Week Three September 27-October 1, 2010

Lecture

Review: Any sample of matter may be classified as a mixture, an element, or a compound based upon certain observable properties of a sample large enough to see and handle.

Now we have to look at the ultimate structure of matter, the nature of the smallest particles of matter.
1. From 400 B.C. until the founder of modern science, Francis Bacon, proposed the scientific method, there were two schools of thought about the structure of matter. Both were based upon reasoning.

a. Matter could be subdivided into smaller and smaller particles until a particle so small was reached that further division was impossible. These particles were called atoms by the ancient Greeks (def. indivisible).

b. Others though that matter could be better described as being continuous.

Once the Atomic Theory became accepted and used to explain matter, it proved very useful in the development of chemistry.

2. Some Laws of Chemistry (remember that scientific laws start as hypotheses, which after repeated testing, may becomes theories. Persistent testing may then establish what was once a hypothesis as a law).
a. Avogadro’s Law was first stated as a hypothesis in the early 1800’s by Amedeo Avogadro when he said that the number of molecules present in a given volume of any one gas would always equal the number of molecules of any other gas at the same temperature and pressure. This hypothesis was ignored for 50 years because the difference between atoms and molecules was not understood and the hypothesis could not be reliably tested. When the distinction between atoms and molecules became clear, Avogadro’s hypothesis withstood testing and predicted a number of chemical facts. It was then considered a theory. Today it has been so well confirmed that we know it as Avogadro’s Law.
b. The Law of Constant Composition- the proportions by weight of the elements present in samples of any pure compound are always the same.
c. The Law of Multiple Proportions- A law proposed by Dalton which states that when elements combine, they do so in the ratio of small whole numbers.  For example carbon and oxygen react to form CO or CO2, but not CO1.8
3. Dalton’s Atomic Theory

a. Elements are composed of small particles that are called atoms and cannot be divided into anything smaller.


b. All of the atoms of an element are the same while those of different elements are different from each other.


c. Compounds are formed by the combining of atoms.


d. Atoms of two or more elements may combine in more than one ratio to form more than one compound.

Dalton’s Atomic Theory explained why the Law of the Conservation of Mass (the mass of substances produced (products) by a chemical reaction is always equal to the mass of the reacting substances (reactants)) was true (atoms are indestructible and only rearranged in different compounds).

Dalton’s Atomic Theory explained why the Law of Constant Composition was true (compounds are formed by definite combinations of atoms and the atoms are the same for each element).

Dalton’s Atomic Theory explained why the Law of Multiple Proportions was true (atoms have fixed weights so changing numbers of atoms would change relative weights as whole number ratios).
4. Chemists came to realize that the weight of an atom was a fundamental property and that different elements could be distinguished on this basis, so relative weights were experimentally deduced. These weights became known as equivalent, or combining, weights.
Since most elements could be made to react with oxygen or to liberate hydrogen, these two elements were used as the standards for equivalent, or combining, weights (the weight of an element that will combine with or displace 8g of oxygen or 1.008 g of hydrogen).

6. Atomic weights for the elements are relative weights and were determined through experimentation with combining weights. The reference value chosen was the atomic weight (16) of the element oxygen. This gave a value of @1 for the lightest element, hydrogen. We define atomic weight as the relative weight of 1 atom of an element compared with the weight of 1 atom of oxygen taken as 16. (Sometimes carbon-12 is used as the standard with its atomic weight of 12.0)
7. Molecular weight is determined by adding the atomic weights of the atoms in each molecule.

8. Actual atomic weights and the mole

a. If we knew the number of atoms in 16 grams of oxygen, we could determine the weight of 1 atom through simple division.


b. The number of atoms in 16 g. of oxygen has been experimentally determined to be 6.03 x 1023 atoms and this is called Avogadro’s Number.

c. The gram atomic weight of an element is the weight of 6.03 x 1023 atoms of the element (the number of grams of an element that will equal its atomic weight).


d. Likewise the gram molecular weight of a substance is equal to the weight of 6.03 x 1023 molecules of the substance with the same rules applying (6.03 x 1023 atoms of O combine with 12.06 x 1023 atoms of hydrogen to make 6.03 x 1023 molecules of water).

e. A quantity of 6.03 x 1023 atoms or molecules or ions is called 1 mole.

STUDENT HANDOUT
Modern Atomic Theory
Daltons Atomic Theory, circa 1808

JJ Thomsons Cathode Ray Experiment, 1897

In the late 1800s many scientists were experimenting with electricity to determine its nature and what it was. 

The experiment: Thomson demonstrated that electricity in the cathode ray tube could be deflected by positive and negative charges (towards (+) and away from (-)). He also showed that the ray would actually spin and move a paddlewheel inside the tube. 
 The conclusions:
Electricity is composed of particles of matter (electrons).

Electrons are negatively charged.

Electrons are very small. 

Robert A. Millikans Oil Drop Experiment, 1909

Millikan showed that the mass of an electron is in fact 1/2000 of the simplest type of hydrogen atom. His experiment also showed that the charge to mass ratio was very high. This means that although the mass of an electron is much smaller than that of a Hydrogen atom it has about the same size charge as a negative ion of hydrogen.
Enerst Rutherfords Gold Foil Experiment, 1911 
The Experiment: Rutherford shot alpha particles (hydrogen nuclei) at a thin gold foil. As he expected most went right through the foil. Unexpectedly however, some were deflected slightly, and a few even bounced back. This was startling information. 

The Conclusions: 
The atom is composed mostly of empty space.

There is a small but very dense central core known as a nucleus.

The Nucleus has positive charge.

Neils Bohr's Light Experiment, 1913

Bohr experimented with how gases absorb and re-emit light in only specific colors (energies). His experiment showed that the electrons orbit the nucleus in definite orbitals of specific energy. 

Modern Atomic Theory - Quantum Theory. 
Many scientists have contributed to the atomic theory since those listed above. Some notable names are Einstein, DeBroglie, Schrodinger, and Heisenberg. Quantum theory has shown us that the electrons although they are particles also exhibit properties of waves. Now we think of the atom as a nucleus that is surrounded by probability clouds. The clouds represent the most probable locations of electrons. We still refer to these clouds as orbitals. The size and shapes of the orbitals may be calculated mathematically by using the equations for the waves.

Anatomy of an Atom

Atomic Structure

The following table summarizes the parts of the atom and their arrangement within the atom.

	Particle
	Symbol
	Mass
	Charge
	Location

	neutron
	no
	~1 amu.
	(0)
	nucleus

	proton
	p+
	~1 amu.
	(+)
	nucleus

	Electron
	e-
	~ 1/1838 amu.
	(-)
	electron cloud


 

Atomic Number (Z)

The atomic number is the number of protons in an element’s atoms. The atomic number is the sole factor that determines the identity of the atom.

Atomic Mass and Mass Number

The atomic mass is the mass of a single atom. Because the mass of an atom is primarily due to the nucleons (protons and neutrons) we assign a mass number to an atom. The mass number is simply the sum of the protons and neutrons and therefore an approximation of the mass of the atom. Mass numbers are always whole numbers.

Isotopes are atoms of the same element that differ in number of neutrons. For example, Carbon-12 and Carbon-14 are two isotopes of carbon. They differ in that C-12 has 6 neutrons and C-14 has 8 neutrons. The number of protons and electrons in each are identical.

Ions are atoms of an element that are charged due to the loss or gain of electrons.

Ions are symbolized by there symbol followed by their charge written as a superscript. I.e. H+, Mg2+, Br-.

 

Mole Concept: Counting Atoms

Definition of Mole, Avogadros Number
A mole is defined as the amount of any substance that contains as many particles as there are atoms in exactly 12 g. of carbon-12.

This number is known as Avogadro's number and is equal to 6.022 1367x1023. For most purposes Avogadro's number is rounded to 6.02x1023.

Avogadros number is used as a conversion factor between the number of particles and the number of moles.

Molar Mass 
Molar mass is defined as the mass of exactly one mole of a substance. 

The molar mass in grams is numerically equivalent to the average atomic mass for any element.

The molar mass of a compound is equal to the sum of the molar masses for each element in the element.

The molar mass of a substance is used as a conversion factor between the mass of a substance and the number of moles.

Atom/Mole Conversions
To convert from moles to number of atoms:
	# moles x
	6.02x1023 atoms
	= #atoms

	 
	1 mole
	 


Example: 
	23.5 moles x
	6.02x1023 atoms
	= 1.41x1025atoms 

	 
	1 mole 
	 


Notice how the units cancel to leave you with the correct units.

To convert from number of atoms to moles:
	# atoms x
	1 mole
	= #moles

	 
	6.02x1023 atoms
	 


Example: 
	3.50x1024atoms x
	1 mole
	= 5.81 moles 

	 
	6.02x1023 atoms 
	 


Notice how the units cancel to leave you with the correct units.

 
Mass/ Mole Conversions
To convert from moles to mass:
	# moles x
	molar mass (g)
	= mass (g)

	 
	1 mole
	 


Example 1: 
	15.9 moles C x
	12.011 g. C
	= 191 g. C

	 
	1 mole C 
	 


Example 2: 

	3.60 moles Mg x
	24.305 g. Mg
	= 87.5 g. Mg

	 
	1 mole 
	 


Notice how the units cancel to leave you with the correct units.

To convert from mass to moles:
	Mass (g) x
	1 mole
	= mole

	 
	Molar mass(g)
	 


Example 2: 
	43.7 g. O x
	1 mole O
	= 2.73 mole O

	 
	15.9994 g. O 
	 


Example 2: 

	19.2 g. Br x
	1 mole Br
	= 0.240 mole Br

	 
	79.904 g. Br 
	 


Notice how the units cancel to leave you with the correct units.

