Chapter 2

Atoms, Molecules, and Ions

Chapter Objectives:

This chapter covers the specific chemical background necessary for understanding the material in the next few chapters.  A major goal of this chapter is to present the systems for naming chemical compounds to provide you with the vocabulary necessary to understand chemistry and pursue laboratory studies.
Reading:  Pages 40 – 72

You should be able to:
1. State and understand the laws of conservation of mass and definite proportions.

2. State the basic assumptions of Dalton’s Atomic Theory.

3. Describe the history of the atom.

4. Know the subatomic particles: neutrons, protons, and electrons and their important properties.

5. Define isotopes and know the number of neutrons, protons and electrons from the mass numbers.

6. Describe bonding in molecules, ions, and salts.

7. Explain the general layout of the periodic table and name several common families.

8. Name ionic compounds, covalent compounds, and acids.
CHAPTER 2:  Atoms, Molecules and Ions
2.1  The Early History of Chemistry

A.  Greeks – earth, wind, fire, air


B.  Democritus – Philosopher who coined the term “atom”.
2.2  Fundamental Chemical Laws


A.  Law of Conservation of Mass


1.  “Mass is neither created nor destroyed.”



2.  Translation:  in ordinary chemical reactions, the total mass of the

                                                reactants is equal to the total mass of the products.



3.  It is the reason reactions must be balanced.


B.  Law of Definite Proportions


1.  “A given compound always contains the same proportions of elements

                           by mass”



2.  Translation:  Compounds have an unchanging chemical formula



3.  Example – Water is always H2O.


C.  Law of Multiple Proportions


1.  “When two elements form a series of compounds, the ratios of the

     masses of the second element that combine with one gram of the first

     element can always be reduced to small whole numbers.”



2.  Translation:  Sometimes two elements can come together in more than

     one way, forming compounds with similar, though not identical

     formulas.

3.  Example – H2O and H2O2
2.3   Dalton’s Atomic Theory


A.  Atomic Theory


1.  Each element is made up of tiny particles called atoms, that are

                           indivisible.  (atoms - yes; indivisible - no)



2.  The atoms of a given element are identical.  (not true today)


3.  Chemical compounds are formed when atoms 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.  The atoms

                           themselves are not changed in a chemical reaction.


B.  Avogadro’s Hypothesis


1.  At the same conditions of temperature and pressure, equal volumes of

                          different gases contain the same number of particles.

2.4  Early Experiments to Characterize the Atom

A.  J.J. Thomson


1.  Discovered the electron, using the Cathode Ray Tube experiment.



2.  Reasoned that there must be a positive particle (proton) as well.


B.  Chadwick – discovered the neutron


C.  Millikan


1.  Used the Oil Drop Experiment to calculate the charge of an electron.



2.  Used that calculation to figure out the mass of the electron.


D.  Radioactivity


1.  Gamma (γ) rays – high energy light



2.  Beta (β) particles – high speed electrons



3.  Alpha (α) particles – nuclear particle with a 2+ charge


E.  Rutherford


1.  Did the Gold Foil Experiment.



2.  Most particles went through ( The atom is mostly empty space.



3.  A few bounced back ( The discovery of the nucleus.


F.  Bohr –  Discovered that electrons exist in discrete energy levels (rings) around the nucleus.

2.5  The Modern View of the Atomic Structure:  An Introduction

A.  Shrodinger – The atom looks like a cloud (because we only know the

                                      probability of where electrons are.)


B.  Nucleus


1.  Protons – positively charged



2.  Neutrons – no charge



3.  Relative mass of protons and neutrons are each 1.0 amu.



4.  Small size, high density




a.  The mass of all the cars in the U.S. in an object that would

                                      easily fit in a teaspoon. (If you took out all the empty space.)

C.  Electrons




1.  Negatively charged



2.  Weigh almost nothing (so they don’t contribute to the mass of the atom)



3.  Valence (outer electrons) determine the reactivity of elements.


D.  Atomic number


1.  Number of protons



2.  Identifies the element


E.  Mass number


1.  (# protons) + (# neutrons)     



2.  Electrons are not included because they weigh next to nothing. 

                          (Almost all the mass of an atom is in the nucleus.)


F.  Isotopes


1.  Atoms with the same # of protons (same element), but different # of

                           neutrons (and therefore different atomic masses).



2.  Example:  carbon – 14 and carbon – 12


G.  Average Atomic Mass


1.  Recorded as a decimal on the periodic table because it’s an average of

                            all the isotopes of that element.  



2.  A large number of atoms of the same element will always have the same average

                           atomic mass.

H.  Ions


1.  Atoms that have gained electrons (-) or lost electrons (+) & therefore have a charge.   

I.  Symbols for the elements:

                                                              mass number                                charge                

                                                                                                  Na

                                                              atomic number

                  # protons = 11
                  # neutrons = 12

                  # electrons = 10

2.6  Molecules and Ions


A.  Chemical Bonding:     *  Why?  To become stable      *  How?  Based on the octet rule.



1.  Ionic bonding – attraction of oppositely charged ions due to a reaction

                                                    in which electrons are transferred.

a. Usually occurs between a metal and a nonmetal

b. Exception:  two polyatomic ions (NH4)2SO4  (Covalent bonds hold the polyatomic ions together: SO42- and NH4+, but an ionic bond holds the two polyatomic ions together.)
c. Smallest unit = formula unit:  simplest ratio of ions (not an independent unit)
d.   Ions


1.  cations – positively charged (lost e-)


2.  anions – negatively charged (gained e-)

e.  Ionic Bonding


1.  Bond formed by the attraction between oppositely charged ions.


2.  Ionic bonding forms ionic solids, called salts.


3.  Ions can be monatomic (1 atom) or polyatomic (more than one atom).



2.  Covalent bonding – sharing of electrons




a.  Occurs between 2 nonmetals. 

                                      Exception:  2 polyatomic ions ( (NH4)OH would be ionic, even though it is

                                                                                           made up of all nonmetals.




b.  Smallest unit = molecule: exists as an independent unit


           c.  Representing Molecules (covalent bonds)




    1.  Chemical formula





a.  Symbols for elements and subscripts for number of atoms.





b.  Examples – H2O, CH4



    2.  Structural formula





a.  Visual representation of the bonds.  (Each line = electron pair)

                                         O
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                                                                                               “ball and stick model”                  “space filling model”

d.  Polarity and Intermolecular forces for covalent compounds.


1.  Polarity is an uneven sharing of electrons.  Because the electrons are not shared

               equally, the distribution of charges is “lopsided” so one side of the molecule is slightly

               more negative and one side is slightly positive.


2.  Intermolecular forces (IMF) are weak attractions between one molecule and

                 another.  (A “bond” is different because it is within the molecule.)


3.  There are several types of IMFs:



a.  dipole-dipole – between two polar molecules



b.  dipole induced-dipole – between a polar and a nonpolar



c.  London dispersion – all molecular interactions include these.  They are the

                                                            weakest attraction.  They are the only attractions

                                                             between 2 nonpolar molecules.



d.  hydrogen bonds – They are not really bonds.  They are attractions between

                                                        hydrogen of one molecule and either N, O, or F of a

                                                        different molecule. They are the strongest of the IMFs and

                                                        they are what makes water special.  

2.7  An Introduction to the Periodic Table


A.  Organization:  The staircase separates the metals (left) from nonmetals (right)


1.  Horizontal row = “period”



2.  Vertical column = “group” or “family”




a.  Group 1A – Alkali metals (most reactive metals)




b.  Group 2A – Alkaline earth metals




c.  Group 7A – Halogens (“salt makers”)(most reactive nonmetals)




d.  Group 8A – Noble gases (not reactive)

2.8 Naming Simple Compounds


A.  Ionic Compounds



1.  Name the first element as it is on the periodic table.



2.  Change the ending of the second element to “ide” (unless it’s a polyatomic ion. 

                            Never change polyatomic ion names.)


3.  Check if the first element is a transition metal, lead (Pb), or tin (Sn).  If so, use

                           Roman numerals to show the charge. Ex:  PbO (  lead (II) oxide



4.  Exceptions – silver (+1), cadmium (+2), and zinc (+2) don’t need

                                                Roman numerals.

Try it!  ZnCl2
Cu2O3
NaNO3
PbO2
FeSO4

B.  Covalent Compounds



1.  Use prefixes to show the number of atoms.




	1
	mono
	6
	hexa

	2
	di
	7
	hepta

	3
	tri
	8
	octa

	4
	tetra
	9
	nona

	5
	penta
	10
	deca


Exception:  Don’t use “mono” for the first element.

2.  Change the ending of the second element to “ide”.      
Note:  Watch for tricky ones!   SO3 is sulfur trioxide, NOT sulfite!


         SO32- is sulfite.  Polyatomic ions have charges.  When sulfite bonds to a positive ion, you

                      no longer write the charges, because they are assumed as the source of the bond.  But

                       they are still there!  Example:  CaSO3 is calcium sulfite.             
Try it!  CO

N2O5
SCl8 
D.  Acids (start with H)



1.  Binary acids – “hydro                 ic acid”

                           Ex. H2S ( hydrosulfuric acid



2.  Oxyacids




a.  NO “HYDRO”




b.  If the polyatomic ion’s name is “ate”  ( use “ic”

                                      Ex.  H2SO4 ( sulfuric acid




c.  If the polyatomic ion’s name is “ite” ( use “ous”




      Ex.  H2SO3 ( sulfurous acid

Try it! (NH4)2S

H2CO3
P2O5
MnO 

HCl 

HNO2
Ag3PO4
CaBr2
N2O7
SnF2
E.  Memorize the 7 diatomic elements:  H2, O2, F2, Br2, I2, N2, Cl2
F.  MEMORIZE POLYATOMIC IONS!!!

G.  Peroxides have 2 oxygens with single bonds.  Most likely, the only one you will see in this

     class is H2O2 ( hydrogen peroxide.  Memorize it!

H.  Naming hydrates (compounds with a certain # of water molecules bonded.)



1.  Name the ionic compound normally.



2.  Use the prefixes to tell the number of water molecules + “hydrate”.



Example:  Na2SO4*3H2O  (  sodium sulfate trihydrate

                    (Note:  The symbol “*” does NOT mean multiplication…it just shows that

                                the water molecules are bonded to the ionic compound.)

Writing Formulas


1.  Ionic:  Write the element symbols.  Write charges.  Criss-cross.  Simplify.



2.  Covalent:  Use prefixes for subscripts.  (No charges, no criss-cross.)



3.  Acids:  Start with H.  Use name for the rest.  Write charges.  Criss-cross.  
Try it!  

Copper (II) sulfide

Dicarbon hexahydride 

Phosphoric acid

Iron (III) phosphide 

Calcium hydroxide

Hydroiodic acid

Cadmium fluoride
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