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Part I.  Foundations of Chemistry 

1.1 Units of Measurement 

The United States is the last county in the industrial world that uses the English system.  To be consistent 
with every other country, we are slowly adopting the International System or SI System.   

The SI System is based on the metric system.  We see examples of the SI system when we go to the 
grocery store to buy soda.  The volume is listed as 12 fluid ounces (English system) ad 354 milliliters (SI 
System).  

You should know the following fundamental SI Units and the prefixes used in the SI System.   

The Fundamental SI Units 

Physical Quantity Name of Unit Abbreviation 
Mass kilogram kg 

Length meter m 
Time second s 

Temperature Kelvin K 
Amount of Substance mole mol 

Electric Current Ampere A 
Luminous Intensity Candela cd 

 

Prefixes Used in the SI System  (These Should be Memorized) 

 
Prefix 

 
Symbol 

 
Meaning 

Exponential Notation 

mega M 1,000,000 106 

kilo k 1,000 103 

hecto h 100 102 

deka da 10 101 

-  1 100 

deci d .1 10-1 

centi c .01 10-2 

milli m .001 10-3 

micro µ .000001 10-4 

nano n .000000001 10-5 

 

Practice: 

Put the following prefixes in order, from smallest to largest: 

centi, mega, milli, deka, deci, nano, kilo, micro 

Solution: 

nano, micro, milli, centi, deci, deka, kilo, mega 
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Practice: 

What fundamental unit or derived unit would each of the following measure? 

 a.  graduated cylinder 

 b.  tape measure 

 c.  laboratory balance 

 d.  ammeter 

Solution:  a.  mL,    b.  m,    c.  g,     d. A 

 

1.2 Uncertainty in Measurement 

If you can count separate units of a substance, you can get an exact number.  For example, you can count 
that you have 12 pencils or 25 bottles of soda or 150 marbles.   

When you measure something, however, you obtain a number that is not exact.  For example, you can 
determine that a beaker has a mass of 250 g by weighing it on a scale. Using a different scale might give 
you a mass of 249.9 g for the same beaker.  Yet another scale might report the mass as 249.89 g.  
Whenever you use an instrument (such as a scale or a graduated cylinder or a thermometer) to measure a 
quantity, there will be uncertainty in your measurement.  The better your instrument, the more accurate 
your measurement.  However, even the best instruments will yield measurements that involve a degree of 
uncertainty.   

Accuracy:  How close a measurement is to the true value (In general, taking more readings and 
averaging them yields more accurate results) 

 Precision:  How close your values are to one another (consistency) 

 

Practice:  The mass of a weight used for calibration of scales is known to be 25.00 g.  The weight is 
weighed three times each on three separate balances and the results are shown below.  Evaluate the results 
based on each balance’s accuracy and precision. 

Balance A Balance B Balance C 
25.0 g 23.5 g 18.9 g 
24.9 g 23.5 g 30.0 g 
24.9 g 23.4 g 28.7 g 

 

Solution:  Balance A is accurate and precise.  Balance B is precise, but not accurate.  Balance C is neither accurate nor precise. 
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1.3  Significant Figures and Calculations 

 

Practice: 

Determine the number of significant figures in each of the following: 

a.  38.4703 mL  _______   b.  25,000 cm  _______ 

c. 120. g  _______   d.  0.0052 A  _______ 

e.  1.000 x 103  L  _______   f.  0.10300 kg_______ 

Solutions:  a.  6,   b.  2,    c.  3,    d. 2,    e. 4,    f. 5 

 

Example: 

12.734 - 3.0 = 9.734  

Since 3.0 has only 1 decimal place, the answer gets rounded off to 1 decimal place.  

9.734 à  9.7 is the final answer 

1) All nonzero numbers (1,2,3,4,5,6,7,8,9) are ALWAYS significant. 

2) Leading zeros which preceed a nonzero number are not signicant.   

 Example:  0.0083   the first three zeros are not significant  

3) Zeros between 2 nonzero numbers are significant.  

 Example:  1104  the zero between the 1 and 4 is significant 

4) Zeros at the right end of a number not significant unless followed by a decimal point.  

 Example:  1200  the two zeros are not significant 

       1200.  the two zeros are significant 

	

Addition	&	Subtraction:		the	answer	to	the	problem	should	be	rounded	to	the	same	number	of	
decimal	places	as	the	number	in	the	calculation	with	the	fewest	decimal	places.			
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Example:   

61   x  0.00745 = 0.45445 

Since 61 has only 2 significant figures while 0.00745 has 3 significant figures, the answer gets 
rounded off to 2 significant figures. 

0.45445  à  0.45 is the final answer 

 

Practice:   

Round the answers to the following calculations to the correct number of significant figures.   

a.  450.023 +  24.5  =     b.  780.000 – 601.3405 =  

c.  240.01 x 64.1 =     d.  152,000 / 5.0 =    

e. 1.5 x (20.45 + 36.018) =    f.  (7.1 x 11.64)  + 21.014 =  

Solutions:  a. 425.5,     b.  178.660,     c.  15400,    d.  3.0x104,    e. 85,     f.  104 

 

1.4 Dimensional Analysis 

Common Conversion Factors  

Length Volume Mass Energy 
1 meter = 1.0936 yards 1 cm3 = 1 mL 1 kg = 2.2 lbs 1 calorie = 4.184 Joules 

1 yard = 3 feet 1 Liter = 1.0567 quarts 1 lb = 453.59 grams 1 Calorie = 1 kcal 
1 foot = 12 inches 1 gallon 3.7854 L 1 lb = 16 oz 1 kcal = 1000 calories 
1 inch = 2.54 cm 1 gallon = 4 qts 1 ton = 2000 lbs  

1 km = 0.62137 miles 1 qt = 2 pts 1 metric ton = 1000 kg  
1 mile = 5280 feet  1 amu = 1.66056x10-27 kg  

 

1.5  Temperature 

The formula for relating °C to Kelvin is:    

 

 

Multiplication	&	Division:		the	answer	to	the	problem	should	be	rounded	to	the	same	
number	of	significant	figures	as	the	number	in	the	calculation	with	the	fewest	significant	
figures.			

	

˚C  +  273  = Kelvin	



AP Chemistry Summer Review Assignment 
	

Problem 6:   

Complete the following temperature conversions.   

a.  25˚C  = _____________ K   b.  310 K = _______________˚C 

c.  110 ˚C = ______________ K   d.  55 K = _______________˚C 

e.  1200˚C = _______________ K  f.  0 K = _______________ ˚C 

 

Solution:  a.  298 K,   b.  37°C,   c.  383 K,   d.  328°C,   e.  1473 K,   f.  -273°C 

 

1.6 Density 

The formula for calculating density is:  

 

 

 

 

The units for density vary.  They depend on the units used for mass and volume.   

 

Practice:   

a. Calculate the density of a substance that has a mass of 45 g and a volume of 110 mL. 
 

b. Calculate the mass of an object that has a density of 2.1 g/L and a volume of 3 L.   
 

c. The density of mercury is 13.6 g/cm3.  How many pounds (1 lb = 453.6 g) would 0.80 L of 
mercury weigh? 
 

d. Calculate the density (in g/mL) of an object that has a mass of 1.5 kg and a volume of 3.0 L.   
 

Solutions:  a.  0.41 g/mL,    b. 6.3 g,    c.  24 lb,   d.  0.50 g/mL 

 

 

 

 

𝒅𝒆𝒏𝒔𝒊𝒕𝒚 =  
𝒎𝒂𝒔𝒔
𝒗𝒐𝒍𝒖𝒎𝒆
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1.7 Classification of Matter 

Pure Substances: 

Element:  The purest form of matter.  Composed of a single type of atom 

Compound:  Composed of molecules that must include at least 2 different elements 

 

Mixtures:   

Homogeneous Mixture (also known as a solution):  contains 2 or more substances but looks 
like one pure substance (Ex:  salt water,  blue dye,  brass,  air) 

Heterogeneous Mixture:  contains 2 or more substances and the different components can be 
seen with the naked eye (ex:  chocolate chip cookie,  granite, soil) 

 

Practice: 

Label each of the following as an element, compound, homogeneous mixture or heterogeneous mixture.   

a.  iron  ________________________ 

b.  sugar dissolved in water  ________________________ 

c.  sand in water ________________________ 

d.  sodium nitrate ________________________ 

e.  CaCl2  ________________________ 

Solutions:  a.  element,   b.  homogenous mixture (or solution),   c. heterogeneous mixture,   d.  compound,   e.  compound 

 

 

1.8  Physical and Chemical Changes 

A physical change changes the appearance or state of a substance, but does not change its chemical 
identity.   

Example:   

 1.  Tearing a piece of paper changes how it looks, but the molecules remain unaffected. 

2.  Evaporating water causes it to change state from a liquid to a vapor, but it does not change the 
water molecules themselves. 
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A chemical change changes the chemical identity of a substance.   

Example:   

Burning a piece of paper causes the molecules in the paper to react with oxygen in the 
atmosphere and produces new compounds. 
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Exercises for Part I. 

1.  Three students weighed the same sample of iron 4 times.  Their results are summarized in the table 
below.   

Trial Student A Student B Student C 
1 54.56 g 53.25 g 54.01 g 
2 56.58 g 53.28 g 54.78 g 
3 51.38 g 53.21 g 54.69 g 
4 52.01 g 53.24 g 54.12 g 

 

a.  Calculated the average mass of the iron as calculated by each student.  

b.  The actual mass of the iron was 53.22 g.  Which student had the most accurate data? 

c.  Which student had the most precise data? 

2.  How many significant figures are there in each of the following values? 

 a.  6.07x10-15   b.  2x106   c.  0.008130 

 d.  120.0   e.  14,500   f.  0.0001 

3.  Use exponential notation to express the number 12,500 to  

 a.  1 significant figure 

 b.  2 significant figures 

 c.  3 significant figures 

4.  Perform the following calculations and round your answers to the correct number of significant 
figures.   

 a.  16.11 + 21.4 =     b.  20 – 14.85 =  

 c.  1.20 x 141.3 =     c.  18,400 / 2 = 

5.  Convert 3.40 mL to  

 a.  gallons     b.  Liters 

 c.  quarts     d.  cm3 

6.  In Europe, gas is sold by the Liter.  It takes 14 gallons to fill the tank of a compact car.  How many 
Liters of gasoline is this equal to? 
 

7.  If the RDA (Recommended Daily Allowance) for vitamin C is 60 mg per day and there are 70 mg of 
Vitamin C per 100 g of orange, how many 3 oz. oranges would you have to eat each week to satisfy your 
weekly Vitamin C requirement? 
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8.  You filled your previously empty gas tank with $7.90 worth of gas. How many miles can you drive if 
the mileage of your car is 14 km/Liter of gas and the price of gas is $1.29 per gallon? 
 

9.  Which is greater?  12.5 kg or 1200 g? 

10.  Which is the higher temperature?  25°C or 310 K? 

11.  The density of aluminum is 2.70 g/cm3.  Express this value in terms of g/L and kg/in3.   

12.  A sample of motor oil has a mass of 440 g and a volume of 0.27 L. What is its density (in g/mL)? 

13.  The density of Earth is about 3.5 g/cm3.  Earth has a radius of 7000 miles.  What is its mass? 

𝑣𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑎 𝑠𝑝ℎ𝑒𝑟𝑒 =  
4𝜋𝑟!

3
 

14.  An object has a density of 16.3 g/mL and a volume of 0.46 L.  Calculate the mass of the object in 
pounds.   

15.  Label each of the following as an element, compound, homogeneous mixture or heterogeneous 
mixture. 

 a.  soil 

 b.  ocean water 

 c.  iron 

 d.  brass 

 e.  sodium carbonate 

16.  Label each of the following as a physical or chemical change. 

 a.  ink is separated by chromatography into its components 

 b.  sugar is dissolved in water 

 c.  sodium and chlorine react explosively when combined 

 d.  an ice cube melts 

 e.  metal oxidizes in the presence of oxygen 
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Part II.  Atoms, Molecules and Ions 

2.1  Fundamental Chemical Laws 

The Law of Conservation of Mass:  mass is neither lost nor gained during an ordinary chemical 
reaction.  In other words, the products of a reaction must have the same number of type of atoms as the 
reactants. 

Law of Definite Proportion: a given compound always contains exactly proportions of elements by 
mass 

Law of Multiple Proportions: when two elements form a series of compounds, the ratios of the masses 
of the second element that combine with 1 gram of the first element can always be reduced to small whole 
numbers 

 

2.2 Dalton’s Atomic Theory 

1. Each element is made up of tiny particles called atoms. 
2. The atoms of a given element are identical; the atoms of different elements are different in some 

fundamental way or ways. 
3. Chemical compounds are formed when atoms of different elements combine with each other.  A 

given compound always has the same relative numbers and types of atoms. 
4. Chemical reactions involve reorganization of the atoms – changes in the way they are bound 

together. The atoms themselves are not changed in a chemical reaction.   
 
 

 

2.3  Modern View of Atomic Structure 

J.J. Thomson (early 1900’s)  proposed the “Plum Pudding Model” of the atom, in which negatively 
charged electrons were embedded in an atom made of “positively-charged stuff.”  
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Ernest Rutherford (1910) performed his famous gold-foil experiment in which he fired alpha particles 
(He2+) at a very thin piece of gold foil.  He observed that most of the alpha particles went straight through 
the gold foil, but a small number were deflected.  This proved the existence of a tiny, positively-charged 
nucleus.   

 

Had the Plum Pudding Model of the atom been correct, all of the alpha particles would have shot straight 
through the gold foil.  However, since a nucleus makes up most of the mass of the atom, any alpha 
particle that hit the nucleus could not go through and ended up deflected.   

 

 

Basic Atomic Structure 

An atom is composed of a nucleus which contains the protons and neutrons.  Although the nucleus makes 
up nearly all of the mass of the atom, it accounts for only 1/10,000th of the size of the atom.   

 

The electron cloud contains electrons and surrounds the nucleus of the atom.   
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Subatomic Particle Charge Mass (amu) 

Proton +1 1.0073 amu 

Neutron 0 1.0087 amu 

Electron -1 0.00055 amu 

 

Atomic & Mass Numbers 

Atomic Number:  number of protons  

Mass Number:  number of protons + neutrons 

 

12 is the mass number of carbon and 6 is the atomic number of carbon in the chemical symbol above. 

Ions 

Ions are atoms with a positive or negative charge.  They can be divided into two types: 

Cations:  ions that have lost electrons and gained a positive charge 

Anions:  ions that have gained electrons and gained a negative charge 

 

To calculate the number of protons, neutrons or electrons in any atom or ion: 

Protons = atomic number 

Neutrons = mass number – atomic number 

Electrons = number of protons – charge of atom or ion 

 

Example:  Calculate the number of protons, neutrons and electrons in 19F1- 

Using the Periodic Table, we can find fluorine’s atomic number, 9.  

 Since the atomic number = number of protons, fluorine has 9 protons. 

 Mass number – atomic number = neutrons, so 19-9 = 10 neutrons 

 Since fluoride has a -1 charge, it has 1 more electron than protons, so 9 + 1 = 10 electrons 
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Example:  Complete the following table. 

Symbol Protons Neutrons Electrons   Charge 
 

14C 
    

0 
 
 

   
16 

 
0 

  
26 

   
+3 

 

16O2- 
    

-2 
 

Solution:   

14 C has 6 protons, 8 neutrons and 6 electrons 

32S has 16 protons, 16 neutrons and 16 electrons 

56Fe3+  has 26 protons, 30 neurons and 23 electrons 

16O2- has 8 protons, 8 neutrons and 10 electrons 

 

Isotopes 

Isotopes are atoms of an element that have different numbers of neutrons.   

 

Example:  Hydrogen has three isotopes:   

Isotope   Protons  Neutrons Electrons 

1H (protium)           1   0                       1 

2H (deuterium)       1                      1                        1           

3H (tritium)                     1                         2                        1  

Notice that the number of protons and electrons is the same in all three isotopes.  Only the number of 
neutrons and the mass number change.   

 

Calculating Average Atomic Weights 

Because most elements have isotopes, the atomic weights that are reported on the Periodic Table are 
actually weighted averages of all of the known isotopes of an element.  They are considered weighted 
averages because they take into account the amount of that isotope that would be found in nature.   
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Example:  Three isotopes of Si occur in nature:  28Si (92.23%) which has a mass of 27.97693 amu,  29Si 
(4.68 %) which has a mass of 28.97649 amu,  and 30Si (3.09 %) which has a mass of 29.97377 amu.  
What is the average atomic weight of Silicon?   

(27.97693 x 0.9223) + (28.97649 x 0.0468) + (29.79377 x 0.0309) = 27.77 amu 

 

2.4   Naming Simple Compounds 

Ionic Compounds 

 A.  Simple Binary Ionic Compounds 

  Name of cation          Root of anion’s name + ide 

 

 Example:  NaCl is sodium chloride 

 

 B.  Ionic Compounds with Transition Metals 

These are named like simple binary compounds, but a Roman numeral representing the 
charge of the transition metal is used.  

Example:  FeCl2  The iron in this compound has a +2 charge, so the compound is named iron II 
chloride.   

 

C.  Ionic Compounds with Polyatomic Ions 

The polyatomic ions must be memorized.  These compounds are named like the previous 
two ionic compound types, but the anion name is the polyatomic ion name.   

 Example:  NaNO3 is named sodium nitrate 
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Polyatomic Ions to Memorize 

Name Ion Name Ion 
Mercury I Hg2

2+ Thiocyanate SCN1- 

Ammonium NH4
+ Carbonate CO3

2- 

 
Nitrite 

 
NO2

1- 
Bicarbonate (Hydrogen Carbonate)  

HCO3
1- 

Nitrate NO3
1- Hypochlorite ClO1- 

Sulfite SO3
2- Chlorite ClO2

1- 

Sulfate SO4
2- Chlorate ClO3

1- 

Bisulfate (Hydrogen Sulfate)  
HSO4

1- 
 
Perchlorate 

 
ClO4

1- 
Hydroxide OH1- Acetate C2H3O2

1- 

Cyanide CN1- Permanganate MnO4
1- 

Phosphate PO4
3- Dichromate Cr2O7

2- 

Hydrogen phosphate HPO4
2- Chromate CrO4

2- 

Dihydrogen phosphate H2PO4
1- Peroxide O2

2- 

Oxalate C2O4
2-   

 

 

Writing Formulas for Ionic Compounds 

When writing a formula for an ionic compound, the charges of the ions must add up to zero.  

Example:  In NaCl, the ions are Na1+ and Cl1-.  +1 + (-1) =0   

   In AlBr3, the ions are Al3+ and Br1-.  +3 + (-1) + (-1) + (-1) = 0 

 

 

 

 

Naming Covalent Compounds   

Number of atoms  
Prefix 

1 Mono- 
2 Di- 
3 Tri- 
4 Tetra- 
5 Penta- 
6 Hexa- 
7 Hepta- 
8 Octa- 
9 Nona- 

10 Deca- 
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To name a covalent compound, use the following formula: 

Prefix +  name of 1st element                  Prefix + root of 2nd element’s name + ide 

Never use mono-as a prefix for the first element.  For example, CO is carbon monoxide, NOT 
monocarbon monoxide.   

Examples:   

CO2  is carbon dioxide 

N2O is dinitrogen monoxide   

 

Practice:  Name the following covalent compounds   

a. SiO2  _______________________________ 

b. N2O4  _______________________________ 

c. PO3  _______________________________ 

d. SCl6  _______________________________ 

e.    CO  _______________________________ 

Solution:  a.  silicon dioxide,    b.  dinitrogen tetroxide,    c.  phosphorous trioxide,   d.  sulfur hexachloride,   e.  carbon monoxide 
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Exercises for Part II 

1.  For each of the following observations, choose the Dalton’s Law statement that applies to it.  

a.  H2 + Cl2 à  2 HCl 
b. There are 3.01 x 1023 atoms in 20.04 g calcium 
c. Lead does not change into chromium when it reacts to form lead hydroxide 

2. Identify each of the following elements: 

a. !"
!"
𝑋 

 
b. !"#

!"
𝑋 

 
 

c. !!
!"
𝑋 

 
d. !"

!"
𝑋 

 
 

e. !"
!"
𝑋 

3. How many protons, neutrons and electrons are in each of the following? 

a.  56Fe3+  b.  31P3-   c.  127I1- 
 

          d.    227Ac  e.  239Pu   f.  64Cu 

4.  Fill in the chart below. 

Symbol Protons Neutrons Electrons Charge 
 

80Br1- 
    

 
 

 
35 

 
45 

  
+5 

 
 

 
56 

  
54 

 

 
108Ag1+ 

    

  
 

  
18 

 
+3 

 
Co2+ 

  
32 
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5.  Are the following elements metals or nonmetals? 

 a.  Mg  b.  Br  c.  H  d.  O  e.  Co  

6.  Name the following ionic compounds. 

 a.  PbI2    b.  CsCl    c.  K2Cr2O7 

 d.  NH4Cl   e.  Al2(SO4)3   f.  Na2SO3 

 g.  FeBr3   h.  Cu(OH)2   i.  KMnO4 

7.  Name the following molecular (covalent) compounds.  

 a.  P4O6    b.  NH3    c.  N2O4 

 d.  XeF4   e.  SO2    f.  N2O 

 g.  CO    h.  PCl5    i.  IF3 

8.  Write formulas for the following compounds. 

 a.  sodium cyanide  b.  lead II nitrate  c.  sodium chlorate 

 d.  iron III oxide  e.  sodium bicarbonate  f.  hydrogen iodide 

 g.  barium chloride  h.  copper I oxide  i.  ammonium acetate 

 j.  boron trihydride  k.  carbon disulfide  l.  diphosphorous tetroxide 

 m.  silicon tetrafluoride  n.  carbon tetrachloride  o.  oxygen dichloride 
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Solutions to Part II Exercises 

1.   a.  Chemical reactions involve reorganization of atoms 

 b.  Each element is made up of tiny particles called atoms 

 c.  Chemical reactions involve reorganization of atoms 

 

2.   a.  Zr  b.  Ag  c.  S  d.  K  e.  V 

 

3.   a.  26 p, 30 n, 23 e   b.  15 p, 16 n, 18 e 

 c.  53 p, 74 n, 54 e   d.  89 p, 138 n, 89 e 

 e.  94 p, 145 n, 94 e   f.  29 p, 35 n, 29 e  

4.   

Symbol Protons Neutrons Electrons Charge 
 

80Br1- 
 

35 
 

45 
 

36 
 

-1 
 

80Br5+ 
 

35 
 

45 
 

30 
 

+5 
 

137Ba2+ 
 

56 
 

81 
 

54 
 

+2 
 

108Ag1+ 
 

47 
 

61 
 

46 
 

+1 
 

45Sc3+ 
 

21 
 

24 
 

18 
 

+3 
 

Co2+ 
 

27 
 

32 
 

25 
 

+2 
 

 

5.   a.  metal   b.  nonmetal   c.  nonmetal  

d.  nonmetal   e.  metal 

 

6.   a.  lead II iodide   b.  cesium chloride  c.  potassium dichromate 

 d.  ammonium chloride  e.  aluminum sulfate  f.  sodium sulfite 

 g.  iron III bromide  h.  copper II hydroxide  i.  potassium permanganate 
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7.   a.  tetraphosphorous hexoxide  b.  nitrogen trihydride 

 c.  dinitrogen tetroxide   d.  xenon tetrafluoride 

 e.  sulfur dioxide   f.  dinitrogen monoxide 

 g.  carbon monoxide   h.  phosphorous pentachloride 

 i.  iodine trifluoride 

 

8.   a.  NaCN   b.  Pb(NO3)2   c.  NaClO3 

 d.  Fe2O3   e.  NaHCO3   f.  HI 

 g.  BaCl2   h.  Cu2O   i.  NH4C2H3O2 

 j.  BH3    k.  CS2    l.  P2O4 

 m.  SiF4    n.  CCl4    o.  OCl2 
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3.1  The Mole 

Mole:  the amount of a substance that contains 6.02x1023 particles of that substance 

 Example:  a mole of pencils contains 6.02x1023 pencils 

Avogadro’s Number:  6.02x1023 

 

If the number of grams of a substance is known, the moles of the substance can be determined using the 
following formula: 

𝒎𝒐𝒍𝒆𝒔 =  
𝒈𝒓𝒂𝒎𝒔

𝑴𝒐𝒍𝒂𝒓 𝑴𝒂𝒔𝒔
	

If the number of moles of a substance is known, the number of individual atoms or molecules can be 
calculated using the following formula: 

𝒎𝒐𝒍𝒆𝒔 =  
# 𝒐𝒇 𝒂𝒕𝒐𝒎𝒔 𝒐𝒓 𝒎𝒐𝒍𝒆𝒄𝒖𝒍𝒆𝒔

𝟔.𝟎𝟐𝐱𝟏𝟎𝟐𝟑 
 

	

3.2  Percent Composition 

The percent composition of a compound can be calculated in three steps: 

 1.  Calculate the molar mass of the compound 

 2.  Calculate the mass of each element in the compound 

 3.  Divide each element’s mass in the compound by the molar mass and multiply by 100 

	

Example:  Calculate the percent composition of H2O 

 1.  Molar mass of H2O is 18 g/mol 

 2.  Mass of H in the compound is 2 g/mol and mass of O in the compound is 16 g/mol 

	 3.	 		 ! !/!"#
!"!/!"# 

 𝑥 100 = 11.1% 𝐻	

			 	 		!" !/!"#
!"!/!"# 

 𝑥 100 = 88.9% 𝑂	

 Note:  The sum of the mass percents for each element in a compound must add up to 100.   
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Practice:  Calculate the percent composition of Na2CO3. 

Solution:  43.4% Na,  11.3% C, 45.3% O 

 

3.3  Basic Empirical and Molecular Formulas 

Empirical Formula:  gives the simplest whole number ratio of atoms in a compound 

Molecular Formula:  gives the exact number of atoms in a compound 

Example: 

The molecular formula for glucose is C6H12O6.  Each molecule of glucose has 6 carbon atoms, 12 
hydrogen atoms and 6 oxygen atoms.   

The empirical formula for glucose is CH2O because a 6:12:6 ratio reduces to a 1:2:1 ratio. 

 
Calculating Empirical and Molecular Formulas from Percent Composition Data 

1. Assume that 100 g of compound are present. This allows you to easily calculate the mass of each 
element present.   
 

2. Calculate the moles of each element present. 
 

3. Construct a preliminary formula and divide all subscripts by the smallest subscript to get the 
empirical formula. 
 

4. To determine the molecular formula, divide the molar mass by the empirical formula mass.  This 
gives the factor by which the subscripts of the empirical formula must be multiplied in order to 
calculate the molecular formula.   

 

Example:  Rocket fuel contains 87.4% N and 12.6% H by weight.  What is the empirical formula of 
rocket fuel?  If the molar mass of rocket fuel is 32.05 g/mol, what is its molecular formula? 

1.  Assume 100 g of rocket fuel is present.  87.4% of 100 g means that there would be 87.4 g N.  
12.6% of 100 g means that there would  be 12.6 g H.   

 

2.  !".! ! !
!" !/!"#

= 6.24 𝑚𝑜𝑙𝑒𝑠 𝑁                                !".! ! !
!.!" !/!"#

= 12.5 𝑚𝑜𝑙𝑒𝑠 𝐻 
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3.  Preliminary formula is:  N6.24H12.5    

Dividing both subscripts by 6.24 (the smaller of the 2 subscripts) gives the following empirical 
formula:    NH2 

 

 4.  The empirical formula weight of NH2 is 16 g/mol.   

  !".!" !/!"#
!" !/!"#

= 2 

This tells us that the molecular formula is twice as large as the empirical formula, so the 
molecular formula of rocket fuel is N2H4. 

 

3.4 Interpreting Chemical Equations  

Chemical equations are always written with reactants on the left and products on the right. 

reactants  à  products 

The physical states of substances can be indicated using the following symbols: 

(s) = solid  

(l) = liquid 

(g) = gas 

(aq) = aqueous   [Note:  Aqueous means that a substance is dissolved in water.] 

Example:   

Solid iron = Fe(s) 

Liquid ethanol = C2H5OH(l) 

Sodium chloride dissolved in water = NaCl(aq) 

 

When interpreting a chemical equation, it is important to realize that the subscripts in the formulas 
indicate that atoms are bonded together, while coefficients indicate how many particles of each substance 
are present.  
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The subscripts tell us that atoms are bonded together.  For example.  H2 is a molecule in which two atoms 
of hydrogen are bonded together.  The coefficient tells us how many atoms or molecules are present.  For 
example,  2 H2 means that 2 molecules of H2 are present.   

 

3.5  Balancing Equations 

According to the Law of Conservation of Mass, atoms cannot be created nor destroyed during an ordinary 
chemical reaction.  In other words, the number and type of atoms in the products must equal the number 
and type of atoms in the reactants.    

Every chemical balanced must be balanced in order to demonstrate that the Law of Conservation of Mass 
is obeyed.   

Example:  The reaction of methane (CH4) and oxygen to produce carbon dioxide and water can be 
represented as shown below. 

 

Note that the number of carbon, hydrogen and oxygen atoms is the same on both sides of the equation.   

In order to balance an equation, remember that only coefficients can be added, removed or changed.  
Subscripts cannot be altered to balance an equation.  

 

To Balance an Equation: 

Step 1:  Start with the correct formulas for reactants and products.   

Step 2:  Insert coefficients as needed. 

Example:  Write the balanced equation for the reaction of sodium and chlorine to form sodium chloride.   

Unbalanced equation:  Na  +  Cl2  à  NaCl 

         Balanced equation:  2 Na + Cl2  à  2 NaCl 
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Remember that there are 7 diatomic elements.  Whenever the element appears in its pure state, its formula 
must reflect the fact that it is a diatomic element.   

7 Diatomic Elements:   H2, N2, O2, F2, Cl2, Br2, I2

 

3.6  Stoichiometry 

Stoichiometry is one of the most important calculations in chemistry.  You will see stoichiometric 
calculations occur throughout the year in a variety of contexts.   In this section, you will find the five 
basic types of stoichiometry summarized. 

 

A. Mole-to-Mole Stoichiometry 

How many moles of Al will be produced when 8.2 moles of Al2O3 react?   

2 Al2O3  +  3 C  à  4 Al  +  3 CO2 

 

8.2 𝑚𝑜𝑙 
1

 𝑥 
4 𝐴𝑙

2 𝐴𝑙!𝑂!
 = 𝟏𝟔  𝒎𝒐𝒍 𝑨𝒍 
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B.  Gram-to-Gram Stoichiometry 

How many grams of O2 (32 g/mol)are needed to produce 120 g B2O3 (70 g/mol)? 

4 B  +  3 O2  à  2 B2O3 

In a gram-gram problem, you must calculate the moles of what is given.  In this case, 120 g B2O3 must be 
converted to moles by dividing by its molar mass.  The second step converts moles of B2O3 to moles of 
O2 and the third step converts moles of O2 to grams by multiplying by the molar mass of O2. 

120 𝑔 𝐵!𝑂!
70 𝑔/𝑚𝑜𝑙

 𝑥 
3 𝑂!
2 𝐵!𝑂!

 𝑥 
32 𝑔
𝑚𝑜𝑙

=  𝟖𝟐 𝒈 𝑶𝟐 

 

C.  Limiting Reagent Stoichiometry 

How many grams of FeO (72 g/mol)will form if 86 grams of Fe (56 g/mol) and 84 g of O2 (32 g/mol) 
react?  Identify the limiting reagent.   

2 Fe  +  O2  à 2 FeO 

 

86 𝑔 𝐹𝑒
56 𝑔/𝑚𝑜𝑙

 𝑥
2 𝐹𝑒𝑂
2 𝐹𝑒

 𝑥 
72 𝑔
𝑚𝑜𝑙

= 110 𝑔 𝐹𝑒𝑂 

 

84 𝑔 𝑂!
32 𝑔/𝑚𝑜𝑙

 𝑥 
2 𝐹𝑒𝑂
1 𝑂!

 𝑥 
72 𝑔
𝑚𝑜𝑙

= 380 𝑔 𝐹𝑒𝑂 

 

In this problem, the grams of Fe and the grams of O2 are used to set up two separate gram-to-gram 
problems.   Since Fe produces less FeO than O2, Fe is the limiting reagent and 110 g of FeO will be 
produced. 

Fe will be completely used up in this reaction and O2 will be left over.  O2 is the excess reagent. 
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D.  Percent Yield Stoichiometry 

The formula for calculating the percent yield of a reaction is given below. 

𝒑𝒆𝒓𝒄𝒆𝒏𝒕 𝒚𝒊𝒆𝒍𝒅 =  
𝒂𝒄𝒕𝒖𝒂𝒍 𝒚𝒊𝒆𝒍𝒅

𝒕𝒉𝒆𝒐𝒓𝒆𝒕𝒊𝒄𝒂𝒍 𝒚𝒊𝒆𝒍𝒅
 𝒙 𝟏𝟎𝟎 

Actual Yield:  the actual amount of product yielded by a reaction.  (The actual yield can only be   

                        determined by carrying out the reaction and measuring the amount of product produced) 

Theoretical Yield:  the amount of product that is predicted to form.  (The theoretical yield is calculated  

                                  using stoichiometry. 

Example:  How many grams of Li2S will form when 45 g of Li react?  If the actual yield of Li2S is 135 g, 
what is the percent yield for this reaction? 

2 Li  +  S  à  Li2S 

Step 1:  Calculate the theoretical yield of Li2S using stoichiometry. 

45 𝑔 𝐿𝑖
7 𝑔/𝑚𝑜𝑙

  𝑥  
1 𝐿𝑖!𝑆
2 𝐿𝑖

  𝑥  
46 𝑔
𝑚𝑜𝑙

 =   148 𝑔 𝐿𝑖!𝑆 

Step 2:  Calculate the percent yield for the reaction: 

𝑝𝑒𝑟𝑐𝑒𝑛𝑡 𝑦𝑖𝑒𝑙𝑑 =  
135 𝑔
148 𝑔

 𝑥 100 = 𝟗𝟏 % 

 

E.  Excess Reagent Stoichiometry 

How many grams of HCl will be produced when 12 g H2S react with 12 g Cl2?  How many grams of the 
excess reagent will be left over at the end of the reaction? 

8 H2S  +  8 Cl2  à  16 HCl  +  S8   

Step 1:  Do a limiting reagent analysis to identify the limiting and excess reagent.   

12 𝑔 𝐻!𝑆
34 𝑔/𝑚𝑜𝑙

 𝑥 
16 𝐻𝐶𝑙
8 𝐻!𝑆

 𝑥 
36 𝑔
𝑚𝑜𝑙

= 25 𝑔 𝐻𝐶𝑙 

12 𝑔 𝐶𝑙!
70 𝑔/𝑚𝑜𝑙

 𝑥 
16 𝐻𝐶𝑙
8 𝐶𝑙!

 𝑥 
36 𝑔
𝑚𝑜𝑙

= 12 𝑔 𝐻𝐶𝑙 

Cl2 produces less HCl, so Cl2 is the limiting reagent and H2S is the excess reagent.   

12 g of HCl will be produced by this reaction. 
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Step 2:  Use the limiting reagent to predict how much of the excess reagent will react. 

12𝑔 𝐶𝑙!
70 𝑔/𝑚𝑜𝑙

 𝑥 
8 𝐻!𝑆
8 𝐶𝑙!

 𝑥 
34 𝑔
𝑚𝑜𝑙

= 𝟓.𝟖 𝒈 𝑯𝟐𝑺 𝒓𝒆𝒂𝒄𝒕𝒔 

Step 3:  Subtract the amount of excess reagent that reacts from the starting amount to determine 
how much will be left over.   

12 g – 5.8 g = 6.2 g H2S is left over at the end of the reaction 
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Exercises for Part III 

1.  How many moles of nitrogen contain 300 atoms of nitrogen ?  How many grams does this sample 
weigh? 

2.  How many atoms of gold are present in 1.0 g of gold? 

3.  If you buy 38.9 moles of M&M’s, how many M&M’s do you have? 

4.  A sample of sulfur has a mass of 5.37 g.  How many atoms of sulfur are present in this sample? 

5.  Give the number of moles of each element present in a 2.5 mole sample of the following: 

 a.  LiH 

 b.  CaCl2 

 c.  Al2O3 

6.  How many grams of zinc contains 1.16x1022 atoms of zinc? 

7.  What is the molar mass of KAl(SO4)2 
. 12 H2O? 

8.  Calculate the percent composition of each element in : 

 a.  C5H10O 

 b.  K3Fe(CN)6 

 c.  KAlSi2O6 

9.  Calculate the mass percent of Ag in each of the following compounds: 

 a.  AgCl b.  AgNO3 c.  AgCN 

10.  Which of the following formulas cannot be an empirical formula?  (More than one choice is 
possible). 

 a.  CH4  b.  N2O5 c.  Sb2S3 d.  B2H6 e.  N2O4 

11.  Determine the empirical and molecular formulas of a compound whose molar mass is 31.04 g/mol 
and which is composed of 38.66 % C,  16.24% H and 45.10 % N. 

12.  A compound contains 49.67 % C, 48.92 % Cl, 1.39% H.  The molar mass of the compound is 289.9 
g/mol.  Calculate the empirical and molecular formulas for this compound.  

13.  Determine the empirical formula of a compound that is composed of 43.95 % Mo, 7.33 % O and 
48.72 % Cl.   
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14.  The following reaction occurred: 

 Fe2O3(s)  +  2 X(s)  à  2 Fe(s)  +  X2O3(s) 

It was found that 79.847 g Fe2O3 reacted with “X” to form 55.847 g of Fe and 50.982 g X2O3.  
Identify element X. 

15.  Balance the following equations: 

a.  _____ Cu  +  _____  AgCl   à  _____  Ag  +  _____  CuCl2 

b.  _____ B  +  _____ H2  à   _____  BH3 

c.  _____  Al2O3  à   _____  Al  +  _____ O2 

d. _____ Cr(OH)2  +  _____ AlPO4  à  _____ Cr3(PO4)2  +  _____ Al(OH)3 

 

16.  How many grams of water vapor can be generated from the combustion of 18.74 g ethanol (C2H6O)? 

2 C2H6O  +  7 O2  à  4 CO2  +  6 H2O 

17.  How many grams of sodium hydroxide are required to form 51.63 g of lead II hydroxide? 

Pb(NO3)2  +  2 NaOH  à  Pb(OH)2  +  2 NaNO3 

18.  Use the balanced equation below to answer the following questions: 

CH4  +  2 O2  à  CO2  +  2 H2O 

a.  How many moles of oxygen are needed to react with 22.8 g CH4? 
b. How many grams of CH4 need to react to produce 25.9 g of water vapor? 
c. If 15.0 g of CH4 reacts with 15.0 g of O2, how many grams of water will form?  What is the 

limiting reagent? 

19.  A reaction combines 133.484 g of lead II nitrate with 45.010 g of sodium hydroxide.   

Pb(NO3)2  +  2 NaOH  à  Pb(OH)2  +  2 NaNO3 

 a.  How many grams of lead II hydroxide are formed? 

 b.  Which reactant is limiting and which is the excess reagent? 

 c.  How many grams of the excess reagent will be left over at the end of the reaction? 

 d.  If the actual yield of lead II hydroxide was 80.02 g, what was the percent yield? 
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20.  A reaction combines 64.81 g of silver nitrate and 92.67 g of KBr.   

AgNO3  +  KBr à  AgBr  +  KNO3 

a.  How many moles of silver bromide will form? 
b. Identify the limiting and excess reagents. 
c. How many moles of the excess reagent will be consumed by this reaction? 
d. How many moles of excess reagent will be left over at the end of this reaction? 
e. 14.77 g of AgBr was produced by this reaction.  What is the percent yield? 
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Solutions to Part III Exercises 

1.   4.98x10-22 moles; 7.00x10-21 g 

2.  3.06x1021 atoms 

3.  2.34x1025 M&M’s 

4.  1.01x1023 sulfur atoms 

5.  a.  2.5 mol Li and 2.5 mol H 

b. 2.5 mol Ca and 5.0 mol Cl 

c.  5.0 mol Al and 7.5 mol O 

6.   1.25 g Zn 

7.   474 g/mol 

8.  a.  69.8% C,   11.6% H,   18.6% O 

 b.  35.6 % K,  17.0% Fe,   21.9% C,   25.5% N 

 c.  17.9% K,   12.4% Al,   25.7% Si,   44.0% O 

9.   a.  75.5%        b.  63.5%  c.  80.6% 

10. d and e can be reduced so they cannot be empirical formulas 

11. CH5N 

12.   empirical:  C3HCl  molecular:  C12H4Cl4 

13.   MoOCl3 

14.   X = aluminum 

15.   a.  Cu  +  2  AgCl   à  2  Ag   +  CuCl2 

b.   2 B  +  3 H2  à   2  BH3 

c.  2  Al2O3  à   4  Al  +  3 O2 

d.  3 Cr(OH)2  +  2 AlPO4  à  _____ Cr3(PO4)2  +  2 Al(OH)3 

16.   21.99 g 

17.   17.12 g  
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18.   a. 2.85 moles 

 b. 11.5 g  

 c. 8.44 g  

19.   a.  97.21 g 

 b.  lead II nitrate is limiting and NaOH is excess 

 c.  12.77 g  

 d.  82.3 % 

20.   a. 0.381 moles 

 b. silver nitrate is limiting and potassium bromide is excess 

 c. 0.381 moles 

 d. 0.397 moles 

 e.  20.6% 


