
CHEMICAL FOUNDATIONS 
 

THE SCIENTIFIC METHOD 
 Everything is tested to verify its validity. Results must be reproducible 

 Use Scientific Method: 

 Five step process 

 identify problem 

 research the problem 

 hypothesis – tentative explanation or  

prediction of experimental observations  

 test hypothesis 

 conclusion: 

 if hypothesis correct – finished 

 if hypothesis wrong 

start over 

 Theory 

 unifying principle that explains a body of facts and the laws based on 

them 

 capable of suggesting new hypotheses 

 can and do change 

 Model 

 we use many models to explain natural phenomenon  

 when new evidence is found, the model changes! 

 Scientific Laws 

 a summary of observed (measurable) behavior  

 a theory is an explanation of behavior 

 Law of Conservation of Mass  

 mass of the reactants MUST EQUAL the mass of the products 

 Law of Conservation of Energy  

 Also called the First Law of Thermodynamics 

 Energy CANNOT be created NOR destroyed.  

 Energy can only change forms 

 A law summarizes what happens; a theory (model) is an attempt 

to explain WHY it happens. 
 

UNITS OF MEASUREMENT 
 All quantitative measurements MUST HAVE A NUMBER and a UNIT  

 

1 liter = 1dm3 

1cm3 = 1ml  ALWAYS 

1cm3 = 1ml = 1g  for water at 4C 

mass – quantity of matter 

weight – force of gravity on matter – is not mass. 

Density =    mass          units are g/ml or g/cm3 for liquid and solid 

       volume  units are g/l or g/dm3 

   



Absolute zero – 273.15C; all molecular motion stops 

 

Use the metric prefixes 

Kids Have Died Using Drugs Cocaine and Marijuana 

 kilo = 1000 

 hecta = 100 

 deca = 10 

 deci = 1/10  

 centi = 1/100 

 milli = 1/1000 

 

A few words on laboratory data 

 Two types of measurements 
 quantitative – numerical data 

 qualitative – color of a substance or its physical appearance 

 Lab Data 
 accuracy – how correct the data is. 

 measured by percent error. 

 systematic errors 

 precision – how well repeated  

 measured by percent relative deviation 

 random errors 

Precision is a necessity but not a sufficient condition for accuracy  

 

HANDLING NUMBERS 
 significant figures – (sig. figs.) the answer to a calculation is limited by 

the least sig. number in the calculation  

 If decimal point is shown – count from the first non-zero 

number moving to the right – all digits are significant –         example: 

 3.201100 = 7 S.F.   

 0.00010 = 2 S.F.  

 0.0010200 = 5 S.F. 

 If decimal point is NOT shown – count from the first    non-

zero number moving to the left – all digits are significant – example: 

 100 = 1 S.F.    

 150 = 2 S.F.   

 321500 = 4 S.F. 

 Rules for calculations 

 addition/subtraction– least # of decimal places 

 multiplication/division – least # of sig. figs. in PRINTED problem 

 counting numbers/constants –do not change the # of sig. figs. 

 defined conversions – don’t count – they can be defined with as many 

sig figs as you need. 

 Logarithm problems – use the same number of decimal places as there 



are sig. figs. inside the logarithm – uses a lower case “p” to mean “–

log” 

 pH  

 pOH 

 pKa 

 pKb 

 

DIMENSIONAL ANALYSIS 

 Let your UNITS do the work for you. 

 Put the unit you want to cancel on the bottom and the unit you are 

looking for on the top. 

 Just like Chemistry-I 

 

Convert 2.5 feet into inches: 

 

2.5 feet x 12 inches = 30 inches 

                    1 foot 

 

TEMPERATURE 

 Two common temperature scales used in chemistry 

 Celsius – “normal” scale 

 water boils at 100OC  

 freezes at 0OC 

 Kelvin – absolute zero scale 

 Remember that ALL gas law problems MUST be in Kelvin 

 ALPHABET 

 a b C d e f g h i j K l m n o  

 C is a little letter and K is a BIG LETTER 

 OC  K  add 273.15  

 go from a little letter to a BIG LETTER, you add 

 K  OC  subtract 273.15  

 go from a BIG LETTER to a little letter, you subtract 

DENSITY  
The mass of an object divided by its volume. 

 

Density =  
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   mass of object 
     

volume of object M 

V D 



SOME DEFINITIONS 

 Matter – anything that has mass and occupies space 

 3 phases – solid, liquid, gas; defined in terms of particle spacing 

 solid – the particles are very closely spaced – well aligned 

 liquid – the particles are fairly close, but not well aligned 

 gas – the particles are very spread out – large space between them 

 Vapor – the term for a substance in the gas phase that is normally in a 

different phase at room conditions 

 Fluid – the ability of a substance to flow (liquid and gases) 

 Element  

 matter consisting of only one kind of atom 

 purest substance known 

 Molecules 

 units of matter consisting of 2 or more atoms combined in a definite 

ratio 

 example H2O 

 Compound 

 2 or more atoms of different elements combined into a molecule 

 Mixture 

 each constituent retains its identity 

 can be separated by physical means 

 homogeneous – same composition throughout the mixture 

 solution–lose individual characteristics 

 made out of two parts 

 solute = is dissolved 

 solvent = does the dissolving 

 nine types of solutions 

 solute = solid, liquid, or gas 

 solvent = solid, liquid or gas 

 heterogeneous – each component of the mixture remains separate 

and can be observed as individual substances 

 Extensive properties 

 depends on the amount of matter present  

 examples: mass, volume 

 Intensive properties 

 same regardless of sample size  

 example: density (mass goes up and volume goes up by same amount – 

amount cancels out) 

 



1) The farmer needed to fence the field.  He measured two sides to 

be 138.3 meters each and the other two sides were 52 meters 

each.  He calculated the perimeter of the field to be: 

 138.3 m + 52 m + 138.3 m + 52 m = 380.6 meters.  How should 

this answer be written so that it is in proper scientific notation? 

 

 a.  3.806 x 102 m   b.  381 m   

 

c.  4 x 102 m    d.  3.81 x 102 m 

 

 

 

 

2) A farmer calculated the amount of fertilizer needed for one field 

by using the density equation.  The area of the field was 7191.6 

m2 and he wanted to put 0.0050 kg of fertilizer per m2.  When he 

calculated the mass of fertilizer that he needed he got the 

following answer. 

 

  Mass = (7191.6 m2)(0.0050 kg/m2) = 35.958 kg 

 

How should this answer be written so that it is in proper scientific 

notation? 

 

a.  3.6 x 101 kg   b.  3.5958 x 101 kg 

 

c.  36 kg    d. 3.6000 x 101 kg  

 

 

 

 

3)  The density of ethylene glycol, the principal ingredient in 

antifreeze, is 1.11 g/cm3.  If you have 245 g of the liquid, how 

many cubic centimeters do you have? 



4) To make a mirror for a telescope, you coat the glass with a thin layer of 

aluminum to reflect the light.  If the mirror has a diameter of 6.0 

inches, and you want to have a coating that is 0.015 mm thick, how 

many grams of aluminum will you need?  How many atoms of 

aluminum are in the coating?  The density of aluminum is 2.702 g/cm3. 

 The volume of the coating is given by  times the square of the 

mirror radius times the thickness of the coating (because the volume of 

a cylinder is 2vol r h ). 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



ATOMS, MOLECULES, & IONS 

 

LAW OF CONSERVATION OF MATTER (MASS)   

Matter can neither be created nor destroyed in a chemical reaction.  First stated 

by Antoine Lavoisier (1743-1794)…Reason why chemical equations must be 

balanced. 

 

LAW OF DEFINITE PROPORTIONS   

A given compound will always have exactly the same proportions of elements 

by mass. 

 

LAW OF MULTIPLE PROPORTIONS   

When two elements combine to form a series of compounds, the ratios of the 

masses of the elements can always be reduced to simple whole number ratios. 

 

DALTON’S ATOMIC THEORY 
 

1803 – John Dalton proposed the atomic theory of matter: 

1. All matter is made of atoms.  These indivisible and 

indestructible objects are the ultimate chemical particles. 

2. All the atoms of a given element are identical, in both weight 

and chemical properties.  However, atoms of different elements 

have different weights and different chemical properties. 

3. Compounds are formed by the combination of different atoms 

in the ratio of small whole numbers. 

4. A chemical reaction involves only the combination, 

separation, or rearrangement of atoms; atoms are neither 

created nor destroyed in the course of ordinary chemical 

reactions. 

Modern corrections: 

1. Subatomic particles were discovered: 

protons, neutrons, and electrons 

 2. Isotopes were discovered. 

 

AVOGADRO’S HYPOTHESIS 

 

At the same temperature and pressure, equal volumes of DIFFERENT gases 

contain the same number of particles. 

 

 

EXPERIMENTS TO CHARACTERIZE THE ATOM 
 

 J.J. Thomson, English (1898-1903) 

 Found that when high voltage was applied to an evacuated tube, a 

“ray” he called a cathode ray was produced. 

 The ray was produced at the (-) electrode 

 Repelled by the (-) pole of an applied electric field, E 



 the ray was a stream of NEGATIVE particles now called electrons, e- 

 Thomson discovered that he could repeat this deflection and 

calculation using electrodes of different metals  

 all metals contained electrons 

 ALL ATOMS contained electrons 

 

 Robert Millikan (University of Chicago – 1909) 

 Sprayed charged oil drops into a chamber 

 Halted their fall due to gravity by adjusting the voltage across 2 

charged plates   

 From voltage needed to halt the fall and the mass of the oil drop 

 Mass of e- = 9.11 x 10-31 kg. 

 

 Ernest Rutherford, England (1911) 

 Directed  particles at a thin sheet of gold foil 

 Most of the  particles did pass straight through 

 BUT many were deflected at LARGE angles  

 SOME even REFLECTED! 

 Those particles with large deflection angles had come very close to a 

very dense center of the atom with positive charge 

 Those that were reflected had a “direct hit” on the positive charged 

center of the atom. 

 All of this leads to the idea of a NUCLEUS of the ATOM 

 

ELEMENTS 
 Most pure substance that occurs on earth. 

 All matter composed of only one type of atom is an element.   

 Naturally occurring elements – 92 natural elements 

 Man-made elements – radioactive  above element 93                       

                  

ATOMS 
 atom–the smallest particle of an element that retains the chemical 

properties of that element 

 nucleus  

 contains the protons and the neutrons 

 electrons are located outside the nucleus 

 dense center of the atom 

 Rutherford gold foil experiment 

 subatomic particles – the particles that make up atoms. 

 proton 

 positive charge 

 responsible for the identity of the element 

 defines atomic number 

 neutron 

 no charge 



 same size & mass as a proton 

 can be thought of as a proton and an electron together 

 responsible for isotopes 

 alters atomic mass number 

 electron  

 negative charge 

 approx. 1/2,000 the mass of a proton or neutron 

 responsible for bonding – hence reactions and ionization 

energies 

 easily added or removed = becomes ions 

 added e – = anion (negative ion) 

 lost e –  = cation (positive ion) 

 

Particle Symbol  Charge  Relative Location 

      mass (AMU) 

 

proton      p+  positive       one  nucleus 

 

neutron    n0  none       one  nucleus 

 

electron    e-  negative       zero  energy level 

        subshell 

        electron cloud 

 

 

 Atomic number(Z) – The number of p+ in an atom.   

 All atoms of the same element have the same number of p+. 

 Different elements have different atomic numbers b/c p+ are different. 

 Atomic mass number(A) – The sum of the number of neutrons and p+ for 

an atom.   

 Protons and neutrons are the only subatomic particles that have mass. 

 A different mass number does not mean a different element – just an 

isotope. 

 

  

     may also be written  

 

 

the true mass is not an integral number 

mass defect – causes this and is related to the energy binding the 

particles of the nucleus together.  See Nuclear Chemistry Packet. 

He 
4 

2 He-4 
(A) mass number  

(Z) atomic number 
 

The abbreviation for 

atomic number (Z) and 

the atomic mass (A) 

comes from the first 

letter of the German 

words for atomic mass 

and atomic number. 

 

 

If symbols do not 

make sense in English, 

chances are that they 

will make sense in 

either German or 

Russian.  The early 

chemists were 

German, Russian or 

English (usually the 

United Kingdom) and 

that is where we get 

most of our symbols 

from. 



 

ISOTOPES 

 isotopes – atoms having the same atomic number (# of p+) but a 

different number of neutrons 

 most elements have at least two stable isotopes – most is ten 

natural isotopes  

 there are very few with only one stable isotope (Al, F, P) 

 hydrogen’s isotopes are so important they have special names: 

 0 neutrons  hydrogen  

 1 neutron   deuterium 

 2 neutrons  tritium 

 

MOLECULES AND IONS 

 

Electrons are responsible for bonding and chemical reactivity 

 Chemical bonds 

 forces that hold atoms together 

 Covalent bonds 

 atoms share electrons and make molecules 

 examples: H2, CO2, H2O, NH3, O2, CH4 

 molecule 

 smallest unit of a compound that retains the chemical characteristics of 

the compound 

 Characteristics of the constituent elements are lost.   

 molecular formula 

 symbols and subscripts represent the composition of the molecule 

 used for covalently bonded molecules 

 structural formula 

 bonds are shown by lines [representing shared e- pairs] 

 may NOT indicate shape 

 may or may not show the unbonded pairs of electrons 

 

 

                       H     O      H   O 

      H  H 
 ionic solids 

 Electrostatic forces hold ions together.   

 Strong  ions held close together  solids. 

·· 
 ·· 
 



 

THE PERIODIC TABLE OF THE ELEMENTS 
 groups – vertical columns  

 have similar physical and chemical properties  

 based on similar electron configurations – see Electron Config. Packet 

 families – another name for certain groups 

 group one – alkali metals 

 group two – alkaline earth metals 

 group seventeen – halogens (referred to as halides if you are referring to 

ions) 

 group eighteen – noble gases or rare gases or inert gases 

 transition metals 

 small block in the middle of the periodic table…from Sc to Zn 

 inter-transition metals  

 two rows at the bottom of the P.T. 

 Lanthanide Series – Ce to Lu 

 Actinide Series – Th to Lr 

 have no group numbers (see below) 

 metalloids – six elements B, Si, Ge, As, Sb, Te that exhibit properties of 

metals and non-metals 

 periods–horizontal rows; progress from metals to metalloids to nonmetals 

 Numbering of periods 

 periods: numbered up and down, but run across the 

table…always number from very left hand side or the very right 

hand side.  There are SEVEN periods. 

 Numbering of groups 

 groups: numbered left to right, but run up and down in the 

table…number from H to He—18 groups.  The inter-transition 

metals do not have group numbers. 

 

ELEMENTS THAT EXIST AS MOLECULES 
 Diatomic elements 

 Pure hydrogen, nitrogen, oxygen and the halogens exist as molecules 

under normal conditions.   

 Horses need oats for clear brown eyes. 

 P4–tetratomic form of elemental phosphorous 

 S8–sulfur’s elemental form 

 Carbon–diamond and graphite  

 covalent networks solids of the atoms 

 



IONS AND IONIC COMPOUNDS 
 ion – charged particles 

 formed when electrons are lost or gained in ordinary chem. reactions 

 affect size of atom dramatically 

 two types of ions 

 cations—positive ions  

 often metals since metals lose electrons to become positively 

charged 

 only a few polyatomic cations 

 anions—negative ions 

 often nonmetals since nonmetals gain electrons to become 

negatively charged 

 many polyatomic ions 

 

 Rules for Determining Charges of Monatomic IONS: 

 For the metals 

 groups 1 = +1 charge 

 groups 2 = +2 charge 

 group 13 = +3 charge 

 group 14 metals = either +4 or +2 charge 

 

 Transition metals  

 groups 3 through 12, usually a +2 or +3 charge (use Roman 

Numerals) 

 silver only +1 

 zinc only +2 

 Non-metals 

 groups 15 = -3 

 group 16 = -2 

 group 17 = -1 

 Hydrogen can either gain or lose one electron, depending on the other 

elements it encounters 

 Noble gases do not lose or gain electrons, except in rare cases – 

covered when we do VSEPR theory. 

 

 POLYATOMIC IONS – ions made out of two or more atoms 

 most are anions (negative ions) 

 Ammonium is the most common cation polyatomic ion. 

 

 

FACE IT – MEMORIZE THEM 

 



 Compounds formed from ions: + and - charges must balance  

 cation’s symbol is written first  

 anion’s symbol is written second 

 use subscripts to determine the number of atoms/polyatomic ions in a 

compound. 

 use (parentheses) around polyatomic ions to determine the number of 

that group in the compound. 

 Ionic or Covalent bonding 

 Ionic  

 if one of the participants is a metal 

 if a nonmetal is combined with a metal 

 metal to non-metal 

 Covalent 

 non-metal to non-metal 

 

NAMES OF COMPOUNDS 
 Naming cations 

 monatomic metal 

 cation is simply the name of the metal from which it is derived 

Al+3 is the aluminum ion 

 transition metals form more than one ion  

 Roman Numerals follow the ion’s name to tell oxidation 

number 

 Cu+2 is copper (II) 

 Cu+1 is copper (I) 

 Mercury (I) is Hg2
+2  

 two Hg+ bonded together 

 mercury (II) is Hg2+ 

 Polyatomic cations 

 NH4
+ is ammonium 

 Mercury (I) is Hg2
+2  

 Naming anions  

 monatomic 

 add the suffix -ide to the stem of the nonmetal’s name  

 Cl-1 = chloride 

 N3- = nitride 

 Halogens are called the halides 

 polyatomic 

 oxyanions are polyatomic ions that contain oxygen 

 suffixes and prefixes are used to tell amount of oxygen 
 

 

  per[stem]ate    more than normal oxygen 

  [stem]ate   normal oxygen 

  [stem]ite  less than normal oxygen 

  hypo[stem]ite   much less than normal oxygen 

 



 

 NAMING IONIC COMPOUNDS:  

 The + ion name is given first followed by the name of the negative ion. 

 NAMING BINARY COMPOUNDS OF THE NONMETALS: 

(covalently bonded) 

 use prefixes!!! 

 hydrogen, if present, is listed first 

 NAMING ACIDS  

 hydrogen is the cation 

 determined by using the ending of the anion 
 

 

[stem]ide  hydro[stem]ic acid 

[stem]ite  [stem]ous acid 

[stem]ate  [stem]ic acid 

 
 

 examples: 

 HCl  anion name is chloride  hydro[stem]ic  hydrochloric 

acid 

 HNO2  anion name is nitrite  [stem]ite  nitrous acid 

 HNO3  anion name is nitrate  [stem]ate  nitric acid 

 OLD NAMES 

These compounds were “grandfathered” in their names 

 water  H2O (DUH!) 

 ammonia NH3 

 hydrazine N2H4 

 phosphine PH3 

 nitric oxide NO  

 nitrous oxide  N2O (also called laughing gas) 



1)    Fill in the columns of blanks in the table  

(one column per element) 

 

Symbol             45Sc             33S           _____       _____ 

 

# of protons             _____        _____              8            _____ 

 

# of neutrons            _____       ______             9          31  

 

# of electrons  

in the neutral atom    _____       ______ _____  25 

  

 

2) Silicon has three isotopes with 14, 15, and 16 neutrons, 

respectively.  What are the mass numbers and symbols of 

these three isotopes? 

 

 

 

 

 

 

 

 

3) For each of the following elements, give its name and then 

(i) state whether it’s a metal, nonmetal, or metalloid and (ii) 

identify its location in the periodic table by giving its group 

and period number. 

 

(a)  Ca    (c)  Si 

 

 

 

 

 

 

(b)  Cd    (d)  I 

 

 



4) A natural sample of gallium consists of two isotopes with 

 masses of 68.95 amu and 70.95 amu and with abundances of 

 60.16% and 39.84%,   respectively.  What is the average 

 atomic weight of gallium? 

 

 

 

 

 

 

 

 

 

 

 

 

 

 
5) Magnesium is commonly extracted from seawater.  Magnesium-

24 is its most abundant isotope (78.70%); its exact mass is 

23.985.  If the atomic weight of magnesium is 24.305, what are 

the relative abundances of magnesium- 25 (mass, 24.986) and 

magnesium- 26 (mass, 25.983)? 

 

 

 

 

 

 

 

 

 

 



 

6)  Give the formula for each of the following ionic compounds. 

 

(a)  platinum (II) chloride 

 

(b)  calcium hypochlorite 

 

(c) magnesium oxide 

 

(d) hydrogen chloride 

 

(e) sulfuric acid 

 

(f) phosphorous acid 

 

(g) hydrochloric acid 

 

 

 

 
7) Name each of the compounds.  If ionic, give the formula, charge, and 

number of each ion that makes up the compound.   

 

(a)  NaHCO3   

 

(b)  Ca3(PO4)2  

 

(c)  KMnO4 

 

(d) Cl2I7 

 

 

 

8) Give the formula of each of the following binary nonmetal or metalloid 

compounds. 

 

(a) boron tribromide  

 

(b) disulfur dichloride  

 

(c) dihydrogen monoxide 

 

 

 

 



Parts of three AP free response questions 

 

(a) The average atomic mass of naturally occurring neon is 20.18 amu. There are 

two common isotopes of naturally occurring neon as indicated in the table 

below. 

 

Isotope Mass (amu) 

Ne-20 19.99 

Ne-22 21.99 

(i) Using the information above, calculate the percent abundance of each 

isotope. 

(ii) Calculate the number of Ne-22 atoms in a 12.55 g sample of naturally 

occurring neon. 

 

 

 

 

 

 

 

 

 

 

(d) A certain element has two stable isotopes. The mass of one of the isotopes is 

62.93 amu and the mass of the other isotope is 64.93 amu. 

(i) Identify the element. Justify your answer. 

(ii) Which isotope is more abundant? Justify your answer. 

 

 

 

 

 

 

 

 

 

(a) Samples of natural selenium contain six stable isotopes. In terms of atomic 

structure, explain what these isotopes have in common, and how they differ. 



STOICHIOMETRY 

 

AVERAGE ATOMIC WEIGHT 
 The average mass of all of the isotopes of an element. 

 

 Percent abundance – percentage of atoms in a natural sample of the pure 

element represented by a particular isotope 

 

Percent abundance = 

 

 

 Finding average atomic mass:   

 Multiply percent abundance in nature by the mass of the isotope for 

each isotope. 

 Add up the resulting numbers. 

 

THE MOLE 
 Fundamental unit of metric system for the amount of a substance. 

 Two definitions that are closely related. 

 Atomic mass unit = exactly 1/12th the mass of a carbon-12 nucleus. 

 Mole = the number of particles in exactly 12.0 grams of C-12. 

 Allows us to determine the molar mass of any element or compound. 

 Equals 6.022 x 1023 Representative Particles. 

 for elements = R.P.  atoms 

 for ionic compounds  formula units 

 for molecular compounds  molecules 

 Avogadro’s number – 6.02 x 1023 

 Avogadro used his law with equal volumes of gases under the same 

conditions and equal numbers of molecules to determine how many 

particles were in a mole. 

 Molar Mass (M) – the mass of one mole of any substance 

 Units are g/mol 

 Numerically equal to the atomic weight in atomic mass units. 

 Specific names depend on the representative particles. 

 atoms = gram atomic mass 

 ionic compounds = gram formula mass 

 covalent compounds = gram molecular mass 

 Molar volume – the volume of one mole of gas at STP. 

 STP = Standard Temperature and Pressure 

 one mole of gas = 22.4 liters 

 molar volume of any gas at STP is always the same 

 

 Number of atoms of a given isotope    x 100 

   Total number of atoms of all isotopes of 

     that element 



Mole Diagram 

 

 
 



Determination of the formula of a compound 
 

Percent Composition 

% composition =    mass of desired element       x 100                                        

                                       total mass  

 

 molecular formula – the formula showing the ratio of atoms in a formula 

 empirical formula 

 the lowest whole number ratio of atoms in a formula 

 used to determine amount of elements in compound 

  

 Finding empirical and molecular formulas:  

 assume a 100 gram sample if given percentages (and multiply each 

element by percentage to give you grams) 

 if not use the grams 

 STEPS 

 convert all into moles  

 divide by smallest number of moles 

 clear fractions by multiplication of denominator of fraction 

 empirical gives smallest ratio need to know molar mass to establish 

molecular formula (2x, 3x etc.) 

 

HYDRATES 
 hydrates – A compound that has water attached to it. 

 A dot is used to state how many water molecules are attached 

 CuSO45H2O  

 uses prefixes to state number of water   call hydrate 

 copper (II) sulfate penta hydrate  

 anhydrous – without water 

 water of hydration – amount of water attached to the hydrate 

 

CHEMICAL EQUATIONS 
 chemical reaction 

 transforms elements and compounds into new substances 

 balanced chemical equation 

 shows the relative amounts of reactants and products 

 states of matter 

 s – solid  

 l – liquid   

 g – gas  

 aq – aqueous solution  

 NO ENERGY or TIME is alluded to 

 

REACTANTS  PRODUCTS 



 

 

BALANCING CHEMICAL EQUATIONS 
 Begin with the most complicated-looking formula. 

 Save the elemental formula for last. 

 If you get stuck, double the most complicated-looking formula. 

 USE COEFFICIENTS IN FRONT OF THE 

FORMULAS 

 

STOICHIOMETRY 
Stoichiometry is the study of the quantitative relationship between 

the amounts of reactants and products.   

 

Matter is always conserved in chemical reactions.  
 

Check all formulas; keep your hands off the subscripts once 

checked!! 

Balance the equation. 

Place the information in the problem. 

 Balance equation on first line. 

 Moles on the second line. 

 Anything that can be changed into moles on the third line. 

 Grams, molarity, molality, representative particles, liters, 

etc. 

 Use a question mark (?) to identify the unknown. 

 Use arrows to plan to do the problem and to guide you in 

your conversions. 
 

2 H2   + O2    2 H2O 

 

Moles are placed on this line. 
 

 

Anything that can be changed into moles goes here. 
 

 

A typical problem should look like this: 
 

Problem: When 150.0 grams of TiO2 is reacted with BrF3, find the number of 

liters of oxygen gas at STP, the number of molecules of bromine, the number 

of moles of titanium(IV) fluoride and the grams of BrF3 required for complete 

reaction.  

 
Your setup should look like this:  



 
TiO2       +          BrF3                 TiF4         +            Br2         +            O2    

                    

    ? 
          

150.0 g   ? g                                          ?                 ?  

                                                                                 molecules       L@STP 
          

 

Draw the arrows to help you with the problem.   The only time that 

you can go side to side is when you are in moles.  A balanced 

chemical equation relates the moles of each species in the equation. 

 

 
TiO2       +          BrF3                 TiF4         +            Br2         +            O2    

                    

    ? 
          

150.0 g                ? g                            ?                       ?  

            molecules                L@STP 
          

 

Your problem would be solved like this: 

 
23

2 2 2
2

2 2 2

1 mole TiO 2 moles Br 6.02 x10 molecules Br
150.0 grams TiO x x x

79.9 grams TiO 3 moles TiO 1mole Br

 

 

 

Now…do the other three problems. 

mailto:L@STP
mailto:L@STP


How many grams of water can be made from 6.0 grams of hydrogen, and how 

many moles of oxygen are needed for the reaction to go to completion?  
 

H2  +  O2   H2O 

 

            

 

 

 

 

Now…set up the problem and then solve the problem – without a 

calculator.



LIMITING REAGENTS 
 limiting reagent 

 Its amount determines or limits the amount of product 

formed. 

 Often 2 amounts are given in the problem (may be more than 

two). 

 

 excess reagent  

 The reagent that is left over…have more than enough of it. 

 

 Easiest way to determine this type of problem is to change each 

starting amount to moles of product that you are looking for. 

 Smaller amount comes from the LIMITING REAGENT and 

is your answer. 

 Read the problem ahead of time and see what product they 

are asking about…and then go find that product. 

 

 You can always tell this type of problem by setting up the 

problems with the three lines.  Once you have two starting 

amounts on the diagram…you know that it is a limiting reagent 

problem. 

 

PERCENT YIELD 

 theoretical yield  

 what you calculate from stoichiometry 

 this is fantasy land! 

 actual yield 

 what you get in a lab in the real world  

 remember, no chemical process is 100% efficient 

 therefore no yield will be 100% (useful for lab reports!) 

 if more than 100%  contamination  
 

 percent yield =      actual yield (real)             x 100                       

                     theoretical yield (ideal) 

 
 

  

 

 

 

 

 

 

A Y 

TY %Y 



 

 

 

 



  

1) Balance the following equations. 

 

 

(a) Al(s)  +    O2(g)      Al2O3(s) 

 

 

(b) N2(g)  +    H2(g)      NH3(g) 

 

 

(c) C6H6(l)  +    O2(g)     H2O(g)  +    CO2(g) 

 

 

2) Calculate the molar mass of C6H2(CH3)(NO2)3, TNT, an explosive. 

 

 

 

 

 

 

 

3) The formula of DDT, an insecticide that was once widely used, is C14H9Cl5. 

 Calculate the molar mass of the compound and the amount of chlorine in 

385 grams of DDT. 

 

 

 

 

 

 

 

 

 

 

4) Cumene is a hydrocarbon, a compound composed of only C and H.  It 

is 89.94% carbon, and the molar mass is 120.2 g/mol.  What are the 

empirical and molecular formulas of cumene? 

 

 

 

 

 

 

 

 

 

 

 

 



5) Naphthalene, best known in the form of “moth balls,” is composed 

only of carbon (93.71%) and hydrogen (6.29%).  If the molar mass of 

the compound is 128 g/mol, what is the molecular formula of 

naphthalene? 

 

 

 

 

 

 

 

 

 

 

6) If “Epsom salt,” MgSO4 XH2O, is heated to 250 degrees Celsius, all 

the water of the hydration is lost.  On heating a 1.687- gram sample of 

the hydrate, 0.824 grams of MgSO4 remains.  How many molecules of 

water are there per formula unit of MgSO4? 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

7) A compound containing only a metal and oxygen, MO, can be 

decomposed to the elements (M and O2) by heating.  If 4.386 g of the 

compound formed 4.062 g of M on heating, what is the atomic weight 

of M?  What is the probable identity of M? 

 



8) Ammonia is used throughout the world as a fertilizer and in making 

nitrogenous plastics and fibers.  It is usually manufactured in the Haber 

process, the direct reaction of N2 and H2 in the presence of other 

compounds that accelerate the reaction. 

 

N2(g)  +  3 H2(g)    2 NH3(g) 

 

If you use 280 g of N2, how many grams of H2 are required for complete 

reaction?  How many grams of NH3 can be produced? 

 

This is the type of problem that you will 

 see on the multiple choice part of the exam. 

 

 

 

 

 

 

 

 

 

 

 

9) Methyl alcohol, CH3OH, is a clean-burning, easily handled fuel.  It can 

be made by the direct reaction of CO and H2 (obtained from coal and 

water).  

  

CO(g)  +  2 H2(g)    CH3OH(l) 

 

Assume you start with 12.0 g of H2 and 70.0 g of CO.  Which of the 

reactants is in excess?  Which is the limiting reagent?  What mass (in 

grams) of the excess reagent is left after reaction is complete?  How 

many grams of methyl alcohol can be obtained theoretically? 

 

This is the type of problem that you will 

see on the multiple choice part of the exam. 
 



10)  Nitric acid is made by a sequence of reactions: 

 

4 NH3(g) + 5 O2(g)   4 NO(g)  +  6 H2O(g) 

 

2 NO(g)  +   O2(g)     2 NO2(g) 

 

3 NO2(g)  +  H2O(l)   2 H NO3(l)  +  NO(g) 

 

If you begin with 545 g of NH3, what is the theoretical yield of nitric 

acid?  If the yield of the acid is only 346 g, what is the percent yield? 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

11) A 1.324 g sample of a metal carbonate, containing an unknown metal 

M, was heated to give the metal oxide and 0.395 g of CO2. 

 

MCO3(s)  +  heat    MO(s)  +  CO2(g) 

 

What is the metal M?  Prove your answer with appropriate 

calculations. 

 



12) Bromine trifluoride reacts with metal oxides to evolve oxygen.  For 

example, 

 

3 TiO2(s)  +  4BrF3(l)    3 TiF4(s) +  2 Br2(l)  +  3 O2(g) 

 

Suppose you wish to use this reaction to determine the weight 

percentage of TiO2 in a sample of ore.  To do this you collect the O2 

gas from the reaction.  If you find that 1.586 gram of the TiO2 

containing ore evolved 32.1 mg of oxygen gas, what is the weight 

percent of TiO2 and Ti in the ore. 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

13) A compound named umbelliferone is used in sunscreen lotion.  It has 

the formula of CXHYOZ.  Determine its empirical and molecular 

formula from the following data:  (a) Burning 0.123 grams of the 

compound results in 0.300 grams of CO2 and 0.040 grams H2O.   

(b) The molar mass is estimated to be 160 grams/mole. 



14) In the purification of uranium for use as a nuclear fuel, one of the 

compounds isolated is UOx(NO3)y  
    z H2O, where the uranium can 

have a positive charge of +3, +4, +5, or +6. 

 

(a)   Heating the compound in air to 400 degrees Celsius leaves an 

oxide, UaOb.   This oxide is found to be 83.22% U.  What is the 

empirical formula of this oxide?  What is its name? 

(b)   Heating UOx(NO3)y  
   z H2O in air to 800 or 900 degrees 

Celsius completely decomposes the compound to give yet 

another uranium oxide, UnOm, which analysis shows is 84.8% 

U.  What is the empirical formula of this second oxide? 

(c)   To find the empirical formula for UOx(NO3)y  
    z H2O, you 

first heat it gently to drive off all the water.  You find that 

1.328 g of the hydrated compound left 1.042 grams of 

UOx(NO3)y  after heating.  Next, you heat the residue even 

more strongly and find 0.742 g of the oxide UnOm (see part b).  

Based on this information and the other information given or 

calculated above, what is the formula of UOx(NO3)y  
    z H2O? 

 

 

 



Part of an AP question 

 

4 Fe(s) + 3O2(g)  2 Fe2O3(s)  

Iron reacts with oxygen to produce iron(III) oxide as represented above. A 75.0 g 

sample of Fe(s) is mixed with 40.0 grams of oxygen gas. 

 

(a) Calculate the number of moles of each of the following before the reaction 

occurs. 

 (i) Fe(s) 

(ii) O2(g) 

 

(b) Identify the limiting reactant when the mixture is heated to produce Fe2O3. 

Support your answer with calculations. 

 

(c) Calculate the number of moles of Fe2O3 produced when the reaction 

proceeds to completion. 

 

 



Part of an AP question 
 

CH4(g) + 2 Cl2(g)  CH2Cl2(g) + 2 HCl(g) 

 

Methane gas reacts with chlorine gas to form dichloromethane and hydrogen 

chloride, as represented by the equation above.  

 

(a) A 25.0 g sample of methane is placed in a reaction vessel containing 2.58 mol 

of Cl2(g). 

 

(i) Identify the limiting reactant when the methane and chlorine gases are 

combined. Justify your answer with a calculation. 

 

(ii) Calculate the total number of moles of CH2Cl2(g) in the container after 

the limiting reactant has been totally consumed. 

 

 

 


