both by chemical methods and physical 

methods, such as the mass spectrometer. 

A gram-atom or a gram-atomic weight of an element is the atomic 

weight of that element expressed in grams and contains 6.023 x 10. ?3 

atoms, Avogadro's number. 8 "The importance of the unit gram-atomic 

weight is that in a chemical reaction we are concerned with a re-

pairing of atoms. Therefore, quantities of different elements 

which contain the same num~er of atoms are of more significance 

than merely equal weights of different elements which wou~d not 

contain the same number of atoms.9 

The relationship between the weights of different atoms which 

react with one another is of extreme importance to the chemist, for 

it enables him to predict the quantities of materials which wili be 

involved in chemical reactions. 10 Another author states, "In order 

to understand more about the quantitative aspects of chemical reac-

tions, one should know something about the weights of atoms of the 

various elements. 11 

3. a. Experimental Determination of the Element Occurring in 

Gaseous Compounds. This method involves four distinct steps. First, 

the molecular weights of a number of gaseous compounds containing 

an element are determined by finding the density o:f the vapor and 

calculating the weight of 22.4 liters of vapor at standard oondi-

tions. Second, by means of straightforward experimental procedures, 

8naniel Schaum et al., Sohaum's Outline of Theory and Problems 
for Students£!_ College Chemistry (New York, 1949), P• 267 

9Qsoar E. Lanford, Using Chemistry.(New York, 1955), p. 28. 

lODull, P• 103. 

11 Lanfor~, p. 20. 
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the percentage of this element in each substance is determined. 

Third., the wetght of the element in one mole of each substance 

is found by taking the percentage of the element and multiplying 

it by the molecular weight of the substance. Then, the smallest 

number found is the probable atomic weight. The larger the num-

ber of compounds used, the greater is the chance that the smallest 

number is the correct atomic weight. 12 

Problem: Determine the atomic weight of chlorine. 

Solution: 

Substance Molecular Percentage Weight of 
Wei5ht Chlorine Per Mole 

HCl 36.5 97.3 35.5 

Cl02 51.5 69.0 35.5 

PCJ.3 . 137.5 77.5 106.5 

PC15 208.5 85.0 177.5 

cc14 154.o 92.2 142.0 

CH3Cl 50.5 70.3 35.5 

The figures in the final column, giving the weight of chlorine 

in a mole of substance, are either 35.5 or some simple multiple of 

35.5. No molecule in which chlorine is present could contain less 

than one atom of chlorine; therefore, it is concluded that 35.5, 

being the smallest weight of chlorine ever found in a large group 

of chlorine-containing compounds, must represent theatomic weight 
l.,. 

of chlorine.:; 

12 Jaffe, p. 643. 

13 Selwood, P• 91. 

Cl 
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3. b. Experimental Determination of the Element Not Occurring 

in.Gaseous Compounds. The approximate atomic weight is determined 

by applying the Law of Dulong and Petit. This ~aw states that the 

product of the atomic weight of an element and the specific heat 

of that element is equal to 6.4. If the specific heat of an ele-

ment is known, then the approximate atomic weight can be calculated 

by using the principle set up by Dulong and Petit. In a mathemati­

cal relationship, the law is as follows: 14 

Atomic Weight x Specific Heat = 6.4 

Atomic Weight = 6.4 

Specific Heat 

Problem: The specific heat of an element is .031. 
Calculate the approximate atomic weight.15 

Solution: Substitute in the above relationship. 

Atomic Weight = = 206.4 

.031 

4. Determination of Molecular Weights of Compounds Experimentally 

Gases, non-electrolytes, and electrolytes are the compounds whose 

molecular weights will be determined from the experimental. standpoint. 

4. a. Molecular Weights of Gases. One method of determining 

the atomic weight of a gaseous substance is utilizing vapor density 

data. The molecular weight of a gas isequal to twice its vapor 

14 Sorum, p. 125. 

15 Belwood, p. 91. 
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density. This is apparent from the following: 

Weight of 22.4 Liters of Gas 
Vapor Density .,.. 

Weight of 22.4 Liters of Hydrogen 

Since 22.4 liters of hydrogen is two grams, then the vapor density 

multiplied by two gives the molecular weight. 

Vapor Density X 2 = Molecular Weight16 

Problem: The vapor density of oxygen is 16. What 
is the molecular weight? 

Solution: Use the above relationship. 

Molecular Weight = 16 X 2 = 32 

Another method for calcuJating the molecular weights of substances 

which may exist as a vapor is based upon Avogadro's Hypothesis. Using 

this law, then, the weight of 22.4 liters of any vapor under standard 

conditions equals the gram-molecular weight of the compound. Thus, 

by weighing 22.4 liters, or some convenient fraction of this volume, 

the molecular weight of the compound can be determined. Both the 

Dumas and Victor Meyer methods are based on this law. 17 

Problem: What is the molecular weight of oxygen? 

Solution: One liter of oxygen weighs 1.429 grams. 

Therefore, 1.429 grams/liter x 22.4 grams/liter = 32 

16John R. Lewis, An Outline of First Year College Chemistry 
(New York, 1943), p. 6I:" 

17Ibid. 
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4. b. Molecular Weights of Non-Electrolytes. It is apparent 

that the molecular weight of a substance which cannot be changed 

into a gaseous form cannot be determined by the methods just des-

cribed. Hence, the methods used for determining the molecular 

weights are solution methods; namely, freezing-point depression 

and boiling-point elevation. Each of these methods has its advan-

tages and disadvantages; in order to select the method most suit-

able for any given substance, it is necessary to be clearly aware 

of these advantages and disadvantages. The consensus of opinion 

is that the freezing-point depression method is the favorite of 

the solution methods. 

The qualitative basis for these methods stems from Raoult's 

Law. 11As it was originally discove.red, the l.a:w says that in dilute 

solutions of non-volatile non-electrolytes the depression is pro-

portional to the mole fraction of the solute, or the solution vapor 

pressure is proportional to the mole fraction of the solvent. 1118 

This is explained by the theory that the solvent molecules cannot 

escape so readily into the vapor phase when part of the liquid sur-

face is occupied by solute molecules. Because of this lowering of 

the vapor pressure, the boiling point is raised and the freezing 

point is lowered. 

Freezing-point Depression Method. When most dilute solutions 

are cooled, pure solvent begins to crystallize before any solute 

crystallizes. The freezing point of the solution is the temperature 

at which solvent crystallization begins. The freezing point of a 

pure solvent is always higher than the freezing point of a solution. 

18 Schaum, P• 71. 
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In dilute solutions, the lowering of the freezing point of a solu-

tion is proportional to the number of solute molecules or moles in 

a given weight of solvent. This relation indicates a method of 

determining the molecular weights of substances in solution. The 

lowering of the freezing point of a solvent caused by one mole, 

6.023 x 1023 molecules, of any non-electrolyte dissolved in 1000 

grams of solvent is called the molal freezing point constant of 

the solvent. For water, the molal freezing point constant is 

1.86° Centigrade. Thus, if one mole of cane sugar, 342 grams, is 

dissolved in 1000 grams of water, the solution will freeze at 

-1.86° Centigrade. 19 

Problem: A solution containing 4.50 g of a non­
electrolyte dissolved in 125 g of water freezes at -.372°c. 
Calculate the approximate molecular weight of the solute.20 

Solution: One mole of solu·te lowers the freezing 
point of 1000 g of water by 1.860c. First calculate the 
weight of solute that would be dissolved in 1000 g of water 
to give a solution of the same concentration, as 4.50 g 
solute in 125 g water. 

In 1 gram of water there are 4.50 

125 

grams of solute. Then 

in 1000 g of water, there are 1000 x 4.50 

125 
or 36 grams. 

Since 1.86°c. lowering is produced by 

water, .372°c. lowering is produced by 

1 mole solute 
0 .372 c. 

= 
1.86 oc. 

in 1000 g 

.2 mole in 

1000 grams of water. Then .2 mole solute is contained in 36 

grams of solute, and 1 mole is contained in 

Thus, the molecular weight is 180. 

19Ibid. 1 P• 72. 

20Ibid., P• 73. 

36 g _ = 180 g. 
.2 



13 

An alternate method of solving this freezing-point depression 

problem is as follows: 36 g solute per kilogram of solvent produces 

0 a lowering of .372 C. and one mole solute produces a lowering of 

1.86°c. Knowing this, a proportion can be set up. 

36 g l mole 
= 

1.860c. 

Solving, 1 mole = 36 g X l.86°C. 

.372°c. 

l mole = 180 g Molecular Weight= 180 

Boiling-point Depression Method. The temperature at which a 

solution boils is higher than that of the pure solvent if the solute 

is comparatively non-volatile. In dilute solutions, the number of 

solute molecules or moles is directly proportional to the rise of 

the boiling point. This relationship gives a means of determining 

the molecular weight of the solute in solution. The elevation of 

the boiling point of a solvent caused by one mole -of any non-volatile 

non-electrolyte dissolved in 1000 grams of solvent is known as the 

molal boiling point constant of the solvent. For water, this con­

stant is .52°centigrade. Thus, if one mole of cane sugar is dis­

solved in 1000 g of water, the solution will boil at 100.52°centi-

21 grade at standard pressure. 

Problem: A solution containing 4.81 g of a non­
volatile non-electrolyte dissolved in 250 g of water boils 
at 100.17° C. ~alculate the approximate molecular ~eight 
of the solute.2 

21Ibid., P• 72. 

22Ibid., P• 74. 
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Solution: One mole of solute raises the boiling 

point of 1000 'g of water by 0 .52 c. In l gram o:f water, 

there 4.81 grams of solute. In 1000 g of water, are 
250 4.81 there are 19.2 grams of solute since 1000 X _ grams 

0 
250 

gives this amount. Since .52 c. elevation is produced by 

0 1 mole solute in 1000 g of water, .17 C. elevation is pro-

d db .1700. 33 1 . uce Y •52007 mole or. mo e in the same amount of 

water. Then .33 mole solute is contained in 19.2 g solute, 

and 1 mole solute is contained in ~ or 58 g. There-
033 

fore, the molecular weight is 58. 

An aJ.ternate solution is as follows: 19.2 g solute 

0 produce an elevation of .17 C. and 1 mole solute produces 

an elevation of .52°c. Then the following proportion exists: 

19.2 g 1 Mole 

0 .17 c. 
= 

Solving, 1 Mole = 19.2 g x 

0 .52 c. 

1 Mole = 58 g; Molecular Weight = 58 

4. c. Molecular Weights of Electrolytes. The methods used for 

the determination of the molecular weights of non-electrolytes do not 

apply to certain substances whose water solutions conduct an elec-

tric current because they alter the freezing a~d boiling points in 

an abnormal manner. 

The Theory of Ionization, first proposed by Arrhenius, and then 

modified by subsequent investigation, helps to explain the behavior 

of dilute solutions of electrolytes. The main postu:etes of ,Arrhenius' 
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theory are as follows: an electrolyte dissociates into positively-

charged and negatively-charged particles; the degree of ionization 

depends on the nature of the electrolyte, the concentration, and the 

temperature; ionization is complete in an infinitely dilute solution; 

the ions are free to move independently and this movement constitutes 

the current produced by the solution; the ions are responsible not 

only for the electrical properties, but also for the chemical prop­

erties.23 However, there are some chief difficulties with the 

Arrhenius theory. The important effect of the solvent molecules in 

promoting solution and ionization is not explained. The effect of 

the oppositely charged ions on each other is not considered. In 

addition, for many electrolytes, different methods·of obtaining the 

24 degree of ionization do not agree. 

Numerous attempts have been made to amplify or alter the 

Arrhenius Theory of Ionization. The best known of the newer theories 

is that of Debye and Huckel, or the Inter-Ionic Attraction Theory. 

Briefly, this theory postulates that strong electrolytes, including 

nearly all salts, are one hundred per cent ionized. The properties 

of such solutions are dependent in part on solvent molecules at-

taching themselves to the ions, and on the effects of oppositely 

charged ions clustering about each other. The one hundred per cent 
. ., . .,.. 

ionization for strong electrolytes is supported by X-ray evidence 

on the existence of ions in the solid state along with theoretical 

views concerning the nature of the valence forces in electrovalent 

types of compounds. 25 In other terms, the Inter-Ionic Attraction 

23L. H. Cragg and R. P. Graham,~ Introduction!£~ Principles 
of Chemistry (New York, 1955), p. 414. 

24 Selwood, P• 213. 
25Ibid. 
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Theory, or the Debye-Huckel Theory, refined the ideas of Arrhenius 

and took into account the fact that forces exist between the op-

't 1 h d · · l t' 26 posi e y c arge ions in sou ion. 

Jaffe explains in more simple terms how the theory proposed by 

Arrhenius accounts for the abnormal behavior of the boiling and freez-

ing points of electrolytic solutions. The electrolyte dissociates 

and produces two or three times as many particles as there are 

molecules of undissociated non"."'electrolytes. The higher percentage 

of dissociation produces a greater increase in the boiling point and 

a greater decrease in the freezing point since the actual number of 

particles in solution determines both the boiling and freezing points 

of a solution. 27 

The modern theories concerning solutions of electrolytes sup-

plement, not supplant, the postulates proposed by Arrhenius. With-

out the groundwork laid by him, no understanding of solutions is 

possible. To be more exact, the chemist's understanding of the 

properties of solutions of electrolytes is as yet far from complete. 

Yet, a turning point in the history of science is marked by this 

th f h . l h · t · t · t . 2s · eory, or p ysica c emis ry came in o exis ence. 

The calculations concerning electrolytic solutions are reserved 

for more advanced courses since the quantitative.aspects are high­

ly mathematical in nature. 29 

5. Chemical Formula. Formulas for compounds do not just sud-

denly appear from nowhere. When each new compound is discovered, 

26 Cragg and Graham, P• 435. 

27Jaffe, p. 237. 

28selwood, p. 214. 

29cragg and Graham, p. 435. 
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chemists must determine its formula by laboratory measurements. The 

chemical formula is an abbreviated form of a compound which repre-

sents the name, one molecule, and one molecular weight of the com-

30 pound. 

5. a. Molecular Weight from the Formula. The molecular weight 

i~ the ratio of the weight of one molecule of a compound to the atom-

ic weight of oxygen. Similar to the atomic weight, it is only a 

relative weight. In determining the molecular weight from the chemi-

cal formula, one adds the atomic weights of the atoms in the particu­

lar molecule. 31 

Problem: Calculate the molecular weight of calcium 
sulfate. 

Solution: Use the atomic we~ghts found on a standard 
chart. If the element is followed by a subscript, multiply 
the atomic weight by this subscript. 

Ca S 

40 + 32 + = 136 

5. b. Percentage Composition of a Compound from the Formula. 

The percentage composition of a compound is found by computing the 

percentage by weight of each different element in a compound. Thus, 

the procedure consists of dividing the atomic weight of each element 

by the molecular weight of the compound and multiplying the fraction 

by one hundred. 

Problem: Find the percentage composition of nitric 
acid. 

30Jaffe, p. 128. 

31Ibid. 
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Solution: 

H N 03 

1 + 14 + 16 (3) = 63 molecular weight 

% of H 

Atomic Weight of H 100 1 X 100 1.6% X -· = 
Molecular Weight of HN0 3 63 

% of N 

Atomic Weight of N X 100 = 14 X 100 = 22.2% 
-r·~--=-

Molecular Weight of HNO 
3 63 

% of 0 

Atomic Weight of 0 X 100 = 48 X 100 = 76.2% 

Molecular Weight of HN03 63 

Total = 1000,.6 

5. c. Simplest Formula of a Compound from its Percentage 

Composition. According to the Law of Definite Proportions, elements 

a~ays combine in the same ratios to form compounds. This knowledge 

enables one to write the simplest formula of a compound when one 

knows the relative amounts, or percentages, of each of its elements. 

The percentage composition is determined by laboratory analysis of 

the compound. 32 

Problem: Find the simplest formula of a com~3und 
that contains 63.6 % nitrogen and 36.4 % oxygen. 

32Jaffe, P• 636. 

33Ibid., P• 637. 



Solution: Divide the percentage of each element by 
its atomic weight. Divide the quotients from the first 
step by their highest common factor. The highest common 
factor of two or more numbers is.the largest number by 
which each of the numbers is divisible. The quotients 
from step one may not always be exactly divisible by the 
highest comm.on factor; in this case, round the numbers 
off to the nearest whole number. The numbers now ob­
tained instep two represent the smallest number of atoms 
of each element that can be present in one molecule of 
the compound. Therefore, used as subscripts for the sym­
bols of their respective elements, they give the simplest 
formula of the compound. Problems of this type can be 
checked by finding the percentage composition of the form­
ula that is determined. This percentage should agree with 
the data given in the problem. 

Percentage of N 63.6 4.54 = = -----Atomic Weight of N 14 

Percentage of 0 36.4 2.28 = = 
Atomic Weight of 0 16 

N = 4.54 = l.99 = 2 

2.28 

0 
2.28 l = = 
2.28 

Simplest Formula = N2o 

19 
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CHAPTER III 

FUNDAMENTALS CONCERNING BEHAVIOR OF GASES 

L. Definition of a Gas. Substances do not fall neatly into 

separate categories as suggested by the terms gas, liquid, and 

solid. Rather, matter can exist in either the gaseous, or the liq-

uid, or the solid state. A given substance may exist in any one 

of these three states, depending on the conditions.34 A gas then, 

is a state of matter that has neither shape nor volume and has 

independent molecules. 35 Thus, the states of matter are related 

to our concept of the structure of matter which enables one to 

distinguish or explain the properties of these three different 

states of matter. A study of the states of matter will famil-

iarize one with the chemical behavior of matter; however, in the 

following presentation, the attention will be centered on the 

behavior of matter in the gaseous state. 

2. Characteristics. Gases are characterized and distinguished 

from solids and liquids by the following properties: compressi­

bility and,expansibility, permeability,· diffusibility, pressure in 

all directions, and liquefiability.36 As scientists attempted to 

explain these properties based upon experimental evidence, the 

34cragg and Graham, p. 177. 

35weaver and Foster, p. 644. 

36Lanford, PP• 78-79. 
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Kinetic Molecular Theory was developed. This picture of the nature 

· of gases received its name from the fact that molecules which make 

up the gases also possess kinetic energy. Molecul,es are l'l'idely 

separated and can be forced closer together; this explanation 

accounted for the compressibility of gases. Gases expand on heat­

ing, for the speed of molecules or the kinetic energy increases as 

the temperature increases. Molecules constantly move rapidly and 

haphazardly which would explain the diffusibility of gases. As 

molecules strike each other and the walls of the container with-

out losing energy, the gases exert pressure which is proportional 

to the concentration. Since molecules attract each other at close 

range, liquefiability may be accomplished. 

3. Analysis of the High School Texts. Upon analysis of the 

seven high school texts, there was found to be some variation in 

the treatment of the behavior of gases by the authors. Brownlee, 

Jaffe, Hopkins, and Weaver discuss the scientific laws of gases by 

Boyle, Charles, Gay-Lussac, and Avogadro in the text and reserve 

a quantitative treatment for the appendix. One author states, 

"A discussion of the way in which gases act at low temperatures 

and under high pressures is beyond the scope of an introductory 

course in chemistry. 11 37 To a greater extent, Dull, Lanford, and 

Rawlins discuss the scientific laws of gases already mentioned 

both qualitatively and quantitatively; in addition, Lanford in­

cludes Graham's Law of Diffusion and presents it quantitatively. 

Both Dull and Lanford include the principle of partial pressure 

in which this principle .is used in correction of a volume of gas 

37 Jaffe, p. 277. 
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collected over water. All the authors present the topic of standard 

temperature and pressure; however, Brownlee, Dull, and Jaffe give 

the best explanations. The methods of solution which are included 

condense to the form of substituting in an equation for the certain 

law or a logical, reasoning method. As a rule, Jaffe uses the gas · 

equation whereas Dull uses the reasoning method. In his book, Dull 

stars the information concerning the behavior of gases and states 

that the solution of these prob~ems may be reserved for the better 

students. In conclusion, Lanford, gives a more thorough description 

of the gas laws both quantitatively and qualitatively. 

In using the results of this analysis, the following topics 

will be presented: standard temperature and pressure, Boyle's Law, 

Charles' Law, Combination Gas Law, Dalton's Law of Partial Pressure, 

Graham's Law of Diffusion, behavior of an ideal gas, and deviatisns 

from the gas laws along with a contrast of the methods used in solv­

ing these problems concerning the behavior of gases. 

4. Standard Conditions of T~mperature and Pressure. In deal­

ing with gases, the same number of molecules can occupy widely 

different volumes. The expression rta. cubic foot of air11 means 

nothing unless we also kno~ the temperature and pressure at which 

it is measured. According to the Kinetic Molecular Theory, the 

molecules are not packed cJ.osely together,,a~ in the case of liq­

uids and solids, but are usually comparatively far apart. An 

example will make this clear. Scientists have computed that if 

the molecules of the air that surround us could be magnified until 

they were as big as baseballs, the average distance between them 

would be about two feet. This gives one a relative idea of the 
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average distances between the tiny molecules. It also explains 

why one can crowd many more molecules of a gas within a given space. 

Raising the temperature of a gas increases the velocity of its 

molecules and causes them to move farther apart. Accordin~, one 

must consider both the temperature and pressure when measuring the 

volume of gases. Therefore, variations in gas volumes make it 

necessary to select some standard temperature and pressure.38 The 

abbreviation for standard temperature and pressure is e· !· ~· 

4. a. Temperature. Three different temperature scales, 

Fahrenheit, Centigrade, and Absolute or Kelvin, are in common use. 

The Fahrenheit scale has 180 degrees between the two standard refer­

ence points, 32°F. as the freezing point of water and 212°F. as the 

boiling point of water, The Centigrade scale has 100 degrees be­

tween the two standard reference points, o0 c. and 100°c. These 

values are true at 760 mm pressure. The ratio of the number of 

degrees Centigrade to the number of degrees Fahrenheit is 100 to 

180 or 5 to 9. Since the Fahrenheit scale does not start at zero, 

substract 32° in order to get an accurage relationship. 39 

5 

F - 32 9 

The author believes that the above relationship is the best method 

of converting Fahrenheit readings to Centigrade or changing Centigrade 

readings to Fahrenheit. One frequently forgets the specific formula 

for the preferred conversion. 

38 Dull, p. 56. 

39weaver and Foster, p. 623. 
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The zero point on the Absolute or Ke.lvin scale, K, is taken 

at -273°c. Thus, the Kelvin and Centigrade scales differ only in 

the choice of the zero point, and the Kelvin temperature is found 

by adding 273 to the Centigrade temperature. Absolute or Kelvin 

temperatures are always used in solving gas volume change problems. 40 

4. b. Pressure. The pressure of a gas is the force it exerts 

on a unit surface area. It is frequently expressed in grams per 

square centimeter, in pounds per square inch, in atmospheres, and 

in millimeters of mercury. Since air has weight, it exerts a ·pres-

sure. Thus, the atmospheric pressure is due to the weight of the 

overlying air. The pressure due to a column of a fluid is equal 

to the height multiplied by the density of the fluid. Standard 

pressure is the pressure exerted by the weight of a column of mer­

cury exactly 760 mm high at o° Centigrade; this value is approxi-

mately the average pressure of the atmosphere at sea level and is 

equivalent to one atmosphere. 41 

Pressure= Height of Column of Hg x Density of Hg 

l Atmosphere= 76 cm ofHg x 13.60 g/cm3 = 1034 g/cm2 

1 Atmosphere= 29.9 in of Hg x .491 lb/iii= 14.7 lb/in2 

Hence, standard conditions of temperature and pressure (S.T.P.) 

denote a temperature of o0 centigrade or 273°Kelvin and a pressure 

of 760 mm of mercury, or one atmosphere. As both the volume and 

density of any gas are affected by changes of temperature and pres-

sure, it is customary to reduce all gas volumes to standard oondi-

tions for purposes of comparison. 

40 . 
Schau,., p. 11. 

41Ibid., P• 13. 
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5. Boyle's Law. This relationship deals with the change of 

the volume of gases due to the change in pressure. "If the tempera-

ture of a certain mass of gas is kept constant and the pressure on 

the gas is changed, the volume is inversely proportional to the 

42 pressure." This means that the volume decreases in the same propor-

tion as the pressure increases. For example, if the pressure is 

doubled, the volume is reduced by one-half. All the molecules have 

been squeezed .into half the volume they formerly occupied. Conse-

quently, each molecule will hit the wall of the container twice as 

many times per second. This condition will produce a pressure twice 

as great as the original condition although the velocity of the mole-

has not been changed. The Kinetic Molecular Theory then is the expla­

nation for this relationship. 43 

The derivation of the equations for Boyle's Law is as follows: 44 

The product of the pressure F and the volume V of 

a given weight of gas is constant, if the temperature is 

constant. 

P V = C 

-
It follows that P1v1 = P2V2 , where P1 and P2 represent 

the old and new pressures, and v1 and v2 represent the 

old and new volumes respectively. By dividing both sides 

of the latter equation by P 2 , .the new volume may be ob­

tained. By dividing both sides of the same equation by 

42 Lanford, p. 82. 

43Ibid., P• 93. 

44George M. Rawlins and Alden H. Struble, Chemistry in Action 
(Baton, l.952), P• 549. 
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v2 , the new pressure may be obtained. 

= 

In solving problems involving the change in volume of a gas 

with changes in pressure, one must first do a little simple reason-

ing. Will the change in pressure make the.volume of the gas larger 

or smaller? If the new volume is to be larger, then the old volume 

must be multiplied by the pressure effect which is greater than one. 

In other words, the pressure effect will be a fraction whose numera-

tor is larger than the denominator. If the new volume is to be 

smaller, then the old volume must be multiplied by the pressure 

effect which is smaller than one. Similarly, the pressure effect 

will be a fraction whose numerator is smaller than the denominator. 45 

Another method of solution of this type of problem is substi-

tution in an exact formula representing Boyle's Law. However, most 

people prefer the reasoning method since it do,es not involve remem-

bering an exact formula. Yet, solving by substitution in the Boyle's 

Law formula is an excellent method as long as one understands the 

formula in the first place and is careful to keep the values straight. 

Problem: The volume of a gas is 100 cc. at a pres­
sure of 760 mm. What volume will it occupy at 720 nun 
pressure, temperature being constant?46 

Solution: By reasoning, New Volume = Old Volume 
x Pressure Effect. Since the pressure is decreased, 
the new volume must be greater than the old volume. 
This means that the pressure effect must have a value 
greater than one. Therefore, the 760 goes in the num­
erator and the 720 goes in the denominator. 

45 Sorum, p. 32. 
46Ibid. 



New Volume = 100 CC X 
760 mm 

?20 mm 

New Volume = 105 cc 

Solution: By formula substitution, 

v1 = 100 cc; 

= 100 cc X 760 mm = 
720 .mm 

= 

V 
1 

= 

720 mm 

105 cc 
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6. Charles• Law. This relationship deals with the change in 

volume of gases due to the change in temperature. "The Kinetic 

Molecular Theory states that the kinetic energy of the gas molecules 

depends only on the temperature and that it is proportional to the 

Absolute temperature."47 For example, a certain number of molecules 

of a gas is confined in a container at a temperature of 273° Absolute 

and a pressure of one atmosphere. Assume the temperature is raised 
0 . 

to 546 Absolute. This means that the kinetic energy of the mole-

cules will be doubled. But if the molecules move faster, they will 

hit the wall more often and also harder. In other words, the pres-

sure of the gas will increase as the absolute temperature increases 

if the volume is kept constant. If the gas previously mentioned is 

confined by a movable piston with a twenty-five pound weight, then 

as the temperature is raised, the increased activity of the mole-

cules will push the weight up until the increased activity of the 

48 molecules has been counterbala~ced by their being less concentrated. 

47 Lanford, P• 93. 

48Ibid., P• 94. 
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The French scientist, Charles, in studying the relationship 

between the volume of a gas and its temperature discovered that the 

volume of a gas increased by 1/273 for each degree Centigrade its 

temperature is increased. From this he reasoned that a temperature 

0 of -273 C. was the lowest possible attainable temperature and desig-

nated this temperature Absolute zero. The Absolute temperature 

scale and Centigrade scale are related as discussed in the preceding 

section on temperature. Thus, Charles' studies led to the discovery 

that at a given pressure, the volume occupied by a gas is directly 

proportional to the Absolute temperature of the gas. Expressed as 

an equation, Charles' Law is as follows: 

V = k T 

where Vis the volume of the gas sample, Tis the Absolute tempera-

ture, and k is the constant. Solving this expression fork, one 

finds that the ratio of the volume of a gas to its Absolute tempera-

ture is a constant: 

V 
= k 

T 

Thus, for a given gas sample, if the temperature is changed, this 

ratio t,rnst remain constant. Therefore, the volume must change in 

order to maintain the constant ratio. The ratio at a new tempera-

ture must be the same as the ratio at the original temperature. 

Then, one can write the following relationship: 

49 Hess, p. 48. 

T 
1 

= 



where y and T1 are the origihal volume and original Absolute 

temperature, and! and T2 are the new volume and new Absolute 

temperature of the sample of gas respectively. 49 
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In applying the principle of Charles• Law, one must understand 

that when a gas is heated it expands and, conversely, that when a 

gas is cooled it contracts. 

Problem: Find the volume of gas occupied by 60 
liters of carbon dioxide when the temperature changes 50 
from 270c. to 570 C. and the pressure remains constant. 

Solution: Convert the Centigrade temperatures to 
the Absolute scale by adding 2730. Since the gas is 
changed to a higher temperature, the volume increases. 
Therefore, the original volume is multiplied by a 
temperature effect greater than one in oder to make 
the volume increase. 

0 
60 liters x 33° K. 

300 °K. 
= 66 liters 

Substitution in the Charles' Law formula is another method of 

solving the change in volume of a gas due to changes in pressure. 

However, the logical, reasoning process is shorter perh~ps and is 

less open to errors of substitution. 

7. Combination Gas Law. By combining the formulas for Boyle's 

Law and Charles' Law, one gets the gener~l formula for expressing 

the change of volume when both the pressure and temperature change. 

= 
V 2 

50weaver and Foster, p. 625. 
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One can also reason logically that: 

New Volume = Old Volume x Temperature Effect x Pressure Effect 

Hence, using the combined formula or the combined logic, one can 

calculate volume changes resulting from changes in both pressure 

and temperature.51 

Problem: The volume of a gas is 200 liters at 
120c. and 750 mm. What volume will it occupy at 4o0 c. 
and 720 mm? 52 

Solution: 12°0. = 285°K.; 4o0 c. = 313°K. 
Since the temperature increases, the volume must there­
by be increased. Therefore, the temperature effect 
is greater than one, and the larger Absolute tempera­
ture is placed in the numerator. The pressure decreases; 
therefore, the volume must increase. Then the larger · 
pressure is placed in the numerator of the pressure 
effect factor in order to have a fraction greater than 
one. Using the logical method, then: 

New Volume = 200 liters x X 
750 mm 

720 mm 

New Volume = 229·1iters 

Solution: One can also solve the problem by substi­
tuting in the general formula. 

v1 T 1 X pl 

- = 
v2 T2 X p2 

200 liters 285° K. X 720 mm 
= 

v2 313° K. X 750 mm 

= 229 liters 

52 Sorum, p. 36. 
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8. Dalton's Law of Partial Pressures. "If two or more gases 

are mixed, their total pressure is the sum of the pressures that 

each gas would exert if it were alone.n53 The partial pressure is 

the pressure exerted by each gas in the mixture of gases. 

Gas pressure is proportional to the number of gas molecules 

per unit volume. Thus, Dalton's Law merely states the obvious 

fact that the total number of molecules in a given volume is equal 

to the sum of the numbers of the molecules of each kind.54 

Dalton's Law of Partial Pressures is of special value in cor-

recting the volume of a gas which has been collected by displace-

ment of water. Whenever a gas is collected in contact with water, 

the gas contains some water vapor. The partial pressure of this 

water vapor depends on the temperature. In applying the Boyle's 

Law to the correction of gas volumes, one has to consider that the 

pressure apparently exerted by a gas collected over water is the 

pressure of the gas and the vapor pressure of water. The pres-

sure exerted by the dry gas may be obtained by substracting the 

vapor pressure of water at the particular temperature from the 

total pressure. No correction is needed for the gas volume when 

a gas is collected over mercury, for the vapor pressure of mercury 

is negligible at ordinary temperatures.55 

Problem: Under 700 mm of pressure, 275 cc of 
oxygen is collected over water at 230 C. What is the 
volume of the dry gas at standard pressure? 

53 6 Selwood, p. 7. 

54 Schauiµ, p. 14. 

55Selwood, P• 68. 



Solution: The vapor pressure of water at 23° C. 
is about 21 mm. The partial pressure of the oxygen is 
therefore 700 mm - 21 mm. 

V = 275 cc X 
700 mm - 21 mm = 246 cc 

760 mm 
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9. Graham's Law of Diffusion. One gas diffuses into a space 

already occupied by another gas quite readily until both are uni-

formly distributed. throughout the space. A simple way to demonstrate 

Graham's Law of Diffusion is to withdraw the stoppers from a bottle 

of concentrated ammonium hydroxide and a bottle of concentrated 

hydrochloric acid. In holding the stoppers about a foot apart, a 

smoke appears around the stopper of the hydrochloric acid stopper 

but not around the other stopper. The small amounts of solutions 

on the stoppers give off the colorless gases ammonia and hydrogen 

chloride. Since the ammonia diffuses more rapidly than the hydrogen 

chloride, it reaches the stepper from the hydrochloric acid bottle 

before the hydrogen chloride gas can reach the ammonium hydroxide 

stopper. The explanation is that the density of the ammonia is less 

than half the density of the hydrogen chloride; thus, the ammonia 

diffuses faster. As it reaches the hydrogen chloride, the two unite 

to form ammonium chloride, a white solid.56 

One mole of any gas occupies a volume of 22.4 liters at stand-

t d t f 760 mm at Ooc. ard tempera ure an pressure, exer s a pressure o 

when placed in a 22.4 liter container, and contains 6.023 x 1023 

molecules. Thus, one molecule of one gas at a given temperature 

exerts the same pressure as one molecule of any other gas at the 

56Lanfordt P• 86. 
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same temperature. This molecule can exert pressure because it has 

kinetic energy. In addition, at a given temperature one molecule 

of one gas has the same kinetic energy as one molecule of any other 

gas. For example, the molecular weight of the gases sulfur dioxide 

and methane is 64 and 16 respectively. The sulfur dioxide molecule 

is four times as heavy as the methane molecule; nevertheless, the 

light molecule can exert just as much pressure, and therefore, has 

just as much energy as the heavy sulfur dioxide molecule. There 

can only be one explanation. The methane molecule must be moving 

faster. If this molecule is moving faster than the sulfur dioxide 

molecule, then it should be diffusing faster. The methane mole-

cule does diffuse faster; in fact, it diffuses exactly twice as 

gast as the sulfur dioxide molecule even though it is one-fourth 

as heavy. Hence, the lighter a gas is, the faster it diffuses, 

and this relationship is an inverse proportion. As in the case of 

methane and sulfur dioxide, the rates of diffusion of the two gases 

are inversely proportional to the square roots of their densities. 

Since the molecular weight is proportional to the density of the 

gases, the molecular weight may be substituted for the density. 

This generalization is Graham's Law of Diffusion. The mathematical 
I 

formula is:57 

Rate of Diffusion of Gas A Density of Gas B 
= 

Rate of Diffusion of Gas B Density of Gas A 

57sorum, p. 44. 



Problem: Compute the relative rates of diffusion 58 
of hydrogen and carbon dioxide through a fine pin-hole. 

Solution: The molecular weights of hydrogen and car­
bon dioxide are 2 and 44 respectively. 

= 
M CO2 

MH 
2 

= 
44 

2 

Then RH = 4.7 x R CO 
2 2 

= 22 = 4.7 

10. Deviations from the Gas Laws. The laws discussed above 

are striclly valid only for ideal gases, that is, gases which fol-

low the gas laws perfectly. An ideal gas is non-existent, for no 

known gas obeys the gas laws at all possible temperatures. Since 

all gases can be liquified if they are compressed and cooled suf-

ficiently, all gases become non-ideal at high pressures and low 

temperatures. The ideal properties are observed at low pressures 

and high temperatures, conditionsil.r removed from those of the liq-

uid state. For pressures below a few atmospheres, practically all 

gases are sufficiently ideal for the application of the ideal gas 

laws. 59 

The principal ~easons why real gases do not behave as ideal 

gases are that the molecules have mass and occupy space. The mat-

ter contained in the molecules cannot be destroyed, and the mole-

cules can only be compressed to a limit. In other wards, a gas 

would behave as an ideal gas only if its molecules were true mathe-

n:e.tical points--that is, i'f'· .. they possessed neither weight nor dimen-

sions. However, the molecules of real gases follow the gas laws 

59schaum, p. 15. 
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so closely that any deviations from these laws are relatively insig-

nificant. Nevertheless, it should be remembered that the gas laws 

are not strictly accurate and that the results are really close 

·. t· 60 approxima ions. 

11. Comments on Methods of Solving Gas Problems. In addition 

to the information previously given concerning methods under the 

particular type of problem, Dull states, "While the method of reason-

ing is preferred by most teachers and by the College Entrance 

Examination Board, it is often convenient to solve gas problems using 

the gas equations. 1161 In his book, Weaver adds, 11 The use of the gas-

law-equation method depends on memory; the use of the reasoning 

method needs less memory and depends on. understanding the principles 

involved. 1162 In conclusion, then, perhaps the. reasoning method is 

the better method of solving problems involving gases. 

60 Hess, p. 52. 

61Dull, P• 559. 

6'1veaver and Foster, p. 627. 
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CHAPTER IV 

FUNDAMENTALS OF CHEMICAL EQUATIONS 

1. Significance and Importance. Calculations based on chemi-

cal equations are among the most important calculations in general 

chemistry because of the volume of descriptive and quantitative 

knowledge that is condensed into these equations. Knowledge about 

chemical change is represented by an equation of formulas, just as 

each formula represents the composition of a substance in terms of 

the constituent atoms. 63 

2. Definition and Comnonents. The balanced equation is an 

algebraic chemical equation with the formulas and relative weights 

or volumes of the reacting substances on the left side and the formu-

las and relative weights or volumes of the products on the right 

side. Before an equation can be written, one must know the formulas 

for the reactants and products and if the reaction is possible. 

Through experimental evidence this information is furnished. 64 Chemi-

cal equations represent actual conditions, and the number of atoms 

of the reactants must equal the number of atoms of the products. Thus, 

every correct equation conforms in this way to the Law of Conservation 

of Matter which states that matter is neither created or destroyed 

during a chemical change. 65 

63schaum, p. 40. 

64Rawlins and Struble, P• 156. 
65 Jaffe, p. 115. 
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3. Analysis of the High School Texts. In analyzing the seven 

high school texts, it was found that each author included discus-

sions of three broad types of problems relative to chemical equa-

tions. Dull, Jaffe, Hopkins, Rawlins, and Weaver presented a more 

thorough discussion as to theory, typical problems, and methods of 

solution whereas Brownlee and Lanfoi!d gave a limited treatment in 

these areas. The three main types of problems based on chemical 

equations are as follows: weight-weight problems, weight-volume 

problems, and volume-volume problems. In the majority of the cases, 

the mathematical technique used by these authors was proportion; 

however, Dull, Jaffe, Hopkins, and Weaver gave alternative methods 

of solving problems. As a rule, procedures in reasoning through 

the problems and arriving at a solution were given sufficient 

treatment. 

In using the results of this analysis, the. following topics 

will be presented: weight-weight problems, weight-volume problems, 

and volume-volume problems. 

4. Weight-Weight Problems. All atoms and molecules have defi-

nite weights. These actual weights of atoms and molecules are pro-

portional to their atomic and molecular weights. Hence, the balanced 

equation alao shows the relative weights of the reactants and result-

ants. Calculations involving weight relations only, whether with 

solids, liquids, or gases, are designated as weight-weight calcula-

t . 66 ions. 

In weight-weight problems, the weight of one substance is given 

and the we.ght of a second substance is required. It is evident that 

the same weight proportions may be expressed in any unit of weight. 

66 Schaum, p. 41 



38 

"Because the symbol of an element and the formula of a compound may 

represent definite weights, an equation also may be considered to 

represent definite weights of the substance taking part in the reac-

tion. Thus, 2 Ag + S ----) Ag2S may be read, 216 grams of sil.ver 

plus 32 grams of sul.fur yield 248 grams of silver sulfide. Note 

that the actual wEights are based on the atomic weights. 1167 

Problem: How many grams of cal.cium carbonate wil.1 
be formed by the complete reaction between 222 grams of 
calcium hydroxide and carbon dioxide? 

Solution: 

a. Write the balanced equation. 

b. 

Ca(OR) 2 + CO2 ----> 
Write the given weight over its formula. Write x over the -
formula of the substance whose weight is to be found. Cross 

out all other formulas in the equation, or ignore them. 

222 g 

Ca(OH)2 + ----) 
X g 

Caco3 + 

c. Since the same relationship exists between the actual 

weights as exists between the molecul.ar weights of the 

substances involved in the equation, write the molecular 

weights of the substances under their respective formulas. 

Do not ignore any coefficient. 

222 g X g 

Ca (0 H)2 ----> Ca C 03 

40 + (16 + 1) 2 ----~ 40 + 12 + (J..6 X 3) 

74 100 

d. Write the mathematical equation represented by the known 

and unknown weights. Solve for x. 

67 Jaffe, P• 1.32. 
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222 g X 

= 74 X = 22,200 g X = 300 g 1 Caco3 
74 100 

An alternate method that can be used in order to avoid the use 

of an equation involving xis as follows: 

Weight of reactant x Molecular Weight of Resultant = Answer68 

Molecular Weight of Reactant 

A teacher or student might find another method of solving weight-

weight problems easier than the preceding method. Schaum gives three 

methods of solving this type of problem. 

Problem: Caustic soda, NaOH, is often prepared com­
mercially by the reaction of Na2co~ with slaked lime, Ca(OH) 2 • 
How many grams of NaOH can be ootained by treating oneki.lo­
gram of Na2co3 with Ca(OH) 2? 

Solution: First write the balanced equation for the 
reaction. 

+ Ca(OH) 2 ----) 

1 mole 

106 g 

Formula weight of Na2co3 = 106; 

2 NaOH + 

2 moles 

2 X 40 = 80 g 

of NaOH = 40 

The equation states that l formula weight of Na2co3reacts 

with 1 formula weight of Ca(OH) 2 to give 2 formula weights 

of NaOH and 1 formula weight of Caco3. 

Fir~t Method. The equation indicates that 1 mole Na2co3 

(lO(g) gives 2 moles NaOH (80g). 

68 Jaffe, p. 133. 
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106 g Na2co3 gives 80 g NaOH, then 1 g Na2co3 gives 80/106 g 

of NaOH, and 1000 g Na2co3 gives 1000 x 80/106 g 

of NaOH. 

= 755 g 

Molar Method. Number of moles of Na2co3 in 1000g = 

1000 g 
= 

106 g/mole 

Since 1 mole of Na2co3 yields 2 moles NaOH, 9.434 moles of 

Na2co3 yield 2 x 9.434 moles = 18.87 moles of NaOH. 

Grams of NaOH in 18.87 moles = 18.87 moles x 40 g/mole 

= 755 g of NaOH 

Proportion Method. Let x ~ number of grams of NaOH 

obtained from 1000 g of Na2co3 • The problem now reads: 

106 g Na2co3 (1 mole of Na2co3) give 80 g NaOH (2 moles 

NaOH); hence, 1000 g N~co3 will give x g NaOH. Then by 

proportion, 

106 g Na2co3 

80 g NaOH 

Solving, 
X = 

= 
X 

80 g NaOH 

106 g Na2co3 

= 755 g NaOH69 

5. Weight-Volume Problems. Gas volume calculations involving 

also solids and liquids are designated as weight-volume problems, 

and the term volume refers to the gas volume.70 

A chemical formula may represent one molecule of a compound, one 

molecular weight, or mole of a compound. If a coefficient appears 

69schaUJ11., p. 42. 

70Ibid. 
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in front of a formula, it represents a definite number of molecules, 

molecular weights, or moles. Thus 2 co2 stands for two molecules of 

the gas, two molecular weights (88), or two moles (88 grams). 

In dealing with a gas or vapor, it is often necessary to know 

the volume that a quantity occupies. The unit of measurement of gas 

volumes is the volume occupied by one mole, called the gram-molecular 

volume. Avogadro proved that the gram-molecular volume is the same 

for all gases; that is, under standard conditions of temperature and 

pressure (0° c., 760 mm) one mole of any gas occupied 22.4 liters. 

Therefore, we can use the formula of the gas to represent its gram-

molecular volume. The coefficient of the formula represents the 

number of gram-molecular volumes. Thus, 2 CO2 stands for two vol­

umes or 44.8 liters. 71 By utilizing Avogadro's law, one can convert 

weight to volume, or volume to weight. 

In the weight-volume problem, either the weight or volume of 

a substance is given, and one is asked to calculate either ·the vol-

ume or the weight of a second substance. One can start with a weight 

and calculate a volume, or, conversely, one can start with a volume 

and calculate a weight. The problem may ask how many grams of a 

chemical is required to liberate a given volume of a certain gas, 

measured in liters or in milliliters. On the other hand, the num-

ber of g-rams of the substa.n.ce may be given and the question may be 

to find the volume of gas liberated. In solving this type of prob-

lem, it is important to keep in mind that one mole of any gas occu­

pies a volume of 22.4 liters at standard temperature and pressure. 72 

71Jaffe, pp. 282-283. 

72 Dull, p. 145. 



Problem: How many liters of carbon dioxide are73 
set free by heating 150 grams of calcium carbonate? 

Solution: One uses the following steps to solve 
this problem: write the balanced equation for the prob­
lem; write the actual weight of the CaCO_ given above 

.its formula; write the required volume, 3x liters, above 
the formula of CO2 ; write the equqtion weights beneath 
the corresponding formulas; change the one mole of CO2 
to its equivalent, which is 22.4 liters. 

150 

Caco3 

100 

----> Cao 

:i liters 

+ CO2 

44 g; 22.4 liters 

Set up a proportion and solve to find thew.lue of x. 

150 x liters 150 x 22.4 liters 
= X = 

100 22.4 liters 100 

x = 33.6 liters 

42 

6. Volume-Volume Problems. "Gas volume calculations involving 

gases only are designated as volume-volume calculations. 11 74 These 

problems are based upon Gay-Lussac's Law and Avogadro's Hypothesis. 

Gay-Lussac's Law states that the ratio of the volwnes of combining 

gases and the volume of their products may be expressed by small 

whole numbers. Avogadro's Hypothesis declares that equal numbers 

of molecules of gases under the same conditions of temperature and 

pressure occupy equal volumes. These principles enable one to write 

the volume relationship from equations representing the reaction 

between gaseous substances and their products. 

73Ibid. p. 146. 

74Lewis, p. 66. 
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In this type of problem, the volume of one substance is given, 

and one is asked to calculate the volume of another substance. In 

solving such problems, it is not necessary to use atomic weights 

at all. Since equal volumes of all gases at the same temperature 

and pressure have the same number of molecules, then in a correctly 

written molecular equation, the volumes of any two gases are proper-

tional to the relative numbers.of molecules. The coefficients in 

such equations are proportional to the relative volumes of the gases. 

Such problems are so simple that some pupils try to make them diffi­

cult.75 

Problem: What volume of ammonia must decompose 
to provide 60 liters of hydrogen? 76 

_Solution: Write the balanced equation for the 
reaction. Solving a problem involving two gases, 
use the volume principle for both. Write the re­
quired volume, x liters, above the formula for 
ammonia and the 60 liters above hydrogen. Below the 
formulas, write the gram-molecular volume and multi­
ply this value by th~ coefficient of each substance 
respectively. 

X 

2 NH3 ----> 
2 X 22.4 = 44.8 

liters 

X = 
44.8 liters 

X = 

X = 

+ 

60 

67.2 

60 

40 

60 liters 

3H2 

3 X 22.4 = 67.2 
liters 

liters 

liters 

liters X 44.8 liters 

67.2 liters 

liters of NH3 

In the above solution, the common factor, 22.4 liters, may be 

c~nceled in order to simplify the solution. 

75Dull, p. 146. 
76weaver and Foster, p. 226. 
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CHAPTER V 

FUNDAMENTALS OF SOLUTIONS 

l. Significance and Importance. Solutions are very significant 

in natural and industrial processes. In nature their application 

ranges from digestion and absorption of foodstuffs in solution by 

plants and animals to the formation of vast limestone solution cav-

erns. In industry the application is equally wide, ranging from 

the refining of cane sugar and photographic processes to the sepa­

rating of silver from crude zinc.77 

For several reasons, solutions are utilized in chemical work. 

A small amount of substance or solute may be uniformly distributed 

in a solution. Many chemical actions, especially reactions between 

ionic compounds, take place quickly in solutions. And too, the use 

of solutions are more convenient. 78 In laboratory work with acids, 

bases, and salts, it is often necessary and convenient to know 

their concentration. For example, a great convenience in using 

normal solutions is the fact that reacting normal solutions of the 

same normality react exactly with none of the reacting materials 

remaining. In other words, a liter of any normal acid solution.· 

neutralizes exactly a liter of any normal basic solution. 79 Adding 

to these reasons is Fr. Fred c. Hess who states," A tremendous amount 

77Lanford, P• 146. 

78weaver and Foster, p. 169. 

79Hopkins, p. 200. 



of chemistry takes place in solution, and so it is well for us to 

become thoroughly familiar with both the terminology and the prop­

erties of solutions. 1180 

2. Definition and Components. "A solution is a substance con-

sisting of molecules of more than one kihd uniformly intermingled. 

More practically, however, a solution is a homogeneous substance 

whose composition can be expressed in terms of two or more substances 

which are related to the solution in such a way that a small change 

in the proportion of these constituents produces a corresponding 

change in the value of a characteristic property of the substance. 1181 

This definition is long, but it does help us to distinguish experi-

mentally between a solution and a mixture and between a solution and 

a compound. Possibly, one can more tersely state that a solution 

is a homogeneous substance that is not a compound. In addition, 

a solution consists of two componenets, a solvent which is the dis-

solving medium and a solute which is the substance dissolved. 

3. Analysis of the High School Texts. Throughout the seven 

high school texts, the topic of solutions has been treated in a 

varied manner qualitatively and quantitatively. All the authors dis-

cussed the types of standard solutions, normality and molarity, the 

technique of titration, the meaning of pH, and the per cent strength 

of solutions; however, each differed in the quantitative treatment. 

The majority gave reasons for the importance of solutions and the 

knowledge of concentrations. Hopkins, Lanford, and Rawlins presented 

So Hess, p. 66. 
81 Cragg and Graham, p. 264. 
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titrations quantitatively. To a greater extent, Hopkins and Lanford 

emphasized the quantitative aspects of these considerations, however. 

A mathematical treatment of the applications of the freezing point 

depression principle and the boiling point increase principle in 

determining the molecular weight of the solute was included by the 

authors Hopkins, Lanford, and Rawlins. The hydrogen-ion concentra-

tiori was treated qualitatively in the various high school texts, 

but the quantitative aspects were given only limited treatment since 

the calculations involve a knowledge of logarithms to a certain 

extent. The a.uthor Dull stars the information concerning solutions 

in his book and implies that it may be reserved for the better stu-

dents without affecting the continuity of the book. Brownlee states, 

''All such calculations are an important part of the laboratory and 

industrial control of chemical reactions. 1182 

Using the results of this analysis, the following topics will 

be presented: concentration with its expression in weight-weight 

units as percentage composition and in weight-volume units as 

molarity and normality along with the techniques of titration and 

hydrogen-ion concentration. Since the principles of the freezing 

point depression and boiling point increase of solutions are used 

to determine the molecular weight of the solute in the solution, 

these particular principles have been discussed in Chapter II. 

4. Concentration. The relative proportions as well as 

the solution constituents must be specified in identifying a solu-

tion. In general, the relative proportions of the solute and solvent 

82 Raymond B. Brownlee et al., Elements of Chemistry (Boston, 
1954), p. 146. 
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are best given by stating the volume or weight of each constituent 

in specified volume or weight of solution. Whatever the units, the 

quantity of solution constituent in a fixed quantity of solution is 

its concentration in the solution. In other words, the quantity 

of solute per unit of solvent is known as the concentration of the 

solution. 83 This concentration can be expressed in various manners. 

"The most commonly used methods are physical units as percentage of 

weight and volume concentrations and chemical units as molar and 

normal concentrations.n84 Another way of expressing concentration 

is weight-weight units and weight-volume units. 85 In this paper, 

the later division will be utilized in the organization. 

4. a. Weight-Weight Units of Concentration. This kind of con-

centration concerns per cent strength or percentage composition of 

the solution. Per cent means parts per hundred, and the per cent 

strength of a solution is the parts by weight of solute per 100 parts 
-

by weight of solution. From the folJow:ing simple relationship, the 

per cent strength of the solution can be calculated: 86 

Weight of Solute 
Per cent Strength of Solution= 

Weight of Solution 
X 100% 

Since the solution is prepared by dissolving the solute in the solvent, 

the weight of the solution will therefore be the sum of the weights 

of the solute and solvent. 

83cragg and Graham, p. 269. 

84H. V. Anderson, Chemical Calculations (New York, 1955), p. 169. 

85cragg and Graham, p. 268. 
86 · 

Sorum, p. 45. 
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Problem: Twelve grams of common salt were dissolved 
in 88 grams of water to give 100 grams of solution. Calcu­
Jate the per cent strength of the solution.87 

Solution: 

= Weight of Solute Per Cent Strength of Solution 

Weight of Solution 

Per Cent Strength of Solution= 12 g of Salt 

100 g of Solution 

Per Cent Strength of Solution= 12% 

X 100% 

4. b. Weight- Volume Units of Concentration. The molarity and 

normality of solutions are expressed in weight-volume units of con-

centration and are used in volumetric experiments in which the 

amount of solute in a given portion of solution is related to the 

measured volume of solution. The normality scale is very convenient 

for comparing the relative volume required for two solutions to react 

chemically with each other. However, a limitation of the normality 

scale :is that a given solution may have more than one normality, 

depending on the reaction for which it is used. On the other hand, 

the molarity of a solution is a fixed number because there is only 

one molecular weight for any substance. 88 

Molarity. One mole or gram-molecular weight of dissolved sub-

stance in one liter of solution is a molar solution, represented by 

the letter M. A one molar solution of sulfuric acid contains 98.08 .... 
grams of sulfuric acid per liter of solution since the molecular 

87Ibid. 

88 Schaum, p. 83. 
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weight of the acid is 98.08. A 0.5 M solution contains 0.5 x 98.08 

grams of sulfuric acid per liter of solution. The same number of 

molecules is contained in a mole of any substance. Consequently, 

equal volumes of all molar solutions are considered as containing 

an equal number of molecules. 89 

The mathematical relationship for the molarity of a solution 

is as folla,,s: 

Molarity of a Solution = Number of Moles of Solute 

Number of Liters of Solution 

Problem: Determine the molar concentration of the 
following solution: 18 grams of sD.ver nitrate Rer liter 
of solution. 90 

Solution: Molecular Weight of AgN03 = 169.89 

18 g/liter 

169.89 g/ mole 

= .106 mole/liter = .io6 M 

Problem: How much sodium chloride per liter of 
solution does a.3M solution of sodium chloride con­
tain? 91 

Solution: Molecular Weight of NaCl = 58.5 g/liter 

l M = 58.5 g/liter 

.3M = 58.5 g/liter x .3 = 17.6 g/liter 

Normality: Normal solutions are prepared so that in one liter 

of solution there is either one gram of replaceable hydrogen or a 

sufficient quantity o.f some other substance to directly or indirectly 

89Hop~ins, p. 200. 
90schaum, p. 84 

9lJaffe, p. 208. 
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replace one gram of hydrogen. 92 nA normal solution is one which 

contains one gram-equivalent weight of the solute in one liter of 

solution. The gram-equivalent weight of a compound may be defined 

as that weight of the compound which will react with, displace, or 

supply one gram-equivalent weight of any other compound. 1193 

Since a normal solution may be a solution of an acid, base, 

or salt, it is necessary to explain normality in terms of the type 

of solution. Weaver gives this explanation, "Normal solutions of 

acids contain one gram of replaceable hydrogen ions per liter, and 

normal solutions of metallic hydroxides contain seventeen grams of 

hydroxyl ions per liter in these basic solutions. Normal solutions 

of salts contain an equivalent of one gram of hydrogen. 1194 From a 

different point of reasoning, Hopkins explains that if the formula 

of the acid shows one replaceable hydrogen, a mole of the acid 

makes a liter of normal solution. If the formula of the acid has 

three replaceable hydrogen atoms, one-third mole per liter makes 

a normal solution. If the formula of the base shows one hydroxyl 

ion, then a mole of the base is a normal solution. In finding the 

normality of the salt, find the hydrogen equivalent of the salt 

and divide it into a mole of the anhydrous salt, using this weight 

of solute to form a liter of solution. For example, in AL2(so4)3 , 

two aluminum atoms are equivalent to six hydrogen atoms (valence 

of three of Al x 2 atoms of Al). In this case, one would divide 

92Dull, P• 209. 

93Joseph A. Babor and Chester B. Kremer,!!£! 1£ Sol,;eProblems 
in General Chemistry (New York, 1941), p. 53. 

94weaver and Foster, P• 629. 
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a mole of aluminum sulfate by six to find the weight of the solute. 

In conclusion, one liter of a normal solution contains one gram of 

hydrogen ion or its equivalent.95 

According to Schaum the mathematical relationship for the 

norma:lity of a solution is as follows: 

Normality of Solution = Number of Gram-Equivalents of Solute 

Number of Lit:ers of Solution 

Problem: Calculate the normality 9f 7~88 grams 
of nitric acid per liter of solution. 9° 

Solution: Equivalent Weight of HN03 = Molecular Weight 

Then 1 N HN03 contains 63.02 grams HNo3 per liter of solution. 

7.88 g/1 
Normality = = 0.125 gram-equivalent/liter 

63.02 g/g-eq 

Normality = 0.125 N 

Problem: What volume of .5 N sodium sulfate can 
be prepared from 40 grams of sodium sulfate? 97 

Solution: Molecular weight of Na2so4 142 g/mole 

Equivalent weight of Na2so4 ; .5 x 142 g = 71 g 

One-half of an equivalent weight of Na2so4 = .5 x 71 g = 35.5 g. 

This weight is present in l liter of .5N Na2so4 • If 1 liter 

of .5N Na2so4 requires 35.5 g of solute, 40 g of the salt will 

produce as many liters as 35.5 is contained in 40, or 

liters = 1.12 liters. 

95Hopkins, B?. 200-201. 

96schaum, P• 79. 

97Babor and Kremer, p. 54. 

40 -
35.5 



52 

Titration. "Titration is the process of determining the con-

centration, or normality, of an unknown solution by means of a 

standard solution which contains a known quantity of reagent in a 

definite volume of solution,u98 

During a chemical change, equal volumes of acid and basic 

solution of the same normality neutralize each other exactly. In 

substituting a 0.1 N solution for a 1 N solution, ten times the 

volume of the weak.er solution is needed for the same effect. For 

a given reaction thErJ, le3s volume is required the more concentrated 

the solution. In more general terms, volume and normality are 

inversely proportional, and the following equation holds for the 

volume relation of normal solutions: 

V 
1 N2 

= or X X 

v2 Nl 

where vl is the volume of the solution with normality N1 , 

and v 2 is the volume of the solution with normality N2 • 

Problem: What weight of hydrogen nitrate is present 
in three liters of nitric acid that just neutralizes 234 
milliliters of 4N sodium hydroxide solution? 99 

Solution: 

3 liters X = ,234 liters X 4N 

= .234 liter X 4N = ,312 N 

3 liters 

1 N HN03 contains 63 g of hydrogen nitrate per liter. Three 

liters of ,312 N HNo3 contains: 63 x ,312 x 3 = 58.97 g. 

98schaum, p. 80. 

99weaver and Foster, p. 630. 
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Hydrogen Ion Concentration. Frequently, the small differences 

in the acidity or alkalinity of solutions, especially those that are 

near the neutral point, are of great importance in biological, elec-

trolytic, and fermentation processes, and in farming, baking, and 

manufacturing many products. The most widely used method of eKpres-

sing hydrogen ion concentration is commonly called the pH system. To 

make this clear, suppose you dilute a normal acid solution with nine 

volumes of pure water. 1'he solution will then be one-tenth normal 

and will contain .1 gram of hydror";en ion per liter. Expressed with 

a negative exponent, the concentration is 10-l gram of hydrogen ion. 

Then the pH is 1. In like manner, if a volume of this solution is 

again diluted with nine volumes of pure water, you obtain a solution 

-2 which is one-hundredth normal and contains 10 gram of hydrogen 

ions pre liter. Therefore, this solution has a pH value of 2. Very 

careful measurements of the conductivity of pure water show that its 

hydrogen ion concentration is 10-? grams per liter. This is a pH 

of 7 and is the neutral point. In addition, acids have a pH value 

100 
less than 7 while bases have a pH value greater than 7. 

Chemists have found it convenient to express hydronium ion 

concentrations logarithmically, or as powers of 10. In order to 

avoid negative values so far as possible, the pH of a solution is 

defined as the negative logarithm, base ten, of the hydronium ion 

concentration. In other words, the pH is the logarithm of the 

reciprocal of the hydronium ion concentration. 

lOOH k' 202 op ins, P• • 
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pH = = r~:O+J 
The [a3o+J represents the hydronium ion concentration in moles 

per liter. 

Problem: What is the pH corresponding to a hydronium 
ion concentration of .0049 moles/liter? lol 

Solution: 

pH = - log (.0049) = 

= - .69 (-3) = 

Problem: What hydronium ion concentration corres­
ponds to a pH of 11.68? 

Solution: 

- log [n3o+J = pH = 11.68 

log fn3oj 
= -11.68 = -12.00 + .32 = 

= 2.1 X· 10 -12 

12.32 

To provide more background concerning this topic, it is nee-

essary to include a limited discussion of the ionization of water 

and equilib:e±um. Pure water has a definite, though small electri-

cal conductivity which is due to the hydrogen and hydroxyl ions 

formed by the reversible reaction, + ----) H· The 

hydrogen ion concentration at room temperature of pure water is 

10-7 moles per liter; therefore, the pH is 7. A higher concentra-

tion of hydrogen ions, as in an acid solution, will give a lower 

101cragg and Graham, P• 445. 
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pH. On the contrary, a basic solution will have a higher pH because 

the concentration of hydrogen ions is correspondingly decreased as 

the concentration of hydroxide ions is raised. From the equilibrium 

constant, it can be seen that water is so slightly ionized that its 

own concentration may be taken as constant. Thus, with only negli-

gible error, we may write: 

= K as X = 

At room temperature, the K., or ionization constant for water, is 
1 

1.0 X 
-~ 10 • If H+ is raised, as by adding an acid, then for K 

to remain equal to 10-14 it is essential for OH- to diminish corres-

d . l d . 102 pon 1ng y, an vice-versa. 

It follows that pH + pOH = 14. Thus, when either the pH 

or pOH is known, it is possible to determine the other. 103 

102 Selwood, p. 210. 

103 44 Cragg and Graham, p. 5. 
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