
Chapter 2.  Atoms, Molecules, and Ions 
Watch Bozeman Videos & other videos on my website for additional help: 
Big Idea 1: 

• Molecules/Elements 

• Chemical Analysis 

• Mass Spectrometry 

• Conservation of Atoms 
 

2.1 The Atomic Theory of Matter 

• 400-5 BC. Greek philosopher Democritus proposes the idea of matter being made up of 

small, indivisible particles (atomos). 

•  18th Century. Lavoisier proposes the Law of conservation of mass and Proust proposes the  of 

constant composition(kinds and numbers of atoms are constant for a given compound). 

o Law of conservation of mass (matter): During a chemical reaction, the total mass before 

the reaction is equal to the total mass after the reaction.  This means that mass/matter can 

neither be created nor destroyed.   

• Early 19th Century. John Dalton formulates his Atomic Theory. 

  

Dalton’s Atomic Theory 

(i) Elements are made from tiny particles called atoms. 

(ii) All atoms of a given element are identical. (WRONG - see isotopes below). 

(iii) The atoms of a given element are different to those of any other element. 

(iv) Atoms of different elements combine to form compounds.  

(v) Atoms cannot be created or destroyed in a chemical reaction they are simply rearranged 

to form new compounds. (Law of conservation of mass). 
 

 2.2 The Discovery of Atomic Structure 

Cathode Rays and Electrons
 

 

• J.J. Thomson, English (1898-1903)—found that when high voltage was applied to an evacuated 

tube, a “ray” he called a cathode ray [since it emanated from the (-) electrode or cathode when 

YOU apply a voltage across it] was produced.  

o The ray was produced at the (-) electrode  

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

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

   Remember: J.J. Thomas discovered the electron but not the charge. 

o He then measured the deflection of beams of e
-

 to determine the charge-to-mass ratio  

 
 
 
 
 
 
 



 
 

• Thomson discovered that he could repeat this deflection and calculation using electrodes of                                                                                 

different metals ∴ all metals contained electrons and  ALL ATOMS contained electrons  

• Furthermore, all atoms were neutral ∴ there must be some (+) charge within the atom and the                                                                                         

“plum pudding” model was born. [the British call every dessert pudding]  
 

• 1911 Ernest Rutherford, England—A pioneer in radioactive studies, he carried out experiments to 

test Thomson’s plum pudding model.  

• o Directed α particles at a thin sheet of gold foil. He thought that if Thomson was correct, then the 

massive α particles would blast through the thin foil like “cannonballs through gauze”.   

• Most of the α particles did pass straight through, BUT many were deflected at LARGE angles and 

some even REFLECTED!  

• Those particles with large deflection angles had a “close encounter” with the dense positive center 

of the atom  

• Those that were reflected had a “direct hit”  

• He conceived the nuclear atom; that with a dense (+) core or nucleus  

• This center contains most of the mass of the atom while the remainder of the atom is empty space!  
 
 

Recall the law of electrostatic attraction: like charges repel and opposite charges attract. 
 

 
 

Several experiments were being carried out in the 19th and 20th centuries that began to identify 

the sub-atomic particles that make up the atom. A summary of those experiments is given below. 

Scientist 
 

Experiment Knowledge Gained Relating to… 

Crookes Cathode Ray Tube Negative particles of some kind 

exist 

Electron 

J. J. Thomson 

 

Cathode Ray 

Deflection 

Mass/charge ratio of the 

electron determined 

Electron 

Millikan Oil Drop 

Experiment 

Charge on the 

electron 

electron 

Rutherford Gold foil exp. Nucleus present in atom Nucleus and proton 

In the first part of the 20th Century, following Chadwick’s discovery of the neutron, Bohr (learn more 

in Ch 6) proposed the idea that the atom was made up of the nucleus containing protons and neutrons that 

was being orbited by electrons in specific, allowed orbits.  

 

 

 



 
Z 
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The Nuclear Atom 

• The plum pudding model is an early picture of the atom. 
• The Thomson model pictures the atom as a sphere with small electrons embedded in a positively 

charged mass. 

• Rutherford carried out the following “gold foil” experiment: 

 • A source of α-particles was placed at the mouth of a circular detector. 
 • The α-particles were shot through a piece of gold foil. 
 • Both the gold nucleus and the α-particle were positively charged = they repelled each other.   
• Rutherford modified Thomson’s model as follows: 
 • Assume the atom is spherical, but the positive charge must be located at the center with a diffuse 

negative charge surrounding it. 
 • Nucleus of the atom must consist of a dense positive charge. 

 

 

2.3 The Modern View of Atomic Structure 

 
3 Subatomic particles: Proton, Neutron, and Electron 

PARTICLE CHARGE MASS POSITION in atom 
 

PROTON +1 1amu Nucleus 

NEUTRON 0 1amu Nucleus 
ELECTRON -1              1/1836 amu 

 
Outside Nucleus 

Amu = atomic mass units 
 

• Nucleus : very small.  Most of the mass of the atom is due to the nucleus. 
• Most of the volume of the atom is due to electrons. 

 
 

Atomic Numbers, Mass Numbers, And Isotopes
 

• Atomic number (Z) = number of protons in the nucleus. 
• Mass number (A) = Protons + Neutrons in the nucleus  

• By convention, for element X, we write . 
 

   

Since all atoms are neutral……. protons = electrons.  

 

When atoms lose or gain electrons they become charged and form ions). 
 
 
 
 

 
 
 
 
 
 



Isotopes: Atoms with the same number of protons and electrons, but different numbers of neutrons  

• This leads to the modification of Dalton’s Atomic Theory point (ii) above, to read. 

o All Atoms of the same element contain the same number of protons and electrons but may 

have different numbers of neutrons. 

• Since it is the electrons in atoms that affect the chemical properties of a substance, isotopes of the 

same element have the same chemical properties. 

 

 

Example:  

1. Consider the following pairs; does either pair represent a pair of isotopes? 

 

(i) 40 K 19 and 40 Ar 18 

 

(ii) 90 Sr 38 and 94 Sr 38 

 

2. Determine the number of protons, electrons and neutrons in, 

 

(i) 210 Pb 82 

 

(ii) 34 S 16 
 

 
 

2.4 Atomic Weights 

On some periodic tables you will find atomic mass numbers that are not integers. What does this 

mean? A good starting point is to analyze what it does not mean.  For example, the atomic mass of Cl is 

often quoted on a periodic table as 35.45 and can be represented by the following symbol; 
35.45 Cl  
17 

This does not mean that there are 17 protons, 17 electrons and 18.55 neutrons in an atom of 

chlorine. It is not possible to have a fraction of a neutron, there can only be a whole number of 

neutrons in an atom.  

 

Average Atomic Masses 

• We average the masses of isotopes to give average atomic masses. 
 

Average atomic mass =  ∑(%of each isotope) (atomic mass of each isotope) 

               100  

 
Example: Natural Carbon consists of 98.93% 12C  and 1.07% 13C  
• The average mass of C is:  
 (98.93)(12 amu) + (1.07)(13 amu) = 12.01 amu.    ****This is the mass listed on the P.T 
     100 

 

 
 
 



AP Chemistry: 1.1-1.4 Moles, Mass Spectrometry, Elemental Composition, and 
Mixtures 

WATCH THIS VIDEO BY SEAN BYRNE TO ASSIST IN THIS QUESTIONS 
 
Answer solved in AP 1.5-1.8 You Tube Video 
 
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. 
 
 
 
 
 
 
 
 
 
 
 
 
 
We can measure atomic masses using a mass spectrometer. 
 • Atomic mass units (amu) are convenient units to use when dealing with extremely small masses of 
individual atoms.  
 

The Mass Spectrometer (lab coming up) – See p. 52 for picture of instrument 

 
Learning Objective Essential Knowledge 

Unit 1.2 

 

SPQ-1.B Explain the quantitative 

relationship between the mass spectrum of 

an element and the masses of the element’s 

isotopes. 

SPQ-1.B.1  The mass spectrum of a sample containing a single element can be 

used to determine the identity of the isotopes of that element and the relative 

abundance of each isotope in nature.  

 

SPQ-1.B.2  The average atomic mass of an element can be estimated from the 

weighted average of the isotopic masses using the mass of each isotope and its 

relative abundance. 

 

The AP Chemistry curriculum for 2014 has added mass spectrometry (mass spec) under Unit 1, as it 

relates to atomic structure, the neutron, and isotopes. 

Background Information 

Mass Spectrometry is a technique used to determine the molecular mass of atoms/molecules in a 

sample. High-‐energy electrons bombard a sample, which ionizes the atoms by ejecting electrons. An 

https://www.youtube.com/watch?v=Fpaq5BWRMvQ&list=PLoGgviqq4845Sy3UfnNh_PljzAptMR7MQ&index=4


electric field is used to separate the ions based on their mass to charge ratio (m/z), and the number of 

atoms at each m/z value is compiled into a mass spectrum. 

Mass spec. of some pure elements shows the existence of elemental atoms with different masses 

(isotopes), which supports the existence of neutrons. Ex. natural copper is made up of two isotopes: 

63
Cu and 65Cu. Mass spec. can determine the ratio of these isotopes, or identify a sample containing 

copper based on this ratio. 

 

 

 

How is Mass Spectrometry incorporated into the AP Chemistry curriculum? 

There is a focus is on interpreting mass spectra, and being able to relate data from the spectrum to 

isotopes and average atomic masses of elements. Additionally, students should be able to explain how 
mass spectrometry data contributes to our current model of the atom and existence of the neutron. 

 

 
College board YouTube AP Chemistry: 1.1-1.4 Moles, Mass Spectrometry,  

Elemental Composition, and Mixtures 
WATCH THIS VIDEO BY SEAN BYRNE: Starting ~ 31 minutes 

 

https://www.youtube.com/watch?v=Fpaq5BWRMvQ&list=PLoGgviqq4845Sy3UfnNh_PljzAptMR7MQ&index=4


Mass Spectroscopy of Elements 

❏ The mass spectrum of a sample containing a single element can be used to determine the 

identity of the isotopes of that element  and the relative abundance of each isotope in 

nature 

 
*fractional abundance is the percentage represented as a decimal.  ie. 80% = 0.80 

 

 
 

20% of Boron atoms have a mass of 10 amu 

80% of Boron atoms have a mass of 11 atm 

Therefore:   

 

Average Atomic Mass of Boron = (0.20 ×  10) + (0.80 ×  11)  = 10.8 

amu 
 

 

 

 

 

 

 

 

 

 

 

 

 

 
 



College board YouTube AP Chemistry: 1.1-1.4 Moles, Mass Spectrometry,  
Elemental Composition, and Mixtures 

WATCH THIS VIDEO BY SEAN BYRNE: Starting ~ 34minutes 

 
The mass spectrum of element X is presented in the diagram below.  Based on the spectrum, what is the 

identity of element X? 

 

 

Example: The following 3 questions refer to the mass spectrum of Compound Y as shown below: 

 

1. Based on the mass spectrum of atom Y, which of the following statements is false? 

a. peak A and peak D come from atoms that have the same number of electrons 

b. there are seven isotopes of atom Y 

c. peak C comes from the most abundant isotope of atom Y 

d. peak D comes from an atom with 4 more protons than the atom that gave peak B 

 

2. The identity of compound Y is: 

a. zirconium 

b. molybdenum 

 
c. americium 

d. einsteinium

https://www.youtube.com/watch?v=Fpaq5BWRMvQ&list=PLoGgviqq4845Sy3UfnNh_PljzAptMR7MQ&index=4


3. Which peak comes from an atom with the greatest number of neutrons? 

 

a. A 

b. all peaks in the spectrum have the same number of neutrons 

c. C 

d. D 

 

Answers: 1 (d), 2 (b), 3 (d) 

 

 

2.5 The Periodic Table 

• The periodic table is used to organize the elements in a meaningful way.  Elements in the 
same groups have similar chemical properties. 

• Rows in the periodic table are called periods. 
• Columns in the periodic table are called groups.  
 • Several numbering conventions are used (A groups are called representative elements 

and B groups are called transition elements). 
 
• Some of the groups in the periodic table are given special names. 
      
  • Group 1A: alkali metals (most reactive metals) 
  • Group 2A: alkaline earth metals 

• Group 6A : chalcogens 
• Group 7A: halogens (most reactive nonmetals) 

  • Group 8A: noble gases 
 
 
 
Metals are located on the left-hand side of the periodic table (most of the elements are metals). 
 • Metals tend to be malleable, ductile, lustrous, and are good thermal and electrical 

conductors. 
• All solids, except mercury (liquid) 

 
Nonmetals  are located in the top right-hand side of the periodic table. 
 • Nonmetals tend to be brittle as solids, dull in appearance, and do not conduct heat or 

electricity well. 

• 11 gases (H, Cl, F, N, O, all noble gases) 
• Also, solids (C, S, P, Se, I) and one liquid (bromine) 

 
Elements with properties similar to both metals and nonmetals are called metalloids.  There are 

8 metalliods.  
 • These include the elements B, Si, Ge, As, Sb, Te, Po, and At.   
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2.6 Molecules and Molecular Compounds 

A molecule consists of two or more nonmetals bound tightly together. 

Molecules and Chemical Formulas 

• Each molecule has a chemical formula. 
• The chemical formula indicates  
 1.  which atoms are found in the molecule, and 
 2.  in what proportion they are found. 
 
A molecule made up of two of the same atoms is called a diatomic molecule.   

• There are ONLY seven (7) diatomics!!! 

• Hydrogen (H2), Nitrogen (N2), Oxygen (O2), Fluorine (F2), Chlorine (Cl2), Iodine (I2), 

Bromine (Br2) 

 

 

 

Molecular and Empirical Formulas 
• Molecular formulas 
 • These formulas give the actual numbers and types of atoms in a molecule. 
 • Examples: H2O, CO2, CO, CH4, H2O2, O2, O3, and C2H4.  
  

• Empirical formulas 
 • These formulas give the lowest whole-number ratio of atoms in a molecule.   
 • Examples: H2O, OH, CO2, CO, CH4, CH2. 
 
The molecular formula and empirical formula can sometimes be the same!  

 

 

2.7 Ions and Ionic Compounds 

• If electrons are added to or removed from a neutral atom, an ion is formed. 
• When an atom or molecule loses electrons it becomes positively charged = CATIONS 
• When an atom or molecule gains electrons it becomes negatively charged = ANIONS. 
 
In general, metal atoms tend to lose electrons and nonmetal atoms tend to gain electrons. 
• When molecules lose electrons, polyatomic ions are formed (e.g. SO4

2–, NO3
–). 

 

Predicting Ionic Charges 

• An atom or molecule can lose more than one electron. 
• The number of electrons an atom loses is related to its position on the periodic table. 

   

 



Atoms, Molecules, and Ions 
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Ionic Compounds = metal + nonmetals  OR metal + polyatomic 

• A great deal of chemistry involves the transfer of electrons between species. 

• Example: 
 •  To form NaCl, the neutral sodium atom, Na, must lose an electron to become a 

cation: Na+.   
 •  The electron cannot be lost entirely, so it is transferred to a chlorine atom, Cl, which 

then becomes an anion: Cl–. 
 •  The Na+ and Cl– ions are attracted to form an ionic NaCl  
• NaCl is an example of an ionic compound consisting of positively charged cations and 

negatively charged anions.   
 
 
 
You must combine cations and anions in a ratio so that the total positive charge is equal to 

the total negative charge.   
 • Example:  Consider the formation of Mg and N: 
  • Mg loses two electrons to become Mg2+ 

  • Nitrogen gains three electrons to become N3–. 
   
  • Therefore, the formula is Mg3N2. 
 
 

Chemistry and Life: Elements Required by Living Organisms 
• *****Carbon is the element of LIFE!! ☺ 
• Of the known elements, only about 29 are required for life. 

• Water accounts for at least 70% of the mass of most cells. 
• More than 97% of the mass of most organisms comprises just six elements (O, C, H, N, P 

and S). 
• Carbon is the most common element in the solid components of cells. 
• The most important elements for life are H, C, N, O, P and S (red). 
• The next most important ions are Na

+
, Mg

2+
, K

+
, Ca

2+
, and Cl

–
 (blue). 

• The other required 18 elements are only needed in trace amounts (green); they are trace 
elements. 
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2.8 Naming Ionic Compounds 

• Chemical nomenclature is the naming rules of substances. 
   

Names and Formulas of Ionic Compounds 

1.  Positive Ions (Cations) 

• Cations formed from a metal have the same name as the metal. 
 • Example: Na+ = sodium ion. 

   
• Many transition metals exhibit variable charge.   
 • If the metal can form more than one cation, then the charge is indicated in parentheses in the 

name. 
  • Examples: Cu+ = copper(I) ion; Cu2+ = copper(II) ion. 
  

• Polyatomic Cations formed from nonmetals end in -ium. 
 • Examples: NH4

+ = ammonium ion; H3O+ = hydronium ion.  

 

 

 

 

 

 

 

 

 

 

2.  Negative Ions (Anions)
 

• Monatomic anions (with only one atom) use the ending -ide. 
 • Example: Cl– is the chloride ion. 
 
Don’t get confused when naming atoms, diatomics and ions!!   
Ex: Cl: chlorine atom 
 Cl2: chlorine molecule 
 Cl-  chloride ION!!  
 
Some polyatomic anions also use the -ide ending:  
 • Examples:  hydroxide, cyanide, and peroxide ions. 
  
Polyatomic anions (with many atoms) containing oxygen are called oxyanions.   



Atoms, Molecules, and Ions 
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 • Their names end in -ate or -ite.  (The one with more oxygen is called -ate.) 
 • Examples: NO3

– is nitrate; NO2
– is nitrite. 

 
Polyatomic anions containing oxygen with more than two members in the series are named as 

follows (in order of decreasing oxygen):  
 • per-….-ate  example:   ClO4

–  perchlorate 
 • -ate       ClO3

–  chlorate 
 • -ite        ClO2

–  chlorite 
 • hypo-….-ite     ClO–  hypochlorite 
 
Polyatomic anions containing oxygen with additional hydrogens are named by adding hydrogen 

or bi- (one H), dihydrogen (two H) etc., to the name as follows: 
 • CO3

2– is the carbonate anion. 
 • HCO3

– is the hydrogen carbonate (or bicarbonate) anion. 
 • PO4

3– is the phosphate ion. 
 • H2PO4

– is the dihydrogen phosphate anion. 

 

3.  Ionic Compounds – lose ad gain electrons to form a compoud 

• cation + anion = ionic compound 
 
 

Examples:  

1. Name the compounds below 

(i) NaCl 

(ii) SrO 

(iii) AlN 

(iv) BaCl2 

(v) K2O 

(vi) CuO 

(vii) Cu2O 

 

 

2. What are the formulas for the following 

ionic compounds? 

(i) Ammonium nitrate 

(ii) Copper (II) bromide 

(iii) Copper (I) bromide 

(iv) Zinc hydrogensulfate 

(v) Aluminum sulfate 

(vi) Sodium perchlorate 

(vii) Copper (II) iodite 
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Names and Formulas of Binary Molecular Compounds

 

• Binary (2 elements) molecular compounds have NONMETALS ONLY!!! – share e- 
• Prefixes are used to indicate the number of atoms (e.g., mono, di, tri). 

 

Rules for Naming Molecular Compounds 

1. No Charges Needed!! 

2. Count the number of atoms for each element. 

3. The number of atoms needs a prefix before the element name. 

 

Mono-  1 (only for Oxygen as 2nd name)   Hexa-  6 

Di-  2       Hepta-  7 

Tri-  3       Octa-  8 

Tetra-  4       Nona-  9 

Penta-  5       Deca-  10 

 

• Don’t forget the –ide ending as well.  

 • Cl2O is dichlorine monoxide. 
 • N2O4 is dinitrogen tetraoxide. 
 • NF3 is nitrogen trifluoride. 
 • P4S10 is tetraphosphorus decasulfide. 
 

 

Example:  

Write formulas or names for the following molecular compounds. 

(i) Dinitrogen tetraoxide 

(ii) N2O5 

(iii) PCl3 

(iv) Phosphorus pentachloride 

(v) SF6  
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Names and Formulas of Acids 

Acids are substances that yield hydrogen ions when dissolved in water (Arrhenius definition).   
• The names of acids are related to the names of anions: 

  

Rules for Naming an Acid  

1. When the name of the anion ends in –ide, the acid name begins with the prefix hydro-, the 

ending of the anion has the suffix –ic and it is followed by the word acid.  

• _____-ide becomes hydro _____ic Acid  

• Cl-  is the Chloride ion so HCl = hydrochloric acid  

2. When the polyatomic anion name ends in –ite, the ending of the anion has the suffix –ous, 

followed by the word acid.  (NO “HYDRO”) 

• _____-ite becomes ______ous Acid  

• ClO2- is the Chlorite ion so HClO2. = Chlorous acid.  

3. When the polyatomic anion name ends in –ate, the ending of the anion has the suffix –ic, 

followed by the word acid.   (NO “HYDRO”) 

• _____-ate becomes ______ic Acid  

• ClO3- is the Chlorate ion so HClO3 = Chloric acid.  

 

BEWARE of SPELLING…..have to add letters back on for sulfur – “ur” and phosphorus – “or” 
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Hydrates 

Hydrates are ionic formula units with water associated with them. The water molecules are 

incorporated into the solid structure of the ions.  
 
Hydrates are also known as Salts (crystals) 

 

To name a hydrate, use the normal name of the ionic compound followed by the term 

hydrate with an appropriate prefix to show the number of water molecules per ionic 

formula unit.  

 

Example:  CuSO4 ∙ 5H2O, copper (II) sulfate pentahydrate. 

 

Strong heating can generally drive off the water in these salts. Once the water has been removed 
the salts are said to be anhydrous (without water). 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

2.9 Some Simple Organic Compounds 

Organic chemistry is the study of carbon-containing compounds.   
 • Organic compounds are those that contain carbon and hydrogen, often in  combination 

with other elements.   

Alkanes 

• Compounds containing only carbon and hydrogen are called hydrocarbons.   
• In alkanes each carbon atom is bonded to four other atoms.   
• The names of alkanes end in -ane.   
 • Examples: methane, ethane, propane, butane.   

 

Alkane Formula: 
 
CnH(n x 2)+2 
 
C6H14 : (n=6) so C6             H(6 x 2 ) + 2 =14 so H14 
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List of Alkane names: 

C=1 

C=2 

C=3 

C=4 

C=5 

C=6 

C=7 

C=8 

C=9 

C=10 

Some Derivatives of Alkanes 

When functional groups, specific groups of atoms, are used to replace hydrogen atoms on 
alkanes, new 

classes of organic compounds are obtained. 
o Alcohols are obtained by replacing a hydrogen atom of an alkane with an –OH group.   
o Alcohol names derive from the name of the alkane and have an -ol ending.   

o Examples: methane (CH4) becomes methanol (CH3OH);  
o ethane (C2H6) becomes ethanol (C2H5OH).   

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
See Handout on my website called “Naming Compounds Flowchart” with 
naming/writing compouds  


