Unit 3 Quantum Mechanics: Name ___________________________________________ Hour ________
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[> Big Idea

‘Quantum theory provides a foundation for the atomic model
‘and the understanding of electron behavior and arrangement.

[> Core Concepts

+ Electrons are arranged in main energy levels with sublev-
els that speciy particular shapes and geometry.

- Evidence for the movement of electrons between diffrent
eneray levels can be observed through absorption and
emision spectra.

[> Inquiry, Reflection and
Social Implications
€121 Explain progressions of ideas.
tudents may explain the evoution of atomic theory.
For example studens can compare tomic models
i o Rutheford with the Sohr model and lecton
doud

CLIE  Give evidence to support condlusions
Students can use flame test or emission spectra evi-
‘dence torelate emissions to quantum theory.

€111 Distinguish between consensus and on-going
resaarch
Students may examine new research in the field of
quantum theory.




Vocabulary:

	Absorbance spectrum
Atomic motion
Bright line spectrum
Chemical bond
Electromagnetic field
Electromagnetic radiation
Electromagnetic spectra
Electromagnetic wave
	Electron
Electron configuration
Emission spectra
Energy level
Excited state 
Kernel
Ground state
Orbitals

	Probability
Quantum energy 
Quantum numbers
Release of energy
Sublevel
Valence electrons
Wave amplitude
Wavelength


	Code
	Unit 3 Quantum Mechanics
	Textbook Reference

	C2.4x
	Electron Movement For each element, the arrangement of electrons surrounding the nucleus is unique. These electrons are found in different energy levels and can only move from a lower energy level (closer to nucleus) to a higher energy level (farther from nucleus) by absorbing energy in discrete packets. The energy

content of the packets is directly proportional to the frequency of the radiation. These electron transitions will produce unique absorption spectra for each element. When the electron returns from an excited (high energy state) to a lower energy state, energy is emitted in only certain wavelengths of light, producing an emission spectra.
	

	C2.4a
	Describe energy changes in flame tests of common elements in terms of the (characteristic) electron transitions.
	Sci, Tech, & Soc 11.B

Page(s) 254

	C2.4b
	Contrast the mechanism of energy changes and the appearance of absorption and emission spectra.
	Section(s) 11.6,11.9

Sci, Tech, & Soc 11.C 

Page(s) 255,262,258

	*C2.4c
	Explain why an atom can absorb only certain wavelengths of light.
	Section(s) 11.1,11.6

Sci, Tech, & Soc 11.C 

Page(s) 245,255,258

& Teacher Supplement

	*C2.4d
	Compare various wavelengths of light (visible and non-visible) in terms of frequency and relative energy.
	Section(s) 11.6

Page(s) 255

	C4.8x
	Electron Configuration Electrons are arranged in main energy levels with sublevels that specify particular shapes and geometry. Orbitals represent a region of space in which an electron may be found with a high level of probability. Each defined orbital can hold two electrons, each with a specific spin orientation. The specific assignment of an electron to an orbital is determined by a set of 4 quantum numbers. Each element and, therefore, each position in the periodic table is defined by a unique set of quantum numbers.
	

	*C4.8e
	Write the complete electron configuration of elements in the first four rows of the periodic table.
	Section(s) 11.4

Page(s) 251

	C4.8f
	Write kernel structures for main group elements.
	Teacher Supplement

	*C4.8g
	Predict oxidation states and bonding capacity for main group elements using their electron structure.
	Section(s) 5.6,12.5,20.2

Page(s) 93,280,480

	C4.8h
	Describe the shape and orientation of s and p orbitals.
	Section(s) 11.3

Page(s) 248

	C4.8i
	Describe the fact that the electron location cannot be exactly determined at any given time.
	Section(s) 11.2,11.10

Page(s) 247,264

	                                                Inquiry, Reflection and Social Implications

	C1.2i
	Explain progressions of Ideas: Students may explain the evolution of atomic theory. For example students can compare atomic models prior to Rutherford with the Bohr model and electron cloud.
	

	C1.1E
	Give evidence to support conclusions: Students can use flame test or emission spectra evidence to relate emissions to quantum theory.
	

	C1.1i
	Distinguish between consensus and on-going research: Students may examine new research in the field of quantum theory.
	


* Priority Expectations
C2.4d: The Electromagnetic Spectrum: 
http://missionscience.nasa.gov/ems/01_intro.html
Nature of Light

https://youtu.be/XB-iLRsq8A8
How Light Travels: 

https://youtu.be/di-oDQgr3co
The spectrum is the arrangement of all the various forms of electromagnetic radiation in order of decreasing wavelengths or increasing frequencies. 
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                                                         Increasing Energy

Examples of using electromagnetic radiation include listening to the radio, using a microwave oven, a remote control, or a cell phone. The bright lights of a neon sign, getting an x-ray, or even a rainbow are also examples of electromagnetic radiation. All of these are different examples of light energy known as electromagnetic radiation that travels as waves through space. Visible light at wavelengths from 700 to 400 nm is the only form of light our eyes can detect. The longer the wavelength, the lower the energy is. The wavelength is the distance from one peak to another and the frequency is the number of waves that pass a certain point in 1 second. [image: image3.png]smplitude
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Practice Skill: After reading page 2 and the top of page 3 compare the various wavelengths of light (visible and non-visible) in terms of the frequency and relative energy. Study the diagrams before you answer.
Claim:

Evidence:

Reasoning: 

C1.2i: The Wave-Mechanical Model 
String Theory: Quantum Mechanics http://www.pbs.org/wgbh/nova/elegant/media2/3012_q_05.html
In the early 1920’s it was becoming apparent that there were some difficulties with the Bohr model of the atom. One difficulty was that Bohr used classical physics to calculate the orbits of the hydrogen atom but this could not be used to explain the ability of electrons to stay in only certain energy levels without the loss of energy. The Bohr model could also not be used to explain that the only change of energy occurred when an electron “jumped” from one energy level to another and could not exist in the atom at any energy level between these levels. In short classical physics could be use to explain how a baseball travels in three dimensional space but it could not be used to explain how an electron travels in three dimensional space, at the subatomic level; the level of the atom. A new approach to the laws governing the behavior of electrons inside the atom was needed and such an approach was developed in the 1920’s by the combined work of many scientists. Their work dealt with a more mathematical model usually referred to as quantum mechanics or wave mechanics. 
C1.2i, C4.8h, C4.8i: Quantum Mechanics: Electrons Particles or Waves? http://www.teachersdomain.org/asset/phy03_vid_quantum/
Like light, electrons have properties of both waves and particles (matter). Because a wave extends in space in all directions, its location is not precisely defined. In 1927 Werner Heisenberg stated what is now called the uncertainty principle. This principle states that it is impossible to know both the precise location and precise momentum of an electron at the same time. Heisenberg along with Erwin Schrodinger developed the complex equations that describe the wave mechanical model of the atom. The solution of these equations gave specific wave functions called orbitals. These were not at all related to the Bohr orbits. The electron was not moving in a circular orbit in this model but contained within highly specific regions called orbitals. The best that can be done is to calculate a probability of finding an electron within these orbitals (s, p, d, and f). 
Practice Skill: 

1. Visible light contains colors from red to violet.


a. What color has the shortest wavelength? ______________________________


b. What color has the lowest frequency? ________________________________
2. Arrange the following in order of increasing frequencies: X-rays, ultraviolet light, FM radio waves, and microwaves. _____________________________________________________________________________________

3. How does light with a wavelength of 100 nanometers (nm) compare to light with a wavelength of 800 nm?


A. The 100-nm light has a higher frequency and lower energy than the 800-nm


      light.


B. The 100-nm light has a higher frequency and higher energy than the 800-nm


      light.


C. The 100-nm light has a lower frequency and lower energy than the 800-nm


      light.


D. The 100-nm light has a higher frequency and higher energy than the 800-nm


      light.
4. Which statement regarding red and green visible light is correct?

A. The speed of green light is greater than that of red light.

B. The wavelength of green light is longer than that of red light.

C. The energy of green light is lower than that of red light.

D. The frequency of green light is higher than that of red light.

5. The difference between visible light and x- rays is that

A. the amplitude of visible light is greater.       C. they travel through a different medium.


B. the speed of X rays is greater.

         D. the frequency of X rays is greater.

6. The quantum mechanical model of the atom describes the probability of finding an electron in a region of space around the nucleus. Why is the term “probability” used?
A.  The term is used due to the spin of an electron.


B.  The model does not define the exact path an electron takes.


C.  The model defines the speed and position of an electron.


D.  The quantum mechanical model is primarily mathematical.
7. Which statement best describes the location of an electron in an atom?


A. The electron is found somewhere within an electron “cloud” since the electron

                 is in constant motion.


B. The electron is found at a single point in one of the electron’s orbitals 

                surrounding the nucleus.


C. The electron is found either in the center of the atom or in the outermost

                 energy level.


D. The electron is found in constant vibrating motion inside the nucleus.

 [image: image4.emf]
8. The above diagram depicts a hydrogen atom. Schrodinger developed the probability function for the hydrogen atom. The probability function describes a cloud like region surrounding the nucleus of an atom where


A. an electron is likely to be found.



B. a proton may be found.



C. the Aufbau principle exists.



D. a neutron can be found.

C4.8h: Quantum Mechanics and Atomic Orbitals

Orbitals http://www.colby.edu/chemistry/OChem/DEMOS/Orbitals.html
Atomic Orbitals http://winter.group.shef.ac.uk/orbitron/AOs/1s/index.html
Quantum Numbers https://youtu.be/_sCJsoXh78Y
The quantum mechanical model of the atom is a mathematical model that incorporates both wave and particle characteristics of electrons in atoms. Quantum numbers arise from the quantum mechanical model of the atom and describe properties of electrons and orbitals. Each electron in an atom has assigned to it a series of four quantum numbers. The table lists the orbital or electron characteristic of each quantum number and the possible values each can have. 

	Quantum Number
	Principal
	Azimuthal
	Magnetic
	Spin

	Symbol
	n
	l
	ml
	ms

	Possible Values
	1, 2, 3, 4….∞
	0,1,2,3….n-1
s,p,d,f
	-l, …0….+l
	+/- 1/2

	Electron/Orbital Characteristic
	Size
	Shape
	Orientation
	Magnetic spin


For the azimuthal quantum number letters (s,p,d, & f) are often used instead of the numerical values. For example s is used instead of 0 and p is used instead of 1. The principal quantum number is in reference to the individual energy levels; n = 1 refers to the 1st energy level, n = 2 refers to the 2nd energy level...Etc. The second quantum number (azimuthal) refers to the orbital shape. The third quantum number (magnetic) refers to the orientation in space and the fourth quantum number (spin) refers to how electrons will orient themselves with opposite spins next to each other. Within each orbital up to 2 electrons can be housed. Since electrons have negative charges and like charges repel each other, the idea is that the only way they will occupy the same space is by having opposite spins. 
C4.8h: Representations of Orbitals

An orbital (or the square of a wave function) is a calculated probability of finding an electron of a given energy in a region of space. 

There is one s-orbital.                                              The p-orbitals contain 3 orbitals.
          [image: image5.png]
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The d-orbitals contain 5 orbitals.
     [image: image7.png]


             [image: image8.png]d2 d2.2
7 -y




Common misconception: An orbital is not the same as an orbit. An orbital is not a defined path of an electron but a 3-dimensional probability density distribution where an electron is likely to be found in the space surrounding the nucleus of an atom.

Electron-electron repulsions cause different sublevels to have different energies. The following diagram is convenient for determining the relative energies from lowest to highest of each sublevel. 

[image: image9.png]



Summary of Principal Energy Levels, Sublevels, and Orbitals:
	Principal Energy Level
	Number of Sublevels
	Type of Sublevel

	n = 1
	1
	1s (1 orbital)

	n = 2
	2
	2s (1 orbital), 2p (3 orbitals)

	n = 3
	3
	3s (1 orbital), 3p (3 orbitals), 3d (5 orbitals)

	n = 4
	4
	4s (1orbital), 4p (3 orbitals), 4d (5 orbitals), 4f (7 orbitals)


Practice Skill: 

1. Draw an s and a p orbital in the following spaces along the axes.

	s-orbital

    [image: image10.png]



  
	p-orbitals
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2. How many orbitals are in the following sublevels?


a. 3p sublevel _________________

d. 4p sublevel __________________


b. 2s sublevel _________________

e. 3d sublevel __________________


c. 4f sublevel _________________

f. third principal energy level ______

3. Choose the term that best completes the second relationship.

a. orbital: energy level

apartment:________



(1) floor
(3) building



(2) room
(4) stairway


b. water: container
electrons:_______



(1) frequency
(3) nuclei



(2) sublevel 
(4) orbitals
Lab Activity: C1.1D, C4.8h: Target Sheet for Lab: Locating an Electron in a H atom by Analogy






Locating an Electron in a Hydrogen Atom by Analogy & Determining its Orbital Shape 

1. Working with your partner place a sheet of carbon paper (face down) between two target sheets (both face up).
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2. Take a marble and drop it from a height of about six feet, at arm’s length above your head while aiming at the bull’s-eye. Make sure your partner catches the marble on its first bounce. Do not let the marble bounce more than once on the paper. 

3. Repeat the dropping 100 times. 

4. Count the number of dots in each ring and record it on the chart on the below in column D.

	A.
	B.
	C.
	D.
	E.

	Ring Number
	Average Distance

From Bull’s-eye (cm)
	Area of the ring (cm2)
	Number of Dots in Ring
	Dots Per Unit Area (cm2)-1
    Dots___
Unit Area

	1
	0.5
	3
	
	

	2
	2.0
	25
	
	

	3
	4.0
	50
	
	

	4
	6.0
	75
	
	

	5
	8.0
	100
	
	

	6
	10.0
	126
	
	


5. Calculate the dots/cm2 (column D ÷ column C) and record it in column E.

6. On a separate sheet of graph paper plot a graph of dots/cm2 versus the average distance from the bull’s-eye. Place Dots Per Unit Area (dots/cm2) – this is column E, on the y-axis and place Average Distance From Bull’s-eye (cm) on the x-axis. 

7. After graphing answer the following:


A. Where are most of the dots found on your target sheet? ________________________________________________________________________________________________________________________________________________________________________________


B. On the target sheet what do each of the concentric circles represent?

________________________________________________________________________________________________________________________________________________________________________________


C. On the target sheet what does the bull’s-eye represent?

_______________________________________________________________________________________________________________________________________________________________________________


D. What are the dots a representation of? ________________________________________________


E. Within a hydrogen atom can you find the exact location of an electron? Explain.

________________________________________________________________________________________________________________________________________________________________________________


F. Based upon your analogy of a hydrogen atom and electron location, what is the shape of the orbital 
                within the hydrogen atom?

 ______________________________ What is the name of this orbital? ______________________________

C4.8e: Electron Configuration

The electrons for each neutral element can be found by looking at the atomic number for that element from the periodic table. The question that must be answered by electron configuration is, “Where all of those electrons are located?” We assume that each element exists at its lowest energy state, the ground state, for most of the time. For an element to exist at an excited state for long periods of time would require large amounts of energy. Most inanimate objects exist at their lowest energy state. 

Orbital Capacity and Electron Spin:

The Pauli Exclusion Principle states that an orbital can hold a maximum of 2 electrons. An electron is seen as spinning on its axis, which generates a magnetic field. When 2 electrons are in the same orbital as mentioned earlier, they must have opposite spins. Note the number of electrons that each orbital can hold taking into account the number of sub-orbitals within each orbital:
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The following is a device to determine the relative energies of sublevels, the lower energy sublevels start at the top of the chart and increase in energy in the direction of arrows (tail to head). Electron Configuration: https://youtu.be/2AFPfg0Como
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Number of electrons in the s-orbital in the 1st energy level

Carbon has 6 electrons. The electron configuration for carbon is 1s22s22p2



Number of electrons in the p-orbital in the 2nd energy level

Example 1: Write the electron configuration for sodium (Na).

a. Na’s atomic number is 11, which means it has 11 electrons we must account for.

b. Na is in the 3rd energy level.

c. Begin at the top of the diagram 1s, at this level 2 of Na’s electrons are held = 1s2.

d. Follow the arrow to 2s, at this s-orbital in the 2nd energy level 2 more of Na’s 

      electrons are held = 2s2.

e. Continue to follow the arrows to 2p, here a total of 6 of Na’s electrons are held = 2p6.

f. So far we have accounted for a total of 10 electrons and we need to account for one more. Continue to follow the arrows to 3s. At the 3rd energy level in an s-orbital 1 electron is held, this is the last electron, the valence electron for Na = 3s1. 

g. Look at the complete configuration for Na: 1s22s22p63s1.

There is another method for looking at the filling of orbitals with electrons. Look at the periodic table for the position of the orbitals: Electron Configuration: https://youtu.be/igxUYzbQO7s    https://youtu.be/Uj1hdwTYyAI
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Notice if you count the boxes within each energy level and sublevel (orbital) you will have the maximum number of electrons that can be held by that particular orbital. 
Example 2: Write the electron configuration for oxygen (O).

a. Start with the 1st energy level and notice it is an s-orbital also notice there are 2 boxes = 1s2.

b. Go to the 2nd energy level starting from the left you are still in the s-block = 2s2.

c. Continue across the 2nd energy level to the p-block until you get to oxygen, this will be 4 boxes = 2p4.

d. Look at the complete configuration for O: 1s22s22p4. 

Practice Skill: Using either method, write electron configurations for the following elements:

	Element
	Electron Configuration
	
	Element 
	Electron Configuration

	H
	
	
	Na
	

	He
	
	
	Mg
	

	Li
	
	
	Al
	

	Be
	
	
	Si
	

	B
	
	
	P
	

	C
	
	
	S
	

	N
	
	
	Cl
	

	O
	
	
	Ar
	

	F
	
	
	K
	

	Ne
	
	
	Ca
	


3 Rules for Electron Configuration:
1. Aufbau principle – electrons occupy orbitals of lowest energy first

2. Pauli exclusion principle – to occupy the same orbital each electron must have an opposite spin (only 2 electrons per orbital)

3. Hund’s rule – one electron fills each orbital until all have one electron, then they pair up until they have 2 electrons per orbital
Exception to Rule:

· Some actual electron configurations differ from those assigned using the Aufbau principle & Hund’s rule because half-filled sublevels are not as stable as filled sublevels, but they are more stable than other configurations.

· Cr, Cu, Ru, and Pd are exceptions 
Stability

· Filled > half filled > partially filled

· Cr  4s2 ↑↓  3d4 ↑ ↑ ↑ ↑ _ unstable

· Cr  4s1 ↑  3d5 ↑ ↑ ↑ ↑ ↑  stable

· Cu 4s2 ↑↓ 3d9 ↑↓  ↑↓  ↑↓  ↑↓  ↑  unstable

· Cu 4s1 ↑  3d10 ↑↓  ↑↓  ↑↓  ↑↓  ↑↓  stable
Electron Configuration Orbital Representation: http://intro.chem.okstate.edu/WorkshopFolder/Electronconfnew.html
Energy Levels and Electron Configuration:
As energy levels increase the electrons in them are farther away from the nucleus. Notice in the diagram below that the transition metals (the d-block) for the 4th energy level drop back to the 3rd energy level. In part this is due to the fact that electrons prefer to be closer to the nucleus as well as that at this point there is an extreme crowding of electrons and things get more complicated. The transition metals (d-block) will move down one energy level. The Lanthanides and Actinides (f-block) will move down two energy levels.
	Look at the following diagram and notice that at the 
4th level the 4s ( 3d and not 4d, after this ( 4p.

	At the 5th level the 5s ( 4d ( 5p. 



	At the 6th level the 6s ( 4f ( 5d (6p.


	At the 7th level the 7s ( 5f (  6d ( 7p
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C4.8f: Simplifying Electron Configuration-Kernel Structure or Shortened Version: A kernel structure is a short hand method for writing electron configuration for atoms and ions. A kernel is an inert gas symbol in brackets that stands in place of all of the filled orbitals contained in that inert gas. It is also called the base unit or shortened version.

Example 
He = 1s2 = [He]

Ne = 1s2 2s2 2p6 = [Ne]

Ar = 1s2 2s2 2p6 3s2 3p6 = [Ar]
How do you write Be and Na using Kernel Structures?

Look for the noble gas found before the atom of interest. 

Be = 1s22s2
The previous noble gas for Be is He, therefore write

[He]2s2
Na = 1s22s22p63s1
The previous noble gas for Na is Ne, therefore write

Na = [Ne] 3s1 

Practice Skill: Using kernel structures write the electron configuration for the following:
	Element
	Electron Configuration
	
	Element 
	Electron Configuration

	Mg
	
	
	Co
	

	Ar
	
	
	Ni
	

	K
	
	
	Cu
	

	Ca
	
	
	Zn
	

	Sc
	
	
	Ga
	

	Ti
	
	
	Ge
	

	V
	
	
	As
	

	Cr
	
	
	Se
	

	Mn
	
	
	Br
	

	Fe
	
	
	Kr
	


Explain why Cr and Cu are exceptions to the rules for electron configuration. ______________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________

Electron Orbital Representation

The Periodic Table: Click on Electron Configuration
http://www.teachersdomain.org/asset/lsps07_int_graphperiodic/


The process of electron orbital representation is very similar to that of electron configuration. The same energy levels are used. The order in which the orbitals are filled is also the same. The difference in orbital representation lies in the fact that every sub-orbital must be drawn along with every electron. The sub-orbital is drawn as a circle or box. As before, two electrons can fit into each sub-orbital. The sub-orbital drawings are done as follows:
s-orbital = [image: image17.png]



p-orbital = [image: image18.png]



d-orbital = [image: image19.png]



f-orbital = [image: image20.png]



Filling Orbital Representations:
1. Aufbau principle – electrons occupy orbitals of lowest energy first
2. Pauli exclusion principle – to occupy the same orbital each electron must have an opposite spin (only 2 electrons per orbital)- these will be represented by up & down arrows ↑↓
3. Hund’s rule – one electron fills each orbital until all have one electron, then they pair up until they have 2 electrons per orbital

Example 1:

Write the electron orbital representation for the element nitrogen.
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The first 4 electrons are easy to place because there were no multiple orbitals. The last 3 electrons had to be placed in separate orbitals. 


Example 2: 

Write the electron orbital representation for the element calcium.
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Example 3:


Write the electron orbital representation for the element sulfur.
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For S we did not have enough electrons to fill the 3p orbitals. So we were required to place a single electron in each orbital before placing the second electron in the first orbital. This arrangement shows sulfur with the proper number of single electrons to make the two bonds all members from its family make. Remember that S will gain two electrons to become S2- , well these 2 electrons will be accepted in the two 3p orbitals.
Practice Skill: Write the orbital representations for the following:
	Element
	Electron Orbital Representation

	K

	

	Ca

	

	Sc

	

	Ti

	

	V

	

	Cr

	

	Mn

	

	Fe

	

	Co

	

	Ni

	

	Cu

	

	Zn

	

	Ga

	

	Ge

	

	As

	

	Se

	

	Br

	

	Kr

	


C2.4c, C2.4b, C2.4a: Ground State Electron Configuration: Electron arrangement for each element is unique and individual. The lowest energy state possible is called the ground state. All of the electron configurations you have written so far are in the ground state. Under certain conditions, electrons are able to move from one energy level or orbital to another by emission or absorption of a quantum (a unique and specific amount) of energy, in the form of a photon (a packet of energy). In other words these elements can absorb or release light energy but only at specific and unique wavelengths.
Electron Movement:

Electron Movement For each element, the arrangement of electrons surrounding the nucleus is unique. These electrons are found in different energy levels and can only move from a lower energy level (closer to nucleus) to a higher energy level (farther from nucleus) by absorbing energy in discrete packets. The energy content of the packets is directly proportional to the frequency of the radiation. These electron transitions will produce unique absorption spectra for each element. When the electron returns from an excited (high energy state) to a lower energy state, energy is emitted in only certain wavelengths of light, producing an emission spectra.
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Continuous spectrum: When light is passed through a prism it is separated spatially according to wavelength. A continuum spectrum results when the gas pressures are higher, so that lines are broadened by collisions between the atoms until they are smeared into a continuum. We may view a continuum spectrum as an emission spectrum in which the lines overlap with each other and can no longer be distinguished as individual emission lines. 

Absorption spectrum: When an atom absorbs energy its electrons can move from their ground state energy levels to higher energy levels. Each chemical element can only absorb certain wavelengths of light so it has a distinct absorption spectrum. An absorption spectrum occurs when light passes through a cold, dilute gas and atoms in the gas absorb at characteristic frequencies; since the re-emitted light is unlikely to be emitted in the same direction as the absorbed photon, this gives rise to dark lines (absence of light) in the spectrum. 

Emission spectrum: When electrons in an element are excited they jump to higher energy levels. As the electrons fall back down to their ground state they emit light. This light of certain unique wavelengths for each individual atom appears as discrete lines of the emission spectrum and can be used to identify elements. Each chemical element can only emit certain wavelengths of light. Thus, emission spectra are produced by thin gases in which the atoms do not experience many collisions (because of the low density). The emission lines correspond to photons of discrete energies that are emitted when excited atomic states in the gas make transitions back to lower-lying levels. 
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Uniqueness of absorption & emission spectra: Each individual element can absorb and emit only specific wavelengths of light. The reason for this is that each individual element has specific electron arrangements within specific energy levels and orbitals specific to that element. Absorption & emission spectra are unique and individual to each element and can be used to identify an element much like finger printing is unique to an individual. The flame test is used to visually determine the identity of an unknown metal or metalloid ion based on the characteristic color the salt turns the flame of a Bunsen burner. The heat of the flame converts the metal ions into atoms which become excited and emit visible light. What happens is that the valence electrons absorb energy and move to higher energy levels and orbitals, in the process of falling back to their ground state they emit visible light. This light can be used to differentiate between some elements.
Absorption and Emission Spectra: http://jersey.uoregon.edu/vlab/elements/Elements.html
Practice Skill:
1. Explain why an atom can absorb only certain wavelengths of light.
Claim: 
Evidence:

Reasoning:

2. In the blanks provided write down if the atom is absorbing or emitting light energy.

[image: image28.emf]                              [image: image29.emf]
___________________________  
                 _____________________________
3. Which is the ground-state electron configuration for [image: image30.png]24 Cr
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4.  Elements can be identified by the color of light they give off. Recognition of these colors is the basis for a simple analytical method called a flame test. The flame test was perfected by Robert Bunsen a German chemist. A solution of metal chloride is produced by dissolving a metal in hydrochloric acid. A platinum or nichrome wire is dipped in the solution and then held in the hot blue flame of a Bunsen burner. How does each element emit its own characteristic color?

A. Valence electrons absorb energy and shift to a higher energy level, when they fall
    back to their ground state they emit visible light.

B. Excited valence electrons absorb energy and shift to an even higher energy level, this    

    process emits visible light.

C. Ground state valance electrons absorb energy and stay at their lowest energy level, this 
    process emits visible light.

D. Excited valence electrons absorb energy and remain at their highest energy levels, this 
    process emits visible light.
5. Consider the spectrum for an atom in a flame test; how is the light given off produced?

A. Electrons absorb energy as they move to an excited state.

B. Electrons release energy as they move to an excited state.

C. Electrons absorb energy as they return to the ground state.

D. Electrons release energy as they return to the ground state.
6. An electron energy level diagram for a hydrogen atom is shown below. 

      [image: image52.png]Energy Levels for Hydrogen Electron
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Which electronic transition results in a photon with the highest energy?

B. level 6 to level 3

C. level 6 to level 5

D. level 3 to level 2

E. level 4 to level 1

7. Explain what is happening when an electron from a hydrogen atom changes from n = 2 energy level to 
     n =    5 energy level.

A. As the electron moves from level 2 to level 5 it must emit light energy.

B. In order for an electron to move from level 2 to level 5 it must absorb energy.

C. In order for an electron to move from level 2 to level 5 it must release energy.

D. All electrons can only stay in their own energy levels.

8. Four students perform flame tests in a laboratory. The table below summarizes their experimental findings. Which student’s flame has the highest energy?




               Flame Test Results

	Student Name
	Color Emitted

	Thomas
	Red

	Anna
	Green

	Cecilia
	Yellow

	Devin
	Blue





A. Thomas




B. Anna




C. Cecilia




D. Devin
9. Contrast the mechanism of energy changes and explain the appearance of absorption and emission spectra. 
_______________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________
C1.1E, C2.4a, C2.4c, C2.4d: Flame Test
Problem: Can elements be identified by using a flame test?

Materials: (per group)

· Nichrome or platinum wire

· Cork

· Bunsen burner

· Dilute hydrochloric acid

· Distilled water

· 8 test tubes

· Test tube rack

· 8 chloride test solutions

· Safety goggles

Procedure:

1) Label each of the test tubes with one of the following compounds: LiCl, CaCl2, KCl, CuCl2, SrCl2, NaCl, and BaBr2, unknown.

2) Pour 5 mL of each test solution in the correctly labeled test tube. Be sure to put the correct solution in each labeled test tube. 

3) Push on end of a piece of nichrome or platinum wire into a cork. Then blend the other end of the wire into a tiny loop.

4) Clean the wire by dipping it into the dilute hydrochloric acid and then into the distilled water. Holding the cork, heat the wire in the blue flame of a Bunsen burner until the wire is glowing and you no longer see colors in the burning flame. 

5) Dip the clean wire into the first test solution. Hold the wire at the tip of the inner cone of the burner flame. In the data table record the color given to the flame.

6) Clean the wire by repeating step 4.

7) Repeat step 5 & 6 for each of the other six known solutions. Remember to clean the wire after testing each solution.
8) Obtain an unknown solution form your teacher. After cleaning the wire, repeat the flame test for this compound. 

Data Table:
	Compound
	Color of Flame

	Lithium Chloride  LiCl
	

	Calcium Chloride CaCl2
	

	Potassium Chloride KCl
	

	Copper Chloride CuCl2
	

	Strontium Chloride SrCl2
	

	Sodium Chloride NaCl
	

	Barium Chloride BaCl2
	

	Unknown
	


Conclusion:

1. Is the flame color a test for the metal or for the chloride in each compound? Explain your answer.

______________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________

2. Why is it necessary to carefully clean the wire before testing each solution?

_______________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________________

3. What metal is present in your unknown? How do you know?

__________________________________________________________________________________________________________________________________________________________________________

4. How can you identify a metal using a flame test?

_________________________________________________________________________________________________________________________________________________________________________

5. What do you think would happen if your test solution were a mixture of two metals?

__________________________________________________________________________________________________________________________________________________________________________

Could each metal be identified?

__________________________________________________________________________________________________________________________________________________________________________
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