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Name: ______________________________________ Period: _________ 

General Chemistry I Chapter 2: Atoms, Molecules, and Ions 

Section 2.1: The Early History of Chemistry 

• Greeks were the first to attempt to explain why chemical changes occur. 

• ____________________, a philosopher, supported the idea of a smallest particle which he called 

“atomos”. 

• Alchemy dominated for 2000 years. 

• ____________________ was the first “chemist” (1600’s) 

− Performed quantitative experiments. 

Section 2.2: Fundamental Chemistry Laws 

Law of conservation of mass (Lavoisier): 

• __________________________________________________________________________________ 

Law of definite proportion (Proust): 

• A given compound always contains exactly the same _____________________________________ 

__________________________________________________________________________________ 

Law of multiple proportions (Dalton): 

• 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 _______________________________________ 

__________________________________________________________________________________ 

Section 2.3: Dalton's Atomic Theory 

1. Each element is made up of tiny particles called ___________. 

2. The atoms of a given element are ________________; the atoms of different elements are 

________________ in some fundamental way. 

3. Chemical compounds are formed when atoms of different elements combine with each other.  A given 

compound always has the same __________________________________________________ 

4. Chemical reactions involve ___________________ of the atoms.  The atoms themselves are 

__________________________________________________________________________________ 

Gay-Lussac and Avogadro (1809-1811) 

• Gay-Lussac: Measured (under same 

conditions if T and P) the volumes of gases 

that reacted with each other. 

Avogadro's Hypothesis 

• At the same T and P, ________________________________________________________________ 

__________________________________________________________________________________ 
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Section 2.4: Early Experiments to Characterize the Atom 

J.J. Thomson (1898-1903) 

• Postulated the existence of electrons using __________________________________. 

• Determined the charge-to-mass ratio of an electron (-1.76 x 108 C/g). 

• The atom must also contain ___________________________ that balance exactly the 

negative charge carried by particles that we now call electrons. 

• Thomson postulated the _____________________________ for the atom. 

• His model had a diffuse cloud of positive charge with negative electrons embedded 

randomly in it. 

Robert Millikan (1909) 

• Performed experiments involving _________________________________. 

• Determined the _____________________________________ on a single electron. 

• From this and the charge to mass ratio, he calculated the mass of the electron.  

(9.10939 x 10-31
  kg) 

Ernest Rutherford (1911) 

• Explained the _________________________. 

• Atom has a dense center of __________________________________________________________ 

• Electrons travel around the nucleus at a relatively large distance. 

• __________________________________________________________________________________ 

Section 2.5: The Modern View of Atomic Structure: An Introduction 

The atom contains: 

• __________________ – found outside the nucleus; negatively charged, mass 

is much lighter than protons or neutrons 

• __________________ – found in the nucleus; positive charge equal in 

magnitude to the electron’s negative charge. 

• __________________ – found in the nucleus; no charge; virtually same mass 

as a proton. 

The nucleus is: 

• _______________ compared with the overall size of the atom. 

• ________________________; accounts for almost all of the atom’s mass. 

Isotopes 

• Atoms with the _____________________________________ but ____________________________ 

___________________. The number of protons identifies an atom as being a particular element. 

• Show almost __________________ chemical properties; because the chemistry of atom is due to its 

___________________. 

• In nature most elements contain mixtures of isotopes. 
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Atomic symbol 

 

Section 2.6: Molecules and Ions 

Covalent bonds 

• __________________________________________________________________________________ 

• Resulting collection of atoms is called a __________________. 

Ionic bonds 

• _______________________________________________________________________________________

_____________________________________________________________________________ 

• Ion: atom of group of atoms that has a _________________________________________________ 

• Cation - ___________________________________________________________________________ 

• Anion - ____________________________________________________________________________ 

Section 2.7: An Introduction to the Periodic Table 

• Metals vs. Nonmetals – Know the properties of each! 

• Groups or Families – _________________________________________________________________ 

__________________________________________________________________________________ 

• Periods – __________________________________________________________________________ 

• Table of common charges formed when creating ionic compounds: 

Group or Family Charge 

Alkali Metals (1)  

Alkaline Earth Metals (2)  

Halogens (17)  

Noble Gases (18)  
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Section 2.8: Naming Simple Compounds 

• Binary Compounds 

− _______________________________________________________________________________ 

− ________________________________________________________________________________ 

• Binary Ionic Compounds 

− ____________________________________________ 

• Binary Covalent Compounds 

− ____________________________________________ 

Binary Ionic Compounds (Type I) 

1. The cation is always named first and the anion second. 
2. A monatomic cation takes its name from the name of the parent element. 
3. A monatomic anion is named by taking the root of the element name and adding –ide.

 Examples: 

 KCl  _____________________________ 

 MgBr2  _____________________________ 

 Al2O3  _____________________________ 

Binary Ionic Compounds (Type II) 

• Metals in these compounds form ______________________________________________________ 

• Charge on the metal ion must be specified. 

• __________________________________________________________________________________ 

• Transition metal cations usually require a Roman numeral. 

 Examples: 

CuBr  _____________________________ or _____________________________ 

FeS  _____________________________ or _____________________________ 

PbO2  _____________________________ or _____________________________ 

Polyatomic ions 

• Must be memorized – know all ion names and charges from the ion chart  

• Examples of compounds containing polyatomic ions: 

 NaOH  _____________________________ 

 Mg(NO3)2 _____________________________ 

 (NH4)2SO4 _____________________________ 

Formula writing for ionic compounds: 

• All ionic compounds must be overall neutral 

• Formulas for ionic compounds are in the smallest whole number ratio 

 Example: Sodium phosphite   ___________ 
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Binary Covalent Compounds (Type III) 

1. The first element in the formula is named first, using the full element name.  
2. The second element is named as if it were an anion. (-ide ending) 
3. Prefixes are used to denote the numbers of atoms present. 
4. The prefix mono- is never used for naming the first element. 

Prefixes used to indicate number in chemical names: 

Prefix Number indicated 

mono-  

di-  

tri-  

tetra-  

penta-  

hexa-  

hepta-  

octa-  

nona-  

deca-  

 Examples: 

 CO2  __________________________________ 

 SF6  __________________________________ 

 P2Cl8  __________________________________ 

Formula writing for covalent compounds: 

• Prefix indicates subscript for that element 

• Do not reduce the formula!  Formula indicates exact makeup of 1 molecule 

 Example: dinitrogen tetraoxide ___________  

Acids 

• Acids can be recognized by the hydrogen that appears first in the formula. 

• Molecule with one or more H+ ions attached to an anion. 

• If the anion does not contain oxygen, the acid is named with the prefix hydro– and the suffix  
–ic. 

 Examples: 

 HCl  _____________________________ 

 HCN  _____________________________ 

 H2S  _____________________________ 
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• If the anion does contain oxygen: 

• The suffix –ic is added to the root name if the anion name ends in –ate. 

 Examples: 

 HNO3  _____________________________ 

 H2SO4  _____________________________ 

 HC2H3O2 _____________________________ 

• The suffix –ous is added to the root name if the anion name ends in –ite. 

 Examples: 

 HNO2  _____________________________ 

 H2SO3  _____________________________ 

 HClO2  _____________________________

Formula writing for acids: 

• Acids are ionic compounds and must be overall neutral 

• Cation is always H+1  

• Use naming rules in reverse to determine anion 

 Example: carbonic acid   ___________ 

 

Molar Mass & Dimensional Analysis 

Atomic Mass and Molecular Weight (or Formula Weight) 
The _______________________ of a substance is the sum of the atomic weights of the atoms in the 
chemical formula of the substance.  

Example: What is the molecular weight of sulfuric acid (H2SO4)? 

 

 

Molar Mass 
The easiest way to 'scale up' to real world quantities is to use the same number but move from 
measuring mass in amu to measuring mass in grams. 

This involves using a very large number called ____________. 

1 mole of given particles weighs the same number of grams as one of those particles weighs in amus. 

Where one molecule of H2SO4 weighs __________, one mole of H2SO4 weighs _____________. 

Quick Check : 
How much does 1 molecule of H2O weigh? 

 

How much does 1 mole of H2O weigh? 
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Hydrates 
If you have a hydrate (a compound that attracts and absorbs water) the molar mass 
___________________ bound to the hydrate.  For example, the molar mass of iron (III) chloride 
hexahydrate (FeCl3∙6 H2O) has a molar mass of: 

 

 

 

Molar mass (grams/mole) is used as a conversion factor to convert between moles  and grams.  
 
Avogadro’s Number (6.022 x 1023) particles/mole is the conversion factor to convert between the 
number of particles (molecules, atoms, formula units, ions) and moles. 
 
Formula unit: a set of an ionic compound. Ex. 3 formula units of PbI2 contain 3 Pb3+ ions and 6 I- ions. 

 
Moles and Molar Mass Practice Questions 

A chemist has a 25.0 grams sample of Lead (II) iodide, PbI2. How many formula units of PbI2 are 

present? 

Step 1: How many moles of PbI2 are present in this sample? 

 

 

Step 2: How many formula units (f.u) of PbI2 are present in this sample? 

Extension: If the question asked for atoms of one element, you’d need to multiply by the subscript to 
get the answer. For example, if the question asked for how many atoms of iodine are present, you’d 
need to multiply 3.27x1022 f.u by 2 I atoms per PbI2. 
 
3.27 x 1022 f.u PbI2 x   2 I atoms  = 6.54 x 1022 I atoms 
           1 f.u PbI2 
 
 
 
 
 
 
 
A 0.244 g sample of calcium carbonate, CaCO3, was recovered from a sample of hard water. How many 

oxygen atoms were in the sample? 
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What is the molar mass of each compound shown below? 

a. NaBr 

 
 

b. Li2O 

 
 

c. (NH4)3PO4 

 
 

Methane, CH4, is the gas commonly found in labs to fuel Bunsen burners. 

a. How many moles of methane are there in a 7.21 gram sample? 

 
 
 

b. How many molecules of methane are there in the sample? 

 
 
 

c. How many atoms of hydrogen are found in the sample? 

 
 
 

 
 
 

Helium, He, is used in balloons, deep sea diving tanks, and in industry. While it is the second most abundant 

element in the universe, in 2019 there was a shortage of helium which caused the prices to rise.  If 150.0 

grams of helium is needed to cool a superconductor, how many atoms of helium are used? 

 
 
 

 
 

 
What is the mass of 2.30 x 1024 particles of water, H2O?  

 
 
 
 
 
What is the mass of 2.1 moles of the hydrate Nickel (II) carbonate pentahydrate (NiCO3 •5H2O)? 
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Electron Configuration 

ATOMIC STRUCTURE AND ELECTRON CONFIGURATION  
Atoms 
Atoms are made up from protons (positive), neutrons (neutral) and electrons (negative). 
The nucleus contains the  protons and neutrons, while the electrons move around the 
nucleus.  

The majority of the mass of the atom comes from the protons and neutrons, while most 
of the volume of an atom comes from the electrons.  

Atoms and Ions Review Questions 

1. To the right is the periodic table square for Copper, Cu. How many protons, 

neutrons and electrons does copper have? 

 

2. One way for copper to stabilize is by reacting with a nonmetal to create the 

copper (I) ions, Cu+. How many protons, neutrons and electrons does Cu+ have? 

 
Electron Configurations 

Electron Configurations are a way of describing the arrangement of electrons within an atom.  

The inner electrons are called _____________________________ 

The outer electrons are called 
____________________________ 

 
  
 
 
 
 
 
 
 
 
The first shell is small and only has room for the ______ orbital.  

The second shell is larger and there is room for a ______ orbital and a 
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set of 3  _______ orbitals which are dumb-bell shape.  

The third shell is even larger and there is room for a ____ orbital, a set of _____ orbitals and a set of 5 ______ 
orbitals which are double dumb-bell shape. 

 
Sublevel Increasing Energy 

 
RULES FOR ELECTRON CONFIGURATIONS:  
1. Aufbau principle: electrons are added to the lowest 
subshells first and build up.  

2. Hund’s Rule: each subshell should have one electron before 
any are doubled up.  

3. Pauli Exclusion Principle: no two electrons can have the same 
set of 4 quantum numbers.  

 

Writing Electron Configurations 
(Energy Level)(orbital name)# of e- 

Fluorine Example: 1s2 2s2 2p5 

Fluorine has 2 electrons in the s orbital in the first energy level, 2 electrons in the s orbital in the second 
energy level, and 5 electrons in the p orbitals in the second energy level. Fluorine has a total of 9 electrons. 

Example: Write the electron configuration of neutral Iron, Fe. 
 

1. Determine how many electrons are in the atom using the Periodic Table 

 

2. Fill each sublevel until all 26 electrons are accounted for. Remember s holds 2 e- max, p holds 6 e-, d 

holds 10 e- and f holds 14 e-. 

 
 
Noble Gas Abbreviation/Shorthand Electron Configuration 
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An abbreviated form of electron configurations was developed using the final column of the periodic table, the 
noble gases.  

Example: Scandium 

Sc: 1s22s22p63s23p64s23d1  

 

Abbreviated version can be written as: ____________________________________ 

 

 

Example: Write the ground state electron configuration for Arsenic. 

Standard (whole): 

Abbreviated (Noble Gas): 

Example: Write the electron configuration for Calcium ion, Ca2+. Hint: how many e- does this ion have? 

Standard (whole):  

 

 

 

 

 

 

 

1.5 Atomic Structure and Electron Configuration Practice Questions 
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1. Write the ground state electron configuration for Chlorine, Cl. 
 
 
 

2. Write the electron configuration of fluorine ion, F-. 
 
 
 

3. Write the electron configuration for Aluminum ion, Al3+. 
 
 
 

4. The electron configuration for an unknown element is xs2 xp4, where x is an integer. Based on your  
knowledge of ion formation, predict the charge for the ion that would form when this element 
loses or gains electrons.  

 
 
 
 

5. Write the noble gas electron configuration for Barium, Ba.  
 
 

Stoichiometry 

 
Chemical Equations 

• Chemical equations represent chemical 

changes.  
• These changes are the result of a rearrangement of atoms into new combinations. 
• Any representation of a chemical change must contain equal numbers of atoms of every element 

before and after the change occurred.  
• Equations demonstrate that mass is conserved in chemical reactions.  

 
 
 
 
 
Law of Conservation of Mass 
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• A balanced equation follows the law of conservation of matter/mass that states that in any chemical 
or physical reaction no matter can be created or 

destroyed.  
• Coefficients are used to change the number of each particle in the reaction. The subscripts are NEVER 

changed to balance a chemical equation.   

States of Matter 
We can include the states of matter in the equation to provide more information. In a physical reaction, only 
the  states of matter change.  

 

aq = aqueous, g = gas, l = liquid, s = solid 

 

Balancing Equations 

 
Example:  C3H8 + O2 → CO2 + H2O 

 
 

 
 
 
 
 
 
 
Different Types of Balanced Equations 
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Total (or Overall) Ionic 
• Overall ionic equations show how ionic compounds dissociate into their ions when they dissolve in 

water. If you have solutions (look for (aq)) of an ionic compound (particularly any sodium, nitrate, 
ammonium and potassium salts - SNAP) they should be written as their ions if you are showing an 
overall ionic equation.   
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Net Ionic Equations 
• The net ionic equation only shows the particles that change in the reaction. It cancels out the spectator 

ions. A spectator ion is one that isn’t  involved in the reaction and stays the same phase throughout.   
• In the example below, the sodium ions and the nitrate ions are the same phase throughout the 

reaction and  are unchanged, they should be canceled out to create a net ionic equation.  

 

Example 
 

 
 
 

a.  
 
 

b.  
 
 

c.  
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d.  
 
 
 
Stoichiometry 

• Stoichiometry is the term used to describe conversions that involve mole ratios from a balanced 
chemical equation.  Before performing any calculations you must have a properly balanced chemical 
equation, which will ensure that  atoms and mass are conserved.   

• Each stoichiometry problem is different, so it is imperative that you read the problem to determine 
what you are  being asked to find out and what you already know.   

What Does a Chemical Equation Tell Us? 

 

• Coefficient tells you molar relationship of the reactants and products 

Example - Molar Ratios 
A chemist is studying the chemical reaction shown below: 

2 C4H10 (g) + 13 O2 (g) → 8 CO2 (g) + 10 H2O (g) 

a. If the chemist begins with 3 moles of C4H10, how many moles of O2 will it react with? 

 
 
 

b. How many moles of CO2 will be produced? 

 
 
 

c. How many moles of H2O will be produced? 
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Limiting and Excess Reactants 
• In any chemical reaction, there may be a limiting and excess reactant. In an ideal world, there would be 

the perfect amount of each reactant to produce the desired product, but it sometimes does not work 
out. In the diagram below, H2 and O2 react to form H2O. All of the H2 molecules are used, but there is 
extra O2 after the reaction completes. In this situation, H2 is the limiting reactant and O2 is the excess 
reactant. There are 2 molecules of O2 leftover. 

 
Example: Limiting and Excess Reactants 
Consider the following balanced reaction: 

Cl2 (g) + 2 KI (aq) → 2 KCl (aq) + I2 (s) 

If the reaction starts with 8 moles of Chlorine gas and 10 moles of potassium iodide, how many moles of the 
excess reagent will be left over after the reaction has run to completion? 

There are 2 mol KI needed for each 1 mol Cl2, so: 

 

Percent Yield 

• In a lab situation the predicted amount of product might not be produced, so one can calculate the 
percent yield by  comparing the experimental value to the predicted value. Often the actual yield is 
different from the theoretical  yield. That is normal; in the lab the goal is always to get your actual 
yield as close as possible to the theoretical  yield.   

• Theoretical Yield (or predicted value or calculated mass) = how much you should  be able to make 
based on the amounts given in the problem.   

• Actual Yield (or experimental yield or actual mass obtained) = the amount that you  actually make in 
the experiment.   

• Percent Yield is a way to describe how close your experimental yield was to the amount predicted.   

Percent Yield = Actual Yield x 100  
         Theoretical Yield 

 


